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LIST OF THE ELEMENTS WITH THEIR SYMBOLS 
fot Alans 1 cian ann bbadash aria beac hn ile acedeseas acai at hee: 


AND ATOMIC MASSES 


+Approximate values of atomic masses for radioactive elements are given in parentheses. 


Atomic Atomic Atomic Atomic 

Element Symbol number masst Element Symbol number masst 
Actinium Ac 89 (227) Neon Ne 10 20,18 
Aluminum Al 13 26.98 Neptunium Np 93 (237) 
Americium Am 95 (243) Nickel Ni 28 58.69 
Antimony Sb 51 121.8 Niobium Nb 41 92.91 
Argon Ar 18 39,95 Nitrogen N 7 14.01 
Arsenic As 33 74.92 Nobelium No 102 (253) 
Astatine At 85 (210) Osmium Os 76 190.2 
Barium Ba 56 137.3 Oxygen oO 8 16.00 
Berkelium Bk 97 (247) Palladium Pd 46 106.4 
Beryllium Be 4 9,012 Phosphorus es 15 30.97 
Bismuth Bi 83 209.0 Platinum Pt 78 195.1 
Boron B 5 10.81 Plutonium Pu 94 (242) 
Bromine Br 35 79.90 Polonium Po 84 (210) 
Cadmium Cd 48 112.4 Potassium K 19 39.10 
Calcium Ca 20 40.08 Praseodymium Pr 59 140.9 
Californium Cf 98 (249) Promethium Pm 61 (147) 
Carbon Cc 6 12.01 Protactinium Pa 91 (231) 
Cerium Ce 58 140.1 Radium Ra 88 (226) 
Cesium Cs 55 132.9 Radon Rn 86 (222) 
Chlorine cl 17 35.45 Rhenium Re 75 186.2 
Chromium Cr 24 52.00 Rhodium Rh 45 102.9 
Cobalt Co 27 58.93 Rubidium Rb 37 85.47 
Copper Cu 29 63.55 Ruthenium Ru 44 101.1 
Curium Cm 96 (247) Samarium Sm 62 150.4 
Dysprosium Dy 66 162.5 Scandium Se 21 44.96 
Einsteinium Es 99 (254) Selenium Se 34 78.96 
Erbium Er 68 167.3 Silicon Si 14 28.09 
Europium Eu 63 152.0 Silver Ag 47 107.9 
Fermium Fm 100 (253) Sodium Na 11 22.99 
Fluorine EF 9 19.00 Strontium Sr 38 87.62 
Francium Fr 87 (223) Sulfur Ss 16 32.07 
Gadolinium Gd 64 RO Tantalum Ta 73 180.9 
Gallium Ga 31 69.72 Technetium Te 43 (99) 
Germanium Ge 32 72.59 Tellurium Te 52 127.6 
Gold Au 79 197.0 Terbium Tb 65 158.9 
Hafnium Hf 72 178.5 Thallium Tl 81 204.4 
Helium He 2 4.003 Thorium Th 90 232.0 
Holmium Ho 67 164.9 Thulium Tm 69 168.9 
Hydrogen H 1 1.008 Tin Sn 50 118.7 
Indium In 49 114.8 Titanium Ti 22 47.88 
Iodine I 53 126.9 Tungsten Ww 74 183.9 
Iridium Ir 24) 192.2 Unnilennium Une 109 (266) 
Iron Fe 26 55.85 Unnilhexium Unh 106 (263) 
Krypton Kr 36 83.80 Unniloctium Uno 108 (265) 
Lanthanum La 57 138.9 Unnilpentium Unp 105 (260) 
Lawrencium Lr 103 (257) Unnilquadium Ung 104 (257) 
Lead Pb 82 207.2 Unnilseptium Uns 107 (262) 
Lithium Li 3 6.941 Uranium U 92 238.0 
Lutetium Lu 71 175.0 Vanadium Vv 23 50.94 
Magnesium Mg 12 24.31 Xenon Xe 54 131.3 
Manganese Mn 25 54.94 Ytterbium Yb 70 173.0 
Mendelevium Md 101 (256) Yttrium ¥ 39 88.91 
Mercury Hg 80 200.6 Zine Zn 30 65.39 
Molybdenum Mo 42 95.94 Zirconium Zr 40 91.22 

i Neodymium Nd 60 144.2 
ett 

*All atomic masses have four significant figures. These values are recommended by the Committee on peace of Chemistry, International 
Union of Pure and Applied Chemistry. ‘ 
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Improved Organization 


The organization of this edition reflects the recommendations of many users of (a= 
second edition. The following changes, I believe, further improve the development of 
concepts in a logical order that also accommodates the experimental side of chemistry - 


@ Thermochemistry—including enthalpy, calorimetry, and Hess’s Law—is now pre 
sented in Chapter 4. Placed directly after the chapter on stoichiometry, therm— 
chemistry can be used effectively to follow up on the use of chemical equations an <4 
the application of mass relationships in chemical reactions. 

@ What were previously two separate chapters on metallurgical processes and me 
and their compounds have been combined into a single chapter (Chapter 20) 
combination gives students a balanced picture by presenting the physical and che 
cal properties of metals and metallic compounds together with their applications anct 
uses in modern society. 

@ A chapter on synthetic and natural polymers has been added for those who woulci 
like to draw attention to this actively developing area in the chemical indusiry - 


The chapters of this edition follow a generally accepted sequence that users of the 
text have found to correspond well with their individual syllabuses while stil] allowin £ 
for flexibility in class assignments. To coordinate with laboratory work, an expanded 


section on inorganic nomenclature is introduced early, in Chapter 2: stoichiometry is 
presented in Chapter 3; and energy changes in chemical reactions are covered in Chap— 
ter 4. The discussion of the gaseous state in Chapter 5 begins with a brief description of 
the states of matter, which creates an appropriate bridge for those who prefer to cover 
gases with liquids and solids (Chapter 10). Chapter 6 takes up the electronic structure 
of atoms and provides a logical introduction to the discussion of periodic relations!sip s 
among the elements in the following chapter. Chapter 8 presents an elementary treat — 
ment of ionic and covalent bonding, while Chapter 9 concentrates on molecular struc — 
ture and modern theories of covalent bonding. Chapter 10 emphasizes the effects o © 
intermolecular forces on the properties of liquids and solids. The following chapie3- 
discusses the physical properties of solutions. Oxidation—reduction reactions are cov — 
ered in Chapter 12, when students have some understanding of electronegativity aici 
various types of bonding. Redox reactions may be covered earlier in the order of topics: 
if the instructor provides a brief explanation of the concepts needed to comprehencd 
what an oxidation number is. 

As a group, Chapters 13-19 deal with the quantitative aspects of chemistry. Evers 
the most abstract topics, such as thermodynamics, are presented at a level that @& 
beginning student can understand. Chapters 20-22 cover inorganic descriptive chemis— 
try, and Chapters 23 and 24 introduce organic chemistry and synthetic and natural 
polymers. These chapters bring together many of the principles and facts explained 
earlier in the text. The last chapter, nuclear chemistry, can be covered much earlier in 
the course. 


Problem-Solving Pedagogy 


Problem solving is the nemesis of both students and professors. The pedagogy in 
this book incorporates the ideas of reviewers who see a need for additional support in 
this quantitative area of chemistry. 
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In this edition, about 250 worked examples are integrated into the text discussion by 
a statement describing the particular concept, technique, or calculation that is to be 
illustrated. This procedure gives students some idea of the type of problem to be solved 
before they have to confront the logic necessary to solve it. Each example ends with a 
reference to similar problems at the end of the chapter so that students have the oppor- 
tunity to practice a particular problem-solving technique. 

The end-of-chapter exercises consist of more than 2000 review questions, prob- 
lems, and miscellaneous problems. One-third of these exercises are new to this edition. 
Prominent headings in the exercise section indicate the major topics and concepts 
covered in the chapter. Under each heading are review questions and problems. 

The review questions cover the concepts that explain the *‘why’’ of chemistry. To 
answer them, the student must review the conceptual logic needed to perform the 
calculations. The problems cover the quantitative, experimental “‘how’’ of chemistry 
that yields numerical results. The problems test the students’ ability to apply the logic 
they have just reviewed as they perform specific calculations. The miscellaneous prob- 
lems include approximately 270 unkeyed multi-concept problems drawn from different 
parts of the chapter. The miscellaneous problems give students practice in identifying 
the concept, topic, or technique to be applied—just as they would have to do on a test 
or exam. 


Readability 


I have benefited from the feedback from students and professors regarding my 
explanations and descriptions of each and every concept, term, process, and reaction. 
The narrative has been revised wherever appropriate to provide smooth transitions 
from topic to topic, to define complex terms in a straightforward and clear manner, and 
to explain difficult concepts carefully. Because users of the book have found my 
analogies effective in teaching abstract concepts, I have included them again in the 
third edition. For example, note on p. 626 the explanation of the leveling effect that 
makes reference to weight lifting. 


Real-World Applications 


One of the joys of learning chemistry is seeing how chemical principles can be 
applied to everyday experience. The Chemistry in Action sections show the relevance 
of chemistry to medical, biological, technological, and engineering fields, as well as 
current news topics. Since I received so many favorable comments about these sections 
and have been encouraged to add more, you will find 22 new essays in this edition. 
Some of the new subjects explored are: salvaging the recorder tape from the Chal- 
lenger space shuttle, lasers, optical fibers, volcanoes, the thermodynamics of a rubber 
band, and tobacco radioactivity. 


Balance of Theory and Descriptive Chemistry 


In response to the recommendations of reviewers, I have included in this edition a 
generous amount of information about the reactions that take place among elements 
and compounds. This descriptive material provides sound support for the principles on 
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which chemistry is based and clearly substantiates the important interrelationship b&— 
tween experimentation and fact. I have incorporated descriptive chemistry meanin =— 
fully into the discussion of principles, as I hope will be evident, especially in ChapiexS 
3, 7, 12, and 20-22. 


Attractive and Functional Format 


Over two years ago the publisher and I met with a group of chemistry prof 


who closely examined a tentative book design with an eye toward determining waat 
was functional and pedagogically effective. The result of their comments and concer22S 
is what you see between the covers of this book. The headings are deliberately »os i— 
tioned and sized to organize material in a logical fashion for the reader. The work <2 
examples are tinted light blue to make them readily evident. The color illustr mS 
show reactions, data, and events that are difficult or impossible to describe acews ic iy 
with words alone. Wherever appropriate, there is consistent use of color to illustra t= 
similar concepts. 

To make the third edition, we conducted our research thoroughly and followe .2p> 
on the results attentively. We hope that the third edition truly reflects chemis in 
action. 

SUPPLEMENTS 

The supplements available for use with this text are: 

Student Solutions Manual by Philip C. Keller, Jill L. Keller, and Raymoracd 
Chang. This supplement contains worked solutions for half of the problems in the (o» © - 
Directed toward a student audience, this innovative manual includes a three-pronz= a 
approach to problem analysis. The first part is an introductory discussion wit! <t 
references, comments, and hints. The second part includes questions that tesi ‘*2<= 


student’s understanding of the logic behind the problem. The third part contains afte »-— 
thoughts on the problem and additional questions to encourage students to consid =x 
other facets of that kind of problem. 

Microscale Laboratory Manual for General Chemistry by Jerry L. Mills a a 
Michael Hampton. Designed for use with any standard laboratory manual, this supp! > — 
ment consists of general chemistry experiments based on microscale techniques (!i at 
address contemporary concerns of cost, safety, and disposal in a positive manner. Tha— 
accompanying instructor’s manual includes detailed instructions for obtaining supplic s 
and performing microscale techniques. 

Study Guide by Kenneth W. Watkins. This valuable ancillary includes study objec — 
tives, a review of important concepts, detailed methods for solving problems where 
appropriate, true—false questions, and three sets of self-test questions for each chapte x _ 

Instructor’s Manual by Raymond Chang and Philip C. Keller. Available upory 
request from the publisher, this manual includes for each chapter: a brief explanation o ¢ 
the chapter content, learning goals, a list of problems for which answers are provide q 
in the answer section at the back of the textbook, a list of the more difficult problems _ 
and worked solutions and answers to problems that are not answered in the Studerz z 
Solutions Manual. 
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1 / TOOLS OF CHEMISTRY 


hemistry is an active and continually growing science that has vital importance to our 

world, in both the realm of nature and the realm of society. Its roots are ancient, but 

as we will soon see, chemistry is every bit a modern science, an experimental science 
that rests on a foundation of precise vocabulary and established methods. 


1.1 Chemistry Today 


As recently as thirty years ago, the word ‘‘chemist’’ conjured up visions of son es am8 
a white coat, working busily in the laboratory, with test tubes and beakers in his | <ax2G 
Bunsen burners aglow. This image, dear to the hearts of film makers, is ov). <= - 
Great advances made during the last few decades have transformed chemis‘ rhe 
science of chemistry can still be defined as the study of the materials that mak thre 
universe and the changes these materials undergo. But not all chemists today $< ix 
laboratories full of bubbling solutions, and we can no longer describe what a mist 
does in just a few words. For example, a chemist may develop new drugs or 2. > ta 1— 
tural chemicals, measure the speed of chemical and biological reactions, or pi the 
structure and function of protein molecules. Some chemists don’t even wear » 2 ite 
coats or spend much time in the laboratory making solids appear miraculous|y © ~<or22 
solutions. Today’s chemist may spend at least part of his or her time sitting be) “<= = 
computer studying molecular structure and properties, or using sophisticated elect > sa ic 
equipment to analyze pollutants from auto emissions or toxic substances in the en) “<> 2a — 
ment. In fact, chemistry is so diversified that a person would no longer say sim; aN 
am a chemist.’’ He or she would be identified as, for example, an analytical chem =, = 
physical chemist, an inorganic chemist, a biochemist, an organic chemist, an a; u}~— 
tural chemist, or an environmental chemist. 

Some science historians believe that the word “‘chemistry’’ derives from the 2k 
word chémeia, meaning ‘‘the art of metalworking.’’ Obviously, modern cheniis i e-y> 
involves a great deal more than this. Chemistry has become an interdisciplinar, = <~ j— 
ence, and today no scientific work can escape chemistry. Many of the frontic:s iy 
medicine and biology are being explored at the level of atoms and molecules, w+ ch 
are the tiny bits of matter on which the study of chemistry is based. Chemists are n<>\~> 
involved in the design and synthesis of drugs to treat a variety of diseases and ta 


combat cancer. In addition, there is great public and governmental concern with kee p-— 
ing our environment clean and with finding new sources of energy. Such problems Cay yy 
be solved only by the inventive application of what we know about the chemistry of £4 e 
systems involved. And most industries, whatever their products, are dependent on Tha 
work of chemists. For example, through years of research, chemists have learned to 
manufacture polymers (molecules that contain thousands of atoms) of various sizes aay 
shapes that are used in the clothing, cooking utensils, and toys in our househol@ x _ 
Chemists devise new products and better ways to make old ones. They monitor The 
composition of raw materials that enter a manufacturing plant and check the quality oe 
the finished product that goes out. 

As with any discipline, we must learn the necessary vocabulary before we can be@ jz, 


1.2 SCIENCE AND ITS METHODS 


to understand and appreciate how the principles of chemistry are applied to practical 
systems. The first twelve chapters of this book provide the basic definitions in chemis- 
try, as well as the tools we will need to study the quantitative relationships in chemical 
reactions, the structure and properties of atoms and molecules, and the forces responsi- 
ble for the existence of gases, liquids, and solids. Once we have acquired a basic 
knowledge of chemistry, we can take a closer look at many different topics dealing 
with the physical and chemical properties of matter. Throughout this book we will see 
that chemistry, by virtue of its interdisciplinary nature, is concerned with subjects 
ranging from the synthesis of ammonia for fertilizer, the cracking of petroleum, the 
study of air pollution, and the understanding of biological processes to dental filling, 
photography, and even ice skating. 


1.2 Science and Its Methods 


All sciences, including the social sciences, emplgy variations of what is called the 
scientific method—a systematic approach to research. For example, a psychologist 
who wants to know how noise affects people’s ability to learn chemistry and a chemist 
interested in measuring the heat given off when hydrogen gas burns in air would follow 
roughly the same procedure in carrying out their investigations. In this procedure, the 
first step involves carefully defining the problem. The next step includes performing 
experiments, making careful observations, and collecting bits of information about the 
system. The bits of information are called ‘‘data.’’ The word ‘‘system’’ here means 
that part of the universe that is under investigation. Referring to the two examples 
above, the system may be a group of college students or a mixture of hydrogen and air. 
The information obtained may be both qualitative, consisting of general observations 
about the system, and quantitative, comprising numbers obtained by various measure- 
ments of the system. 

When enough information has been gathered, a hypothesis—a tentative explanation 
for a set of observations—can be formulated. Further experiments are devised to test 
the validity of the hypothesis in as many ways as possible. 

After a large amount of data has been collected, it is often desirable to summarize 
the information in a concise way. A law is a concise verbal or mathematical statement 
of a relation between phenomena that is always the same under the same conditions. 
As mentioned earlier, hypotheses provide only tentative explanations that must be 
tested by many experiments. If they survive such tests, hypotheses may develop into 
theories. A theory is a unifying principle that explains a body of facts and those laws 
that are based on them. Theories too are constantly being tested. If a theory is proven 
incorrect by experiment, then it must be discarded or modified so that it becomes 
consistent with experimental observations. 

Perhaps the best way to appreciate the scientific method is to follow the steps of 
scientists in solving a particular problem. One example is the question of what hap- 
pened to the dinosaurs, as described in the Chemistry in Action section on p. 26. 

Scientific progress is seldom, if ever, made in a rigid, step-by-step fashion. Some- 
times a law precedes a theory; sometimes it is the other way around. Two scientists 
may start working on a project with exactly the same objective, but will take drastically 
different approaches. They may be led in vastly different directions. Scientists are, 
after all, human beings, and their modes of thinking and working habits are very much 
influenced by their background, training, and personalities. 
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When we study the development of science over the last two to three hundred y= axr> 
we find that it is often irregular. and, sometimes, even illogical. Great discoveries are 
usually the result of the cumulative contributions and experience of many work @* = 
even though the credit for formulating a theory or a law is usually given to only ore 
individual. There is also, of course, an element of luck involved in scientific discow er 
ies. But it has been said that ‘“‘chance favors the prepared mind.”’ It takes an alert and 
well-trained person to recognize the significance of an accidental discovery and to take 
full advantage of the fortunate finding. More often than not, the public learns onl SY of 
spectacular scientific breakthroughs. For every success story, however, hundreds Of 
scientists may have spent years working on projects that seemed promising at first but 
turned out to be dead ends, or in which positive achievements were made only after 
many wrong turns and at such a slow pace that they went unheralded. It is the love Of 
the search that keeps many scientists in the laboratory. 


The Study of Chemistry 


Chemistry is largely an experimental science. Most chemists work in a laboratory of 
one kind or another. In a broad sense we can view chemistry on three levels. The f£ixSt 
level is observation. At this level the chemist observes what actually takes place iza =an 
experiment—a rise in temperature, a change in color, evolution of a gas, and so ©. 
The second level is representation. The chemist records and describes the experii za mit 
in scientific language using shorthand symbols and equations. This shorthand hel;>s to 
simplify the description and establishes a common base with which chemists can C <> x%- 
municate with one another. The third level is interpretation, meaning that the che zy. ast 
attempts to explain the phenomenon (Figure 1.1). 

All of us have witnessed the rusting of iron at one time or another (Figure 1.2). “ E Fris 
is a process that takes place in the macroscopic world, where we deal with things t Frat 
can be seen, touched, weighed, and so on. If we were studying the rusting of rOra as 
a chemistry project, our next step would be to describe this process with a “‘cherma ic al 
equation’’ that tells us how rust is formed from iron, oxygen gas, and water, uncig==- aq 
given set of conditions. Lastly, we would address questions like ‘‘What actually Ea <a g>- 
pens when iron rusts?’’ and ‘‘Why does iron rust but gold does not, under siteai 2 ar 
conditions?’ To answer these and other related questions, we have to know the be Fa za ~- 


FIGURE 1.1 The three levels of studying chemistry and their relationships. Observation <2 =~, Is 
with events in the macroscopic world; atoms and molecules constitute the microscopic W><> »~ Zz 4 
Representation is a scientific shorthand for describing an experiment in symbols and cher>z = —~ / 
equations. Chemists use their knowledge of atoms and molecules to explain an observed p> he 
nomenon. 
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ior of the fundamental units of substances, which are atoms and molecules. Because 


atoms and molecules are extremely small compared to macroscopic objects, the inter- 
pretation of an observed phenomenon takes us into the microscopic world. 

The study of chemistry requires that we consider both the macroscopic and the 
microscopic worlds. The data for chemical investigations most often come from large- 
scale phenomena and observations. But the testable hypotheses, theories, and explana- 
tions, which make chemistry an experimental science, are frequently expressed in 
terms of the unseen and partially imagined microscopic world of atoms and molecules. 

Some students find it confusing at first that the instructor or the textbook seems to 
be continually shifting back and forth between these two distinctly different ways of 
considering our physical universe. It has been said that often a chemist sees one thing 
(in the macroscopic world) and thinks another (in the microscopic world). For exam- 
ple, a chemist will look at the rusted car in Figure 1.2, and think about the basic 
properties of individual units of iron and how these units interact to produce the ob- 
served change. Welcome to this fascinating ‘‘dual world’’ of chemistry! 


1.3 Some Basic Definitions 


Words that we use in everyday life often take on a new meaning in a scientific context. 
In this course you will soon learn how a number of terms, some familiar and some 
unfamiliar, are used in chemistry. These terms are usually best introduced and ex- 
plained as they are needed, in their proper context. However, a few of them are so 
important and so fundamental that they are necessary to understanding nearly all the 
subjects discussed in this book. These terms are briefly introduced and defined here. 


Matter 
Anything that occupies space and has mass is called matter. Matter is all around us. 


Matter includes things we can see and touch (such as water, earth, and trees) as well as 
things we cannot (such as air). 


FIGURE 1.2) A badly rusted 
car. Corrosion of iron costs the 
U.S. economy tens of billions of 
dollars every year. 
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Mass and Weight 


Mass is a measure of the quantity of matter in an object. The terms ‘‘mass”’ and 
“‘weight’’ are often used interchangeably, although, strictly speaking, they refexs ©O 
different quantities. In scientific language, weight refers to the force that gravity a-@7 2° 
on an object. An apple that falls from a tree is pulled downward by Earth’s grav © - 
The mass of the apple is constant and does not depend on its location, but its we @ ght 


does. For example, on the surface of the moon the apple would weigh only onc-s 8 >< th 
what it does on Earth, since the moon’s gravity is only one-sixth that of Earth, Phas #5 
why astronauts are able to jump.about rather freely on the moon’s surface despite /= 2— #7 


bulky suits and equipment. The mass of an object can be determined readily. © f2 4 
balance, and this process, oddly, is called weighing. 


Substances and Mixtures 


A substance is a form of matter that has a definite or constant composition (the )\) + —>GF 
and type of basic units present) and distinct properties. Examples include wat os 5 te 
monia, table sugar (sucrose), gold, oxygen, and so on. Substances differ from «sre 
another in composition and can be identified by their appearance, smell, tas! and 
other properties. At present, the number of known substances exceeds 5 millio: md 
the list of new substances is growing rapidly. 

A mixture is a combination of two or more substances in which the subs: Hes 
retain their identity. Some familiar examples are air, soft drinks, milk, and cc =rat. 
Mixtures do not have constant compositions; samples of air collected over two ¢:. #<="— 
ent cities will probably have different compositions, as a result of their differencs>S is 
altitude, pollution, and so on. 

Mixtures are either homogeneous or heterogeneous. When a spoonful of «a =zar 
dissolves in water, the composition of the mixture, after sufficient stirring, is the «= »»27< 
throughout the solution. This solution is a homogeneous mixture. If sand is =ed 
with iron filings, however, the result is a heterogeneous mixture (Figure 1.3) !ex = 
heterogeneous mixture, the individual components remain physically separate 272 
can be seen as separate components. Any mixture, whether homogeneous or heter <= <> — 
neous, can be put together and then separated by physical means into pure compo!'= rx ts 
without changing the identity of the components. Thus, sugar can be removed fron «Fae 


homogeneous mixture we described above by evaporating the solution to drynw=s< | 
Condensing the water vapor that comes off will give us back the water componen!. Ave 
can use a magnet to remove the iron filings from the sand, since sand is not attracie-2 te, 
the magnet [see Figure 1.3(b)]. After separation, there will have been no change in &By = 
composition of the substances making up the mixture. 


Physical and Chemical Properties 


Substances are characterized by their individual and sometimes unique properties. "E~p, =~ 
color, melting point, boiling point, and density of a substance are examples of its 
physical properties. A physical property can be measured and observed witlkee>, —_ 
changing the composition or identity of a substance. For example, we can measure ¢E, i 
melting point of ice by heating a block of ice and recording the temperature at which 
the ice is converted to water. But since water differs from ice only in appearance ang 
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(a) (b) 


FIGURE 1.3 Separating iron filings from a heterogeneous mixture. The same technique is used 
on a larger scale to separate iron and steel from nonmagnetic objects such as aluminum, glass, 
and plastics. 


not in composition, this is a physical change; we can freeze the water to recover the 
original ice. Therefore, the melting point of a substance is a physical property. Simi- 
larly, when we say that hydrogen gas is lighter than air, we are referring to a physical 
property. On the other hand, the statement ‘‘Hydrogen gas burns in oxygen gas to form 
water’’ describes a chemical property of hydrogen because in order to observe this 
property we must carry out a chemical reaction, in this case burning. After the reac- 
tion, the original hydrogen and oxygen gases will have vanished, and all that will be 
left is water. We cannot recover the hydrogen from the water by a physical change such 
as boiling or freezing the water. 

Every time we hard-boil an egg for breakfast, we are causing chemical changes. 
When subjected to a temperature of about 100°C, the yolk and the egg white undergo 
reactions that alter not only their physical appearance but their chemical makeup as 
well. When eaten, the egg is altered again by substances in the stomach called en- 
zymes. This digestive action is another example of a chemical reaction. The specific 
way such a process is carried out depends on the chemical properties of the specific 
enzymes and of the food involved. 

All measurable properties of matter fall into two categories: extensive properties 
and intensive properties. The measured value of an extensive property depends on how 
much matter is being considered. Mass, length, and volume are extensive properties, 
More matter means more mass. Values of the same extensive property can be added 
together. For example, two blocks each with the same mass will have a combined mass 
that is the sum of the two separate masses, and the volume occupied by the water in 
two beakers is the sum of the volumes of the water in each of the individual beakers. 
The value of an extensive quantity depends on the amount of matter. 

The measured value of an intensive property does not depend on how much matter 
is being considered. Temperature is an intensive property. Suppose that we have two 
beakers of water at the same temperature. If we combine them to make a single 
quantity of water in a larger beaker, the temperature of the larger quantity of water will 
be the same. Unlike mass and volume, temperature is not additive. 
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Atoms and Molecules 


Atoms and molecules will be defined formally in Chapter 2. Here you simply ned #0 
know that all matter is composed of atoms of different kinds, combined in poaary 
different ways. Atoms are the smallest possible units of a substance. Molecules *° 
made up of atoms held together by special forces. 


Elements and Compounds 


Substances can be either elements or compounds. An element is a substance 242<" 
cannot be separated into simpler substances by chemical means. At present, 109 
elements have been positively identified. Eighty-three of them occur naturallsy << 
Earth. The others have been created by scientists in nuclear reactions (about whicla WOU 
will learn more later). 

The first letter of the symbol for an element is always capitalized, but the se<><> ad 
and third letters are never capitalized. For example, Co is the symbol for the cle sxa<= ml 
cobalt, whereas CO is the formula for a molecule of carbon monoxide. Tab\= 1 .l 
shows some common elements and their symbols. The symbols of some elements =r 
derived from their Latin names—for example, Au from aurum (gold), Fe from je s-7~2<an 
(iron), and Na from natrium (sodium). Special three-letter element symbols have t>@<n 
proposed for the most recently synthesized elements. 

As we mentioned earlier, water can be formed by burning hydrogen in oxygen. ~E-the 
atoms of hydrogen and oxygen combine to form water, which has properties (hat <awre 
distinctly different from those of the starting materials. Thus, water is an exampl> <>f a 
compound, a substance composed of atoms of two or more elements chemically u x2 £ed 
in fixed proportions. In every water unit, there are two H atoms and one O atom. “LE Fris 
composition does not change, regardless of whether the water is in the United Stat=s _ jn 
Outer Mongolia, or on Mars. Unlike mixtures, compounds cannot be separatel irato 
their pure components, which are the atoms of the elements present, except by cla = rx j- 
cal methods. 

Elements, compounds, and other categories of matter are summarized in Figure = _ 4. 


TABLE 1.1 Some Common Elements and Their Symbols 
Caen nnrrrrrrrrrrreeeeeeeeeeeeeeeeeeeeeeereeeee rere I 8 8 


Name Symbol Name Symbol Name Syrrz Fol 
ii ORE eM aco! 
Aluminum Fluorine F Oxygen <> 
Arsenic - Gold Au Phosphorus | ad 
Barium Ba Hydrogen H Platinum me 
Bismuth Bi Iodine I Potassium i <i 
Bromine Br Iron Fe Silicon Si 
Calcium Ca Lead Pb Silver As 
Carbon GC Magnesium Mg Sodium INN = 
Chlorine cl Manganese Mn Sulfur S 
Chromium (Gr Mercury Hg Tin Sn 
Cobalt Co Nickel Ni Tungsten VW 
Copper Cu Nitrogen N Zinc ay 


EEE TT FE ee ee 
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Separation by 
physical methods 


Separation by 


chemical methods 


FIGURE 1.4 Classification of matter and relationships between mixtures and pure substances and between compounds and 
elements. 


1.4 Chemical Elements and the Periodic Table 


The beginning of a systematic arrangement of the elements occurred in the nineteenth 
century, when chemists began to realize that many elements show very strong similari- 
ties to one another and demonstrate regularities in their physical and chemical behay- 
ior. This knowledge led to the development of the periodic table—a tabular arrange- 
ment of the elements (Figure 1.5). The elements in a column of the periodic table are 
known as a group or family. Each horizontal row of the periodic table is called a 
period. 

The elements can be divided into three categories—metals, nonmetals, and metal- 
loids. A metal is a good conductor of heat and electricity. With the exception of 
mercury (which is a liquid), all metals are solids at room temperature (usually desig- 
nated as 25°C). A nonmetal is usually a poor conductor of heat and electricity, and it 
has more varied physical properties than a metal. A metalloid has properties that fall 
between those of metals and nonmetals. 

For convenience, some element groups have special names. The Group JA elements 
(Li, Na, K, Rb, Cs, and Fr) are called alkali metals, and the Group 2A elements (Be, 
Mg, Ca, Sr, Ba, and Ra) are called alkaline earth metals. Elements in Group 7A (F, 
Cl, Br, I, and At) are known as halogens, and those in Group 8A (He, Ne, Ar, Kr, Xe, 
and Rn) are called noble gases (or rare gases). The names of other groups or families 
will be introduced later. 

Looking at Figure 1.5, we see that two horizontal rows of elements are set aside at 
the bottom of the chart. Actually, cerium (Ce) should come right after lanthanum (La), 
and thorium (Th) should come right after actinium (Ac). These two rows of metals are 
set aside from the main body of the periodic table to avoid making the table too wide. 

Figure 1.5 shows that the majority of known elements are metals, only seventeen 
elements are nonmetals, and eight elements are metalloids. The characteristic shape of 
the periodic table was originally devised to place elements with related physical and 
chemical properties near each other. Elements belonging to the same group resemble 
one another in chemical properties. In moving across any period from left to right, the 
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FIGURE 1.5 The positions of metals, nonmetals, and metalloids in a modern version of the periodic table. With the excep’. ->%e of 
hydrogen (H), nonmetals appear at the far right of the table. The elements are arranged according to the numbers above © #2 @ir 
symbols. These numbers are based on a fundamental property of the elements that will be discussed in Chapter 7. 


physical and chemical properties of the elements change gradually from metal § i<> to 
nonmetallic. The periodic table correlates the chemical behavior of the elemeni=:  jxy a 
systematic way and helps us remember and understand many facts. 


1.5 Measurement 


As mentioned earlier, chemistry is largely an experimental science and deals. jh 
things that can be measured. The measurements we make are often used in calcula t § <4 yg 
to obtain other related quantities. Our ability to measure properties depends toa Dzy y~ ge 
degree on the current state of technology. For instance, radiant energy from the win 
could not be measured before the invention of devices that could detect it. The sc@yy—~ or 
chemistry continually expands as new instruments increase the range and precisicy yy 


é of 
possible measurements. 
A number of common devices that you will be using in the laboratory enable y yyy ‘ss 


make simple measurements: The meter stick measures length or scale; the buret _ the 
pipet, the graduated cylinder, and the volumetric flask measure volume (Figure _ S): 
the balance measures mass; the thermometer measures temperature. i 

But suppose we want to know the mass of a single iron atom. Atoms are so Small 
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Graduated cylinder Volumetric flask 


FIGURE 1.6 Some common measuring devices found in a chemistry laboratory. These devices 
are not drawn to scale relative to one another. We will discuss the uses of these measuring 
devices in Chapter 3. 


that we cannot handle individual atoms, nor do we have balances sensitive enough to 
weigh lone atoms. We must therefore take an indirect approach. We can, for example, 
measure the mass of a piece of iron metal. If we know the total number of iron atoms 
present in the metal, we can calculate the mass of one iron atom as follows: 


mass of iron metal sample 


mass of one iron atom = 
total number of iron atoms present 
This approach is indeed plausible, as we will see in the next chapter. 

When we speak of measurements, we may be referring either to a macroscopic 
property, which is determined directly, or to a microscopic property on the atomic or 
molecular scale, which must be determined by an indirect method. A measured quan- 
tity is usually written as a number with an appropriate unit. To say that the distance 
between New York and San Francisco by car along a certain route is 5166 is meaning- 
less. We must say that the distance is 5166 kilometers. The same is true in chemistry; 
units are essential to stating a measurement correctly. 


1.6 Units of Measurement 


For many years, the units used in science (including chemistry) were, in general, 
metric units, which were developed in France in the eighteenth century. Metric units 
are related decimally, that is, by powers of 10. This relationship is usually indicated by 
a prefix attached to the unit. 
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SI Units 


In 1960 the General Conference of Weights and Measures, the international autl><™ waly 
on units, proposed a revised and modernized metric system called the InternatZ OF zal 
System of Units (abbreviated SI, from the French Le Systeme /nternational d’ Um 4te>). 
Table 1.2 shows the seven SI base units. As we will see shortly, all other units needed 
for measurement can be derived from these base units. Like metric units, SI uni€S =are 
modified in decimal fashion by a series of prefixes like those shown in Table 1.5. NAc 
of these prefixes will be used often in this book, and you should become familiar ww ith 


their meanings. 


Length. The SI base unit of length is the meter (m). Other common units used ase The 
centimeter (cm), decimeter (dm), and kilometer (km): 


Icom =0.01m=1x 107m 
dm=0.lm=1x10'm 


1 km = 1000 m= 1 x 10° m 


Mass. The SI base unit of mass is the kilogram (kg). In chemistry, the most  # ©e- 
quently used unit for mass is the gram (g): 


1kg = 1000g=1x10°g 


Recall that length and mass are extensive properties. 


Temperature. The SI base unit of temperature is the kelvin (K). (Note the absca ea = of 
‘degree’ in the name and in the symbol.) The degree Celsius (°C), formerly ‘> x-z= aed 
the degree centigrade, is also allowed with SI. We will consider the relationship <>£ the 
Celsius temperature scale to the nonmetric Fahrenheit scale later in this chapter _ ~E~he 
Kelvin scale will play a major role when we study gas behavior (Chapter 5 > <=and 
thermodynamics (Chapter 18). 

Temperature is an intensive property: It does not depend on the amount of : x2 =e eter 
being considered. 


Time. The SI base unit of time is the second (s). Greater time intervals Czaxey pe 
expressed either with suitable prefixes, such as in kiloseconds (ks), or with the fa =a @ 9 jar 
units called minutes (min) and hours (h). 


Of the remaining base units, the mole (mol) and the ampere (A) are important f<> ghe 
practice of chemistry. They will be defined and explained in context later in this Lyx<y<5k, 
The seventh unit, the candela (cd), is not involved in the development of gry om 


: ral 
chemistry. 


Derived SI Units 


The units for a number of other quantities can be derived from the SI base units _ For 
example, from the base unit of length, we can define volume, and from the base yy Rrits 
of length, mass, and time, we can define energy. The following quantities a~—~ gs 


quently encountered in the study of chemistry. a 
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TABLE 1.2 SI Base Units 


Base Quantity Name of Unit Symbol 
NS SS 
Length Meter m 
Mass Kilogram kg 
Time Second s 
Electrical current Ampere A 
Temperature Kelvin K 
Amount of substance Mole mol 
Luminous intensity Candela cd 


TABLE 1.3 Some Prefixes Used with SI Units 


Prefix Symbol Meaning Example 
ST EY 
Tera- rE 1,000,000,000,000, or 10! 1 terameter (Tm) = 1 x 10!2 m 
Giga- G 1,000,000,000, or 10° 1 gigameter (Gm) = | X 10? m 
Mega- M 1,000,000, or 10° 1 megameter (Mm) = 1 X 10° m 
Kilo- k 1,000, or 10° 1 kilometer (km) = 1 x 10? m 
Deci- d 1/10, or 107! 1 decimeter (dm) = 0.1 m 

Centi- (33 1/100, or 1072 1 centimeter (cm) = 0.01 m 
Milli- m 1/1,000, or 1074 1 millimeter (mm) = 0.001 m 
Micro- i 1/1,000,000, or 10~° 1 micrometer (um) = 1 X 10°° m 
Nano- n 1/1,000,000,000, or 107° 1 nanometer (nm) = 1 xX 107° m 
Pico- p 1/1,000,000,000,000, or 107 !? 1 picometer (pm) = 1 X 10°! m 


Volume. Since volume is length cubed, its SI derived unit is m?. Related units are the 
cubic centimeter (cm?) and the cubic decimeter (dm*): 


1 cm? = (1 X 10°? m3 = 1 x 1076 m3 
1 dm? = (1 x 107! m)} = 1 x 1073 m3 


Another common (but non-SI) unit of volume is the liter (L). A liter is the volume 
occupied by I cubic decimeter. One liter of volume is equal to 1000 milliliters (mL), 
and one milliliter of volume is equal to one cubic centimeter: 


1L=1 dm 
ImL = 1x 107 L 
1 L = 1000 mL 


1 mL = 1 cm? 
Figure 1.7 compares the relative sizes of two volumes. This book mainly uses the 
units L and mL for volume. 
Velocity and Acceleration. By definition, velocity is the change in distance with 
time; that is, 
: change in distance 
velocity = ————__—_ 


time 


Acceleration is the change in velocity with time; that is, 
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FIGURE 1.7 Comparison of 
two volumes, 1 mL and 
1000 mL. 
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Volume: 1000 cm?; 1000 mL; 


k— tom 


ni 


change in velocity 


acceleration = ; 
time 
Therefore, velocity has the units of m/s (or cm/s), and acceleration has the units; s22/S? 
(or cm/s’). Velocity is needed to define acceleration, which in turn is required to G@ fairre 
force and hence energy. Both force and energy play important roles in many so&S im 


chemistry. 


Force. According to Newton’s second law of motion,+ 
force = mass X acceleration 


In common language, a force is often regarded as a push or a pull. Chemisty ais 
concerned mainly with the electrical forces that exist among atoms and molecul: “The 
nature of these forces will be explored in later chapters. The derived SI unit for jor~a Fs 
the newton (N), where 


1N=1 kg ms? 


Pressure. Pressure is defined as force applied per unit area; that is, 


force 


pressure = 

area 

The force experienced by any area exposed to Earth’s atmosphere is equal to the we <=> Fy . 

of the column of air above it. The pressure exerted by this column of air is cal leg 
atmospheric pressure. The actual value of atmospheric pressure depends on locati<ayy 

temperature, and weather conditions. A common reference pressure of one atmospl2 & »~ = 

(1 atm) represents the atmospheric pressure exerted by a column of dry air at sea I>. W 1 


+Sir Isaac Newton (1642-1726). English mathematician, physicist, and astronomer. Newton is regarde<q 

many as one of the two greatest physicists the world has known (the other is Albert Einstein). There eel 
hardly a branch of physics to which Newton did not make a significant contribution. His book, PrincE p> 5 oa <— 
published in 1687, marks a milestone in the history of science. i 
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and 0°C. The derived SI unit of pressure is obtained by applying the derived force unit 
of one newton over one square meter, which is the derived unit of area. A pressure of 
one newton per square meter (1 N/m?) is called a pascal (Pa).+ One atmosphere is now 
defined by the exact relation 


101,325 Pa 
101.325 kPa 


1 atm 


Energy. Energy is the capacity to do work or to produce change. In chemistry we are 
interested mainly in energy effects that result from chemical or physical changes. In 
mechanics, work is defined as ‘‘force x distance.’’ Since energy can be measured as 
work, we can write 


energy = work done 
= force x distance 


Thus the SI derived unit of energy has the units of newtons X meters (N m) or 
kg m*/s?. This SI derived energy unit is more commonly called a joule (J): 


1J = 1kg m7/s? 
=I1Nm 
Sometimes energy is expressed in kilojoules (kJ): 
1 kJ = 1000 J 


Traditionally, chemists have expressed energy in calories (cal). The calorie is defined 
by the relationship 


1 cal = 4.184 J 


In this book we will mainly use joules and kilojoules as the units for energy. 


Density. The density of an object is the mass of the object divided by its volume: 


; mass 
density = 
volume 
or 
m 
d=— 
V 


where d and V denote density and volume, respectively. Note that the density of a 
given material does not depend on the quantity of mass present. This is because V 
increases as m does, so that the ratio of the two quantities always remains the same for 
the given material. Thus density is an intensive quantity. 

The SI derived unit for density is the kilogram per cubic meter (kg/m). This unit is 
awkwardly large for most chemical applications. The unit g/cm? and its equivalent, 
g/mL, are more commonly used for solid and liquid densities. Because gas densities 
are often very low, we use the units of g/L: 


{Blaise Pascal (1623-1662). French mathematician and physicist. Pascal’s work ranged widely in mathe- 
matics and physics, particularly in the area of hydrodynamics (the study of the motion of fluids), He also 
invented a calculating machine. 


+James Prescott Joule (1818-1889). English physicist. Joule’s work was mainly in the kinetic molecular 
theory of gases and thermodynamics. 
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1 g/cm? = 1 g/mL = 1000 kg/m? 
1 g/L = 0.001 g/mL 


The following example shows a density calculation. 


a SS TT 


EXAMPLE 1.1 


element iron (Fe) based on these data? 
Answer 
The density of the iron is given by 
m 
d=— 
Vv 


ee Ote2 
8.16 cm? 
= 7.87 g/cm? 


Similar problems: 1.29, 1.31. 


The density equation can be rearranged to solve for mass or volume, if the othe 


values in the equation are known. The following example shows the calculat\: 


mass from density and volume data. 


EXAMPLE 1.2 


The density of a certain soft drink is 1.16 g/mL. Calculate the mass of 28.8 mL of the 
drink. ; 


Answer 


The mass of the soft drink is found by rearranging the density equation d = m/V 
follows: 


m=dxV 


g 
1.16—— X 28.8 mi 
Jat 


33.4 g 


Similar problem: 1.30. 
ec 


An iron bar has a mass of 64.2 g, and its volume is 8.16 cm. What is the density of (>= 


“3 


r two 
om of 


TT 


Ofte 


as 


Temperature Scales 


Three temperature scales are currently in use. Their units are K (kelvin), °C (de Sra. 
Celsius), and °F (degree Fahrenheit). The Fahrenheit scale defines the normal free a ~ 
and boiling points of water to be exactly 32°F and 212°F, respectively. The Cel Si << 

Ss 
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scale divides the range between the freezing point (0°C) and boiling point (100°C) of 
water into 100 degrees (Figure 1.8). The size of a degree on the Fahrenheit scale is 
only 100/180, or 5/9 times that on the Celsius scale. To convert degrees Fahrenheit to 
degrees Celsius, we write 

SC 


oF 


°C = (°F — 32°F) x 


To convert degrees Celsius to degrees Fahrenheit, we write 


ts) 


YF = 


x CG) + 32°F 
biG 


The Kelvin temperature scale is discussed in Chapter 5. 
The following example shows temperature conversions between °C and °F. 


EXAMPLE 1.3 


Convert (a) 37.0°C into °F and (b) 65°F into °C. 
Answer 
(a) Normal body temperature is 37.0°C or 


e) 


x 37.0°C + 32°F = 98.6°F 


33. 
(b) Here we have 


5°C 
(65°F — 32°F) x 
°F 


= 18°C 


Similar problems: 1.33, 1.34. 


1.7 Handling Numbers 


Having surveyed some of the units used in chemistry, we are now ready to take a closer 
look at two techniques for handling numbers associated with measurements: scientific 
notation and significant figures. 


Scientific Notation 

In chemistry, we often deal with numbers that are either extremely large or extremely 

small. For example, in one gram of the element hydrogen there are roughly 
602,200,000,000,000,000,000,000 

hydrogen atoms. Each hydrogen atom has a mass of only 
0.00000000000000000000000166 g 


These numbers are cumbersome to handle, and it is easy to make mistakes when using 
them in arithmetic computations. Consider the following multiplication: 
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| Boiling point_| 
of water 


Body 
temperature —| 
}_— Room ——| 
temperature 
|. Freezing point 
of water 


Fahrenheit 


FIGURE 1.8 Comparison of 
the Celsius and Fahrenheit tem- 
perature scales. Note that there 
are 100 divisions, or 100 de- 
grees, between the freezing point 
and the boiling point of water on 
the Celsius scale, and there are 
180 divisions, or 180 degrees, 
between the same two tempera- 
ture limits on the Fahrenheit 
scale. The Celsius scale was for- 
merly called the centigrade 
scale. 
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0.0000000056 x 0.00000000048 = 0.000000000000000002688 


It would be easy for us to miss one zero or add one more zero after the decimal point 
To handle these very large and very small numbers, we use a system called scier#Z Zfze 
notation. Regardless of their magnitude, all numbers can be expressed in the form 


N X 10" 
where N is a number between | and 10 and n is an exponent that can be a positive = TF 
negative integer (whole number). Any number expressed in this way is sai) i<> be 
written in scientific notation. 

Suppose that we are given a certain number and asked to express it in © 2 t ific 
notation. Basically, this amounts to finding n. We count the number of place: a € tine 
decimal point must be moved to give the number N (which is between | and!) 1 £ © Fre 
decimal point has to be moved to the left, then n is a positive integer; if it) (<> be 
moved to the right, then n is a negative integer. The following examples illus. «<= t¥xe 


use of scientific notation: 


(a) Express 568.762 in scientific notation: 
568.762 = 5.68762 x 10° 


Note that the decimal point is moved to the left by two places and n = 
(b) Express 0.00000772 in scientific notation: 


0.00000772 = 7.72 x 10°° 


Note that the decimal point is moved to the right by six places and 1 —— ©; 
Next, we consider how scientific notation is handled in arithmetic op« ons. 
Addition and Subtraction. To add or subtract using scientific notation first 
write each quantity with the same exponent n. Then we add or subtract the / ts of 


the numbers; the exponent parts remain the same. Consider the following ¢ ‘s>1<—s; 
(7.4 X 103) + (2.1 x 10°) = 9.5 x 10° 
(4.31 x 104) + (3.9 x 10°) = (4.31 X 104 + 0.39 x 104) 


= 4.70 x 104 
(2.22 x 107) — (4.10 x 1073) = (2.22 x 107) — (0.41 x 1072) 
= 1.81 x 10°? 
Multiplication and Division. To multiply numbers expressed in scientific no\“t Igy ey. 


we multiply the N parts of the numbers in the usual way, but add the expons’atsS yp 
together. To divide using scientific notation, we divide the N parts of the numbex~s zs 
usual and subtract the exponents n. The following examples show how these of><— »- =. 
tions are performed: 


(8.0 x 10%) x (5.0 x 10?) = (8.0 x 5.0)(10**2) 
= 40 x 10° 
= 4.0 x 10’ 
(4.0 x 107°) x (7.0 x 10°) = (4.0 x 7.0)(1075+3) 
= 28 x 10°? 
= 2.8 x 107! 
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4.5 x 107 4.5 
s000 (88) 
3.0 x 10° 3.0 


= 1.5 x 10? 


2.0 x 10-8 2.0 
———— (=) x 10%? 
5.0 x 10° 5.0 

= 0:40 107” 


= 40x 107'8 


Significant Figures 


Except when all the numbers involved are integers (for example, in counting the 
number of students in a class), it is often impossible to obtain the exact value of the 
quantity under investigation. For this reason, it is important to indicate the margin of 
error in a measurement by clearly indicating the number of significant figures, which 
are the meaningful digits in a measured or calculated quantity. When significant fig- 
ures are counted, the last digit is understood to be uncertain. For example, we might 
measure the volume of a given amount of liquid using a graduated cylinder (see Figure 
1.6) with a scale that gives an uncertainty of | mL in the measurement. If the volume is 
found to be 6 mL, then the actual volume is in the range of 5 mL to 7 mL. We 
represent the volume of the liquid as (6 + 1) mL. In this case, there is only one 
significant figure (the digit 6) that is uncertain by either plus or minus 1 mL. As an 
improvement, we might use a graduated cylinder that has finer divisions, so that the 
volume we measure is now uncertain by only 0.1 mL. If the volume of the liquid is 
now found to be 6.0 mL, we may express the quantity as (6.0 + 0.1) mL, and the 
actual value is somewhere between 5.9 mL and 6.1 mL. We can further improve the 
measuring device and obtain more significant figures. In each case, the last digit is 
always uncertain; the amount of this uncertainty depends on the particular measuring 
device we use. 

Figure 1.9 shows a modern balance. Balances such as this are available in many 
general chemistry laboratories; they readily measure the mass of objects to four deci- 
mal places. This means that the measured mass will in general have four significant 
figures (for example, 0.8642 g) or more (for example, 3.9745 g). Keeping track of the 
number of significant figures in a measurement such as mass ensures that calculations 
involving the data will correctly represent the precision of the measurement. 


Guidelines for Using Significant Figures. The previous discussion shows that we 
must always be careful in scientific work to write the proper number of significant 
figures. In general, it is fairly easy to determine how many significant figures are 
present in a number by following these rules: 


® Any digit that is not zero is significant. Thus 845 cm has three significant fig- 
ures, 1.234 kg has four significant figures, and so on. 

@ Zeros between nonzero digits are significant. Thus 606 m contains three signifi- 
cant figures, 40,501 J contains five significant figures, and so on. 

@ Zeros to the left of the first nonzero digit are not significant. These zeros are used 
to indicate the placement of the decimal point. Thus 0.08 L contains one signifi- 
cant figure, 0.0000349 g contains three significant figures, and so on. 
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FIGURE 1.9 A single-pan bal- 


ance. 
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@ Ifa number is greater than 1, then all the zeros written to the right of the de<># xml 
point count as significant figures. Thus 2.0 mg has two significant fig ** es 
40.062 mL has five significant figures, 3.040 dm has four significant figu-— > - If 
a number is less than 1, then only the zeros that are at the end of the numbe = zaand 
the zeros that are between nonzero digits are significant. Thus 0.090 kg has &™¥° 
significant figures, 0.3005 J has four significant figures, 0.00420 min has €&2* © 
significant figures, and so on. 

@ For numbers that do not contain decimal points, the trailing zeros (that is, 2<&* °S 
after the last nonzero digit) may or may not be significant. Thus 400 cm -¥¥ #4 
have one significant figure (the digit 4), two significant figures (40), or the ee 
significant figures (400). We cannot know which is correct without more a2 £ oT 
mation. By using scientific notation, however, we avoid this ambiguity. |x this 
particular case, we can express the number 400 as 4 x 10? for one signif i<>=ant 
figure, 4.0 x 10? for two significant figures, or 4.00 x 10? for three siynifi< =ant 
figures. 


The following example shows the determination of significant figures. 


EXAMPLE 1.4 


Determine the number of significant figures in the following measured quai 
(a) 478 cm, (b) 6.01 g, (c) 0.825 m, (d) 0.043 kg, (e) 1.310 x 10” atoms 
(f) 7000 mL. 


Answer 


(a) Three. (b) Three. (c) Three. (d) Two. (e) Four. (f) This is an ambiguous case. ‘1 
number of significant figures may be four (7.000 x 10%), three (7.00 x 103), two (7.0 
10°), or one (7 x 10°). 


Similar problems: 1.41, 1.42. 


Our next step is to see how significant figures are handled in calculations. W= << zn 
adhere to the following rules: 


@ In addition and subtraction, the number of significant figures to the right o# ¢ be 
decimal point in the final sum or difference is determined by the lowest nuzaa Byer 


of significant figures to the right of the decimal point in any of the orl > axyal 
numbers. Consider the examples: 


89.332 
ae <— one significant figure 
90.432 after the decimal point 
round off to 90.4 
2.097 
0.12 <— two significant figures 
1.977 after the decimal point 


round off to 1.98 
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The rounding-off procedure is as follows. If we wish to round off a number at a 
certain point, we simply drop the digits that follow if the first of them is less than 
5. Thus 8.724 rounds off to 8.72 if we want only two figures after the decimal 
point. If the first digit following the point of rounding off is equal to or greater 
than 5, we add 1 to the preceding digit. Thus 8.727 rounds off to 8.73 and 0.425 
rounds off to 0.43. 

® In multiplication and division, the number of significant figures in the final 
product or quotient is determined by the original number that has the smallest 
number of significant figures. The following examples illustrate this rule: 


2.8 X 4.5039 = 12.61092 <— round off to 13 


6.85 
112.04 


= 0.0611388789 <— round off to 0.0611 


@ Keep in mind that exact numbers obtained from definitions or by counting num- 
bers of objects can be considered to have an infinite number of significant fig- 
ures. If an object has the mass 0.2786 g, then the mass of eight such objects is 


0.2786 g X 8 = 2.229 g 


We do not round off this product to one significant figure, because the number 8 
is actually 8.00000 . . . , by definition. Similarly, to take the average of the two 
measured lengths 6.64 cm and 6.68 cm, we write 
6.64 cm + 6.68 cm 
2, 


= 6.66 cm 
because the number 2 is actually 2.00000 . . . , by definition. 


The following example shows how significant figures are handled in arithmetic 
operations. 


EXAMPLE 1.5 


Carry out the following arithmetic operations: (a) 11,254.1 + 0.1983, (b) 66.59 — 3.113, 
(c) 8.16 X 5.1355, and (d) 0.0154/883. 


Answer 
(a) 11,254.1 S.C.E KY, West benga 
+ 0.1983 Bate... 2 eee |. 
11,254.2983 <— round off to 11,254.3 es 
hec. No... YWsAATI. 
(b) 66.59 
ete b pales 


63.477 <— round off to 63.48 


(c) 8.16 X 5.1355 = 41.90568 <— round off to 41.9 Va 2. Wad 
af 4 


F aN 
0.0154 @ hibrary aN 
(d) ae = (.0000174405436 <— round off to 0.0000174, or 1.74 x 1075 (-: eft > 
i * Cie) ee 
root % i ens if 
Similar problem: 1.43. \s, . ik % 


22 


1 / TOOLS OF CHEMISTRY 


The above rounding-off procedure applies to one-step calculations. In chain ~<¥ basis 
lations, that is, calculations involving more than one step, we use a modified >= oe 


dure. Consider the following two-step calculation: 


First step: AXB=C 
Second step: CXD=E 


Let us suppose that A = 3.66, B = 8.45, and D = 2.11. Depending on wheih=* = 
round off C to three or four significant figures, we obtain a different number | <>* E: 


Method 1 Method 2 

3.66 X 8.45 = 30.9 3.66 X 8.45 = 30.93 

30.9 x 2.11 = 65.2 30.93 X 2.11 = 65.3 
However, if we had carried out the calculation as 3.66 X 8.45 x 2.11 ona « slator 
without rounding off the intermediate result, we would have obtained 65 = the 
answer for E. The procedure of carrying the answers for all the intermediate — ~~ &* Ta- 
tions to one more significant figure and only rounding off the final answ° <> © he 
correct number of significant figures will be used in some of the worked exay > i> 10 
this book. In general, we will show the correct number of significant figure: each 


step of the calculation. 


Accuracy and Precision. In discussing measurements and significant figy.-+ © is 
useful to distinguish two terms: accuracy and precision. Accuracy tells us ho\ aIsea 
measurement is to the true value of the quantity that was measured. Precision}. <> #-~=s to 
how closely two or more measurements of the same quantity agree with one >rhzer. 
Suppose that three students are asked to determine the mass of a piece of copper | =< _ of 


mass 2.000 g. The results of two successive weighings by each student are 


Student A Student B Student C 


1.964 g 1.972 g 2.000 g 
1.978 g 1.968 g 2.002 g 
Average value 1.971 g 1.970 g 2.001 g 


Student B’s results are more precise than those of Student A (1.972 g and | “Syse g 


deviate less from 1.970 g than 1.964 g and 1.978 g from 1.971 g). Neither <=" of 
results is very accurate, however. Student C’s results are not only precise bul’ ~<> ehe 
most accurate, since the average value is closest to the true value. Highly a¢— = 2 e~xjte 
measurements are usually precise too. On the other hand, highly precise measure = ya <= sits 
do not necessarily guarantee accurate results. For example, an improperly cal! > x-=y geq 


meter stick or a faulty balance may give precise readings that are in error. 


1.8 The Factor-Label Method of Solving Problems 


The procedure we will use in solving problems is called the factor-label method ¢ zals 

called dimensional analysis). A simple and powerful technique requiring little me x ES - 
zation, the factor-label method is based on the relationship between different unit < t re 
express the same physical quantity. a 


1.8 THE FACTOR-LABEL METHOD OF SOLVING PROBLEMS 


We know, for example, that the unit ‘‘dollar’’ for money is different from the unit 
“penny.’’ However, we say that 1 dollar is equivalent to 100 pennies because they 
both represent the same amount of money. This equivalence allows us to write 


1 dollar = 100 pennies 


Because | dollar is equal to 100 pennies, it follows that their ratio must be equal to 1; 
that is, 


1 dollar 
100 pennies 


This ratio can be read as one dollar per one hundred pennies. This fraction is called a 
unit factor (equal to 1) because the numerator and denominator describe the same 
amount of money. 

We could also have written the ratio as 


100 pennies _ 
1 dollar 


This ratio reads as 100 pennies per dollar. The fraction 100 pennies/I dollar is also a 
unit factor. We see that the reciprocal of any unit factor is also a unit factor. The 
usefulness of unit factors is that they allow us to carry out conversions between differ- 
ent units that measure the same quantity. Suppose that we wish to convert 2.46 dollars 
into pennies. This problem may be expressed as 


? pennies = 2.46 dollars 


Since this is a dollar-to-penny conversion, we choose the unit factor that has the unit 
“‘dollar’’ in the denominator (to cancel the ‘‘dollars’’ in 2.46 dollars) and write 


100 pennies ; 
2.46 dollars x ————— = 246 pennies 
| dollar 


Note that the unit factor 100 pennies/1 dollar contains exact numbers, so it does not 
affect the number of significant figures in the final answer. 

Next let us consider the conversion of 57.8 meters to centimeters. This problem 
may be expressed as 


? em = 57.8m 
By definition, 
lem =1X 107m 
Since we are converting ‘‘m’’ to ‘‘cm,’’ we choose the unit factor that has meters in the 
denominator, 


1 cm 
—2? ie 1 
LX 10 
and write the conversion as 
lcm 

Remb=: 57.8%; —$——_—_-— 
1x 10 -m 

= 5780 cm 


= 5.78 x 10° cm 
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Note that scientific notation is used to indicate that the answer has three signif #— en 
figures. The unit factor 1 cm/1 x 10-2 m contains exact numbers; therefore, it <2< e 
not affect the number of significant figures. 

The advantage of the factor-label method is that if the equation is set up corre — tis, 
then all the units will cancel except the desired one. If this is not the case, then an = cee 
must have been made somewhere, and it can usually be spotted by inspection. 

The following examples illustrate the factor-label method. 


EXAMPLE 1.6 


Convert 5.6 dm to meters. 
Answer 


The problem is 
?m=5.6dm 
By definition, 
1dm=1%x107'm 


The unit factor is 


1x107'm on 
1 dm 
Therefore we write 
1x 10-'m 


2m = 5.6 dar x —————-_ = 0.56m 
1 der 


Similar problem: 1.44, 


EXAMPLE 1.7 
A 


man weighs 162 pounds (Ib). What is his mass in milligrams (mg)? 


Answer 


The problem can be expressed as 


? mg = 162 Ib 
The conversion factors are 

1 Ib = 453.6 g 
so the unit factor is 

453.65 _ 


1 


1 Ib 
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and 
Img=1x 10%¢ 
so the unit factor is 


(Minty 
1x 107g 


Thus 


453.6 1m 
S735 x 10’ mg 


ae nee ee 1wW 1x 103g 


Similar problem: 1.46. 


Note that unit factors may be squared or cubed, because 1* = 1° = 1. The use of 
such factors is illustrated with Examples 1.8 and 1.9. 


[en ara 


EXAMPLE 1.8 


Calculate the number of cubic centimeters in 6.2 m°. 
Answer 
The problem can be stated as 
2? cm? = 6.2 m? 
By definition, 
lem =1X 10m 


The unit factor is 
It follows that 


Therefore we write 

lcm 
i x<Oe- a 
= 6.2 x 10° cm? 


3 
2? cm? = 6.2 m? X ( ) = 6,200,000 cm? 


Similar problem: 1.47. 
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—— 
CHEMISTRY IN ACTION 
THE SCIENTIFIC METHOD AND THE EXTINCTION OF THE DINOSAURS 
— 


——————————— re eee 


Dinosaurs, which dominated life on Earth for millions 
of years, disappeared very suddenly (Figure 1.10), and 
the puzzle of their disappearance has apparently been 
solved by applying the scientific method. In the experi- 
mentation and data-collection stage, paleontologists 
studied fossils and skeletons found in rocks in various 
layers of Earth’s crust. Their findings enabled them to 
map out which species existed on Earth during specific 
geologic periods. Their studies also showed that in the 
rocks that were formed immediately after the Creta- 
ceous period, which dates back some 65 million years, 
not one dinosaur skeleton has been found. It is there- 
fore assumed that the dinosaurs became extinct about 
65 million years ago. What happened? 

Among the many hypotheses put forward to account 
for their disappearance were disruptions of the food 
chain and a dramatic change in climate caused by vio- 
lent volcanic eruptions. However, the evidence was not 
convincing for any one hypothesis until 1977. It was 
then that a group of paleontologists working in Italy 
obtained some very puzzling data at a site near Gubbio. 
Through the chemical analysis of a layer of clay located 
above the sediments formed during the Cretaceous pe- 
riod (and therefore a layer that records events occurring 
after the Cretaceous period), they found a surprisingly 
high content of the element iridium. Iridium is very 
rare in Earth’s crust but is comparatively abundant in 
asteroids. 

This investigation led scientists to hypothesize the 
extinction of dinosaurs as follows. To account for the 
quantity of iridium found, they suggested that a large 
asteroid several miles in diameter must have hit Earth 
at that time. Presumably the impact of the asteroid on 
Earth’s surface was so tremendous that it literally va- 
porized a large quantity of surrounding rocks, soils, 
and other objects. The resulting dust and debris floated 
through the air and blocked the sunlight for months or 


4 


FIGURE 1.10 Where have all the dinosaurs gone, lov rr IS 
passing? The study of dinosaur extinction illustrates w/ ve 
mean by the scientific method. 

perhaps even years. Without ample sunlight >st 
plants could not grow, and the fossil record show at 


many types of plants did indeed die out at this (= a<& _ 


Consequently, of course, many plant-eating an ais 
gradually perished, and then, in turn, meat-eatin >= 
mals began to starve. Limitation of food sources \ ore | 
obviously affect large animals needing great ams sy &<S 
of food more quickly and more severely than sma! a 
mals. 

The hypothesis about dinosaur extinction is bot; = ey — 
teresting and provocative. It can, of course, be t¢° =< 
further. If the hypothesis is correct, then we should | 3 sy <q 
similar high iridium content in corresponding layer zy g 


different locations on Earth. Moreover, we would <> »<_ _ 
pect the simultaneous extinction of other large spec & —~ 
in addition to dinosaurs. Both of these predictions <a y-~— 
strongly supported by recently collected data. In l:a<~-» 
the evidence has become so convincing that some S <j be 
entists now refer to the explanation as the theory 
dinosaur extinction. 
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SUMMARY 


Me ee ee | 


EXAMPLE 1.9 
The density of gold is 19.3 g/cm*. Convert the density to units of kg/m’. 


Answer 


The problem can be stated as 
? kg/m? = 19.3 g/cm? 


We need two unit factors—one to convert g to kg and the other to convert cm* to m*. We 
know that 


1 kg = 1000 g 


so 


Second, from Example 1.8, 


Thus we write 
g x g 


1 cm? 1000 g 
= 1.93 x 10* kg/m* 


lcm A 
x ( ) 19,300 kg/m? 


2 kg/m? = 
= 1x 107m 


Similar problem: 1.55. 


SUMMARY 


1. The scientific method involves gathering information by making observations and 
measurements. In the process, hypotheses, laws, and theories are devised and 
tested. 

2. The study of chemistry involves three basic steps: observation, representation, and 
interpretation. Observations refer to measurements in the macroscopic world; repre- 
sentations involve the use of shorthand symbols and equations for communication; 
interpretations are based on atoms and molecules, which belong to the microscopic 
world. 

3. Substances have unique physical properties that can be observed without changing 
the identity of the substances, and unique chemical properties that, when they are 
demonstrated, change the identity of the substances. 

4. The simplest substances in chemistry are elements. Compounds are formed by the 
combination of atoms of different elements. 

5. Elements can be grouped together according to their related properties in a pattern 
called a periodic table. The periodic table is a central source of chemical informa- 
tion. 


2H 
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6. SI units are used to express physical quantities in all sciences, including chemistry, 
7. Numbers expressed in scientific notation in the form N x 10", where N is between 
1 and 10 and nis a positive or negative integer, help us handle very large and very 


small quantities. 


8. The degree of certainty in a measured number is indicated by expressing only the 
significant figures and by rounding off answers to calculations involving that value 
to correct numbers of significant figures. 

9. Chemical problems can be conveniently solved by the factor-label method. 
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EXERCISES 
THE SCIENTIFIC METHOD 
REVIEW QUESTIONS 


| Explain what is meant by the scientific method. 

.2 What is the difference between qualitative data and quan- 
titative data? 

1.3. Define the following terms: (a) hypothesis, (b) law, 

(c) theory. 


PROBLEMS 


1. 
1 


1.4 Classify the following as qualitative or quantitative state- 
ments, giving your reasons. (a) The sun is approximately 
93 million miles from Earth. (b) Leonardo da Vinci was a 
better painter than Michelangelo. (c) Ice is less dense 
than water. (d) Butter tastes better than margarine. (e) A 
stitch in time saves nine. 

1.5 Classify each of the following statements as a hypothesis, 
a law, or a theory. (a) Beethoven’s contribution to music 
would have been much greater if he had married. (b) An 
autumn leaf gravitates toward the ground because there is 


Microscopic property, p. 11 


Noble gases, p. 9 


Nonmetal, p. 9 

Pascal, p. 15 

Period (in periodic table), p. 9 
Periodic table, p. 9 
Physical property, p. 6 
Precision, p. 22 
Pressure, p. 14 
Qualitative, p. 3 
Quantitative, p. 3 

Rare gases, p. 9 
Scientific method, p. 3 
Significant figures, p. 19 
Substance, p. 6 

Theory, p. 3 

Weight, p. 6 


an attractive force between the leaf and Earth. (c) All 
matter is composed of very small particles called atoms 

1.6 Discuss whether the methods of investigation used b’ 
your favorite detective are scientific or not. 


BASIC DEFINITIONS 


REVIEW QUESTIONS 


1.7 Define the following terms: (a) matter, (b) mass, 
(c) weight, (d) substance, (e) mixture. 


1.8 Which of the following statements is scientifically cor- 
rect? 


“The mass of the student is 56 kg.”’ 
“The weight of the student is 56 kg.”’ 


1.9 Give an example of a homogeneous mixture and an ex- 
ample of a heterogeneous mixture, 


1.10 What is the difference between a physical property and a 
chemical property? 


1.11 Give an example of an intensive property and an example 
of an extensive property. 
1.12 Define the following terms: (a) element, (b) compound. 


PROBLEMS 


1.13 Do the following statements describe chemical or physi- 
cal properties? (a) Oxygen gas supports combustion. 
(b) Fertilizers help to increase agricultural production. 
(c) Water boils below 100°C on top of a mountain. 
(d) Lead is more dense than aluminum. (e) Sugar tastes 
sweet, 
Does each of the following describe a physical change or 
a chemical change? (a) The helium gas inside a balloon 
tends to leak out after a few hours. (b) A flashlight beam 
slowly gets dimmer and finally goes out. (c) Frozen or- 
ange juice is reconstituted by adding water to it. (d) The 
growth of plants depends on the sun’s energy in a process 
called photosynthesis. (e) A spoonful of table salt dis- 
solves in a bowl of soup. 

5 Which of the following properties are intensive and 

which are extensive? (a) length, (b) area, (c) color, 

(d) temperature, (e) mass 

Give the names of the elements represented by the chemi- 

cal symbols Li, F, P, Cu, As, Zn, Cl, Pt, Mg, U, Al, Si, 

Ne. (See Table 1.1 and inside front cover.) 

1.17 Give the chemical symbols for the following elements: 
(a) potassium, (b) tin, (c) chromium, (d) boron, (e) bar- 
ium, (f) plutonium, (g) sulfur, (h) argon, (i) mercury. 
(See Table 1.1 and inside front cover.) 

!.18 Classify each of the following substances as an element 
or a compound: (a) hydrogen, (b) water, (c) gold, 
(d) sugar. 

1.19 Classify each of the following, with a brief explanation, 
as an element, a compound, a homogeneous mixture, or a 
heterogeneous mixture: (a) seawater, (b) helium gas, 
(c) sodium chloride (table salt), (d) a bottle of soft drink, 
(e) a milkshake, (f) air, (g) concrete. 


cS 


1.1€ 


fee PERIODIC TABLE 
REVIEW QUESTIONS 


1.20 What is a periodic table, and what is its significance in 
the study of chemistry? What are groups and periods in a 
periodic table? 

1.21 Give two differences between a metal and a nonmetal. 

1.22 Write the names and symbols for four elements in each of 
the following categories: (a) nonmetal, (b) metal, 
(c) metalloid. 

1.23 Define, with two examples, the following terms: (a) al- 
kali metals, (b) alkaline earth metals, (c) halogens, 
(d) noble gases. 


EXERCISES 29 


UNITS 
REVIEW QUESTIONS 


1.24 What are the SI base units of importance to chemistry? 

1.25 Give the SI units for expressing the following: (a) length, 
(b) area, (c) volume, (d) mass, (e) time, (f) force, (g) en- 
ergy, (h) temperature. 

1.26 Write the numbers for the following prefixes: (a) mega-, 
(b) kilo-, (c) deci-, (d) centi-, (e) milli-, (f) micro-, 
(g) nano-, (h) pico-. 

1.27 Define density. What are the units normally used for den- 
sity? Is density an intensive or extensive property? 

1.28 Write equations that would enable you to convert °C to °F 
and °F to °C. 


PROBLEMS 


1.29 A lead sphere has a mass of 1.20 x 10* g, and its volume 
is 1.05 x 10° cm?. Calculate the density of lead. 

1.30 Mercury is the only metal that is a liquid at room temper- 
ature. Its density is 13.6 g/mL. How many grams of mer- 
cury will occupy a volume of 95.8 mL? 

1.31 The only nonmetallic element that is a liquid at room 
temperature is bromine, which has a reddish-brown 
color. Calculate the density of the liquid (in g/mL) if 
586 g of the substance occupies 188 mL. 

1.32 Lithium is the least dense metal known (density: 0.53 
g/cm). What is the volume occupied by 1.20 x 10° g of 
lithium? 

1.33 Calculate the temperature in °C of the following: (a) a hot 
summer day of 95°F, (b) a cold winter day of 12°F, (c) a 
fever of 102°F, (d) a furnace operating at 1852°F. 

1.34 (a) Normally our bodies can endure a temperature of 
105°F for only short periods of time without permanent 
damage to the brain and other vital organs. What is the 
temperature in degrees Celsius? (b) Ethylene glycol is a 
liquid organic compound that is used as an antifreeze in 
car radiators. It freezes at —11.5°C. Calculate its freezing 
temperature in degrees Fahrenheit. (c) The temperature 
on the surface of our sun is about 6.3 x 10°°C, What is 
this temperature in degrees Fahrenheit? 

1.35 At what temperature does the numerical reading on a Cel- 
sius thermometer equal that on a Fahrenheit thermome- 
ter? 


SCIENTIFIC NOTATION 
REVIEW QUESTION 


1.36 What is the advantage of using scientific notation over 
decimal notation? 
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PROBLEMS 


1.37 Express the following numbers in scientific notation: 
(a) 0.000000027, (b) 356, (c) 47,764, (d) 0.096. 
1.38 Express the following numbers as decimals: (a) 1.52 X 
1072, (b) 7.78 x 107%. 
1.39 Express the answers to the following in scientific nota- 
tion: 
(a) 145.75 + (2.3 x 107") 
(b) 79,500 + (2.5 X 10°) 
(c) (7.0 x 1077) — (8.0 x 1074) 
(d) (1.0 x 10%) x (9.9 x 10°) 
(c) 0.0095 + (8.5 x 107%) 
(f) 653 + (5.75 x 10-8) 
(g) 850,000 — (9.0 x 10°) 
(h) (3.6 X 10-4) x (3.6 x 10°) 


SIGNIFICANT FIGURES 
REVIEW QUESTION 


1.40 Define significant figure. Discuss the importance of 
using the proper number of significant figures in meas- 
urements and calculations. 


PROBLEMS. 


1.41 What is the number of significant figures in each of the 
following numbers? (a) 4867, (b) 56, (c) 60,104, 
(d) 2900, (e) 40.2, (f) 0.0000003, (g) 0.7, (h) 4.6 x 10!” 
1.42 How many significant figures are there in each of the 
following? (a) 0.009, (b) 0.0903, (c) 90.3, (d) 903.3, 
(e) 9.0 x 104, (f) 9, (g) 90 
1.43 Carry out the following operations as if they were calcu- 
lations of experimental results, and express each answer 
in the correct units and with the correct number of signifi- 
cant figures: 
(a) 5.6792 m + 0.6 m + 4.33 m 
(b) 3.70 g — 2.9133 g 
(c) 4.51 cm X 3.6666 cm 
(d) 7.310 km + 5.70 km 


THE FACTOR-LABEL METHOD 
PROBLEMS 


1.44 Convert 22.6 m to decimeters. 

1.45 Convert 25.4 mg to kilograms. 

1.46 Convert 242 Ib to milligrams. 

1.47 Convert 68.3 cm* to m’. 

1.48 The price of gold on a certain day in 1987 was $364 per 
ounce. How much did 1.00 g of gold cost that day? 
(1 ounce = 28.4 g) 

1.49 How many seconds are in a solar year (365.24 days)? 

1.50 How many minutes does it take light from the sun to 
reach Earth? (The distance from the sun to Earth is 93 
million miles; the speed of light = 3.00 x 10° m/s.) 


1.51 A slow jogger runs a mile in 13 min. Calculate the speed 
in (a) in/s, (b) m/min, (©) km/h. (1 mile = 1609 m; 
1 in = 2.54 cm.) 

1.52 Carry out the following conversions: (a) A 6.0-ft person 
weighs 162 Ib. Express this person’s height in meters and 
weight in kilograms. (1 Ib = 453.6 g; 1 m = 3.28 ft.) 
(b) The current speed limit on U.S. highways is 55 miles 
per hour. What is the speed limit in kilometers per hour? 
(c) The speed of light is 3.0 x 10!° cm/s. How many 
miles does light travel in one hour? (d) Lead is a toxic 
substance. The ‘‘normal”’ lead content in human blood is 
about 0.40 parts per million (that is, 0.40 g of lead per 
million grams of blood). A value of 0.80 parts per mil) on 
(ppm) is considered to be dangerous. How many gions 
of lead are contained in 24.5 Ib of blood if the lead « 
tent is 0.62 ppm? 

1.53 Inacity with heavy automobile traffic such as Los A 
les or New York, it is estimated that about 9.0 tons 0! 
lead from exhausts are deposited on or near the high 
every day. What is this amount in kilograms per mor 
(1 ton = exactly 2000 Ib; 1 month = 31 days.) 

1.54 Carry out the following conversions: (a) 1.42 light-y 
to miles (a light-year is an astronomical measure o! 
tance—the distance traveled by light in a year, or 
days), (b) 32.4 yd to centimeters, (c) 3.0 x 10° cm 
ft/s, (d) 47.4°F to °C, (e) —273.15°C to °F, (f) 68.3 | 
to m°, (g) 7.2 m? to liters. 

1.55 The density of aluminum is 2.70 g/cm?. What is its « 
sity in kg/m*? 

1.56 The density of ammonia gas under certain conditio! 
0.625 g/L. Calculate its density in g/cm’. 


MISCELLANEOUS PROBLEMS 

1.57 Give one qualitative and one quantitative statement ab: 
each of the following: (a) water, (b) carbon, (c) ir 
(d) hydrogen gas, (e) sucrose (cane sugar), (f) table 
(sodium chloride), (g) mercury, (h) gold, (i) air. 

1.58 How is it that an astronaut of mass 75 kg achieve: 
weightless condition when aboard a Skylab orbital sp: 
laboratory? 

1.59 The elements in Group 8A of the periodic table are callow 
noble gases. Can you guess the meaning of *‘noble”’ | 
this context? 

1.60 Which of the following describe physical and which de 

scribe chemical properties? (a) Iron has a tendency |o 

Tust. (b) Rainwater in industrialized regions tends to be 

acidic. (c) Hemoglobin molecules have a red color 

(d) When a glass of water is left out in the sun, the water 

gradually disappears. (e) Carbon dioxide in air is con- 

verted to more complex molecules by plants during pho- 

tosynthesis. t 

Describe a chemical property exhibited by each of the 

following: (a) air, (b) water, (c) ethanol, (d) wax, 

(e) bread, (f) sodium metal. 


1.6 


= 


1.62 Consult a handbook of chemical and physical data (ask 


your instructor where you can locate a copy of the hand- 
book) to find (a) two metals less dense than water, 
(b) two metals more dense than mercury, (c) the densest 
know solid metallic element, (d) the densest known non- 
metallic element. 

; Suppose that a new temperature scale has been estab- 
lished on which the melting point of ethanol (—117.3°C) 
and the boiling point of ethanol (78.3°C) are taken as 0°S 
snd 100°S, respectively, where S is the symbol for the 
new temperature scale. Derive an equation relating a 
reading on this scale to a reading on the Celsius scale. 
What would be the reading of this thermometer at 25°C? 

‘roup the following elements in pairs that you would 
xpect to show similar physical and chemical properties: 
* K, P, Na, Cl, and As. (Hint: See Figure 1.5.) 

in the determination of the density of the material of a 
ectangular metal bar, a student made the following 
veasurements: length, 8.53 cm; width, 2.4 cm; height, 
10 em: mass, 52.7064 g. Calculate the density of the 


1.66 


1.68 


EXERCISES 31 


material, giving your answer with the correct number of 
significant figures. 

Calculate the mass of each of the following: (a) a sphere 
of gold of radius 10.0 cm (the volume of a sphere of 
radius r is V = 47r°, the density of gold = 19.3 g/cm’), 
(b) a cube of platinum of edge length 0.040 mm (the 
density of platinum = 21.4 g/cm’), (c) 50.0 mL of etha- 
nol (the density of ethanol = 0.798 g/mL). 

A cylindrical glass tube 12.7 cm in length is filled with 
mercury. The mass of mercury needed to fill the tube is 
found to be 105.5 g. Calculate the inner diameter of the 
tube. (The density of mercury = 13.6 g/mL.) 

The following procedure was carried out to determine the 
volume of a flask. The flask was weighed dry and then 
filled with water. If the masses of the empty flask and 
filled flask were 56.12 g and 87.39 g, respectively, and 
the density of water is 0.9976 g/cm, calculate the vol- 
ume of the flask in cm’. 

The speed of sound in air at room temperature is about 
343 m/s. Calculate this speed in miles per hour (mph). 
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2 Atoms, Molecules, and 
lons 


The cathode-r: 


study the properties of electrons. 


THE ATOMIC THEORY—FROM EARLY 
IDEAS TO JOHN DALTON 
THE STRUCTURE OF THE ATOM 


The Electron / X Rays and Radioactivity / The 
Proton and the Nucleus / The Neutron 


MASS RELATIONSHIPS OF ATOMS 
Atomic Number, Mass Number, and Isotopes / 
Atomic Masses / Average Atomic Mass / Molar 
Mass of an Element and Avogadro’s Number 


MOLECULES: ATOMS IN COMBINATION 
Molecules and Chemical Formulas / Molecular 
Formula / Empirical Formula / Molecular Mass 


IONS AND IONIC COMPOUNDS 


2.6 


2.7 
2.8 


2.9 


ay tube in a color television set. The cathode-ray tube was originally used at the turn of the century by physicists to 


PERCENT COMPOSITION BY MASS OF 
COMPOUNDS 


Experimental Determination of Empirical 
Formulas / Determination of Molecular 
Formulas 


LAWS OF CHEMICAL COMBINATION 


EXPERIMENTAL DETERMINATION OF 
ATOMIC AND MOLECULAR MASSES 


NAMING INORGANIC COMPOUNDS 
Ionic Compounds / Molecular Compounds / 
Acids and Bases / Hydrates / Familiar Inorganic 
Compounds 

CHEMISTRY IN ACTION / ALLOTROPES 


2. / ATOMS, MOLECULES, AND IONS 


ince ancient times humans have pondered the nature of matter. Our modern ideas of 

the structure of matter began to take shape in the early nineteenth century with Dal- 

ton’s atomic theory. We now know that all matter is made of atoms, molecules, and 
ions. All of chemistry is concerned in one way or another with these species. 


2.4 The Atomic Theory—From Early Ideas to John Dalton 


In the fifth century B.c. the Greek philosopher Democritus expressed the belief that «1! 
matter is composed of very small, indivisible particles, which he named atomos (m 
ing uncuttable or indivisible). Although Democritus’ idea was not accepted by many 
philosophers of his day (notably Plato and Aristotle), his suggestion persisted throu.) 
the centuries. Experimental evidence from early scientific investigations provided s\'p- 
port for the notion of “atomism’’ and gradually gave rise to our modern definitions of 
elements and compounds. However, it was not until 1808 that an English scientist «0d 
school teacher, John Dalton, formulated a precise definition of the indivisible bu: 
ing blocks of matter that we call atoms. 

Dalton’s atomic theory marks the beginning of the modern era of chemistry. 
hypotheses about the nature of matter on which Dalton based his theory can be sum! 
rized as follows: 


@ Elements are composed of extremely small particles, called atoms. All atom 
a given element are identical, having the same size, mass, and chemical proj 
ties. The atoms of one element are different from the atoms of all other elemen 

© Compounds are composed of atoms of more than one element. In any compou 
the ratio of the numbers of atoms of any two of the elements present is eithe 
integer or a simple fraction. 

®@ A chemical reaction involves only the separation, combination, or rearrangemc: 
of atoms; it does not result in their creation or destruction. 


Figure 2.1 is a schematic representation of the first two hypotheses. 

As you can see, Dalton’s concept of an atom was far more detailed and specific thai 
the description of Democritus. The first hypothesis states that atoms are different [: 
different elements. Dalton made no attempt to describe the structure or composition of 
atoms—he had no idea what an atom is really like. But he did realize that the different 
properties shown by elements such as hydrogen and oxygen, for example, can be 
explained by assuming that hydrogen atoms are not the same as oxygen atoms. 


+John Dalton (1766-1844). English chemist, mathematician, and philosopher. In addition to the atomic 
theory, he also formulated several gas laws and gave the first detailed description of color blindness, from 
which he suffered. Dalton was described as an indifferent experimenter, and singularly eanting in the 
language and power of illustration. His only recreation was lawn bowling on Thursday afternoons Pe haps it 
was the sight of those wooden balls that provided him with the idea of the dane theory = 


2.2. THE STRUCTURE OF THE ATOM 


Atoms of Atoms of Compound of elements 
element X element Y X and Y 


(b) 


8 2.4 (a) According to Dalton’ s atomic theory, atoms of the same element are identi- 
but atoms of one element are different from atoms of other elements. (b) Compound formed 
atoms of elements X and Y. In this case, the ratio of the atoms of element X to the atoms of 
nt Y is 2 to 1. 


e second hypothesis suggests that, in order to form a certain compound, we need 

nly atoms of the right kinds of elements, but the correct numbers of these atoms as 

The last hypothesis is another way of stating the law of conservation of mass, 

h says that matter can neither be created nor destroyed. Since matter is made of 

(hat are unchanged in a chemical reaction, it follows that mass must be con- 

as well. Dalton’s brilliant insight into the nature of matter was the main cause of 
‘apid progress of chemistry in the nineteenth century. 


‘he Structure of the Atom 


. the basis of Dalton’s atomic theory, we can define an atom as the basic unit of an 
tent that can enter into chemical combination. Dalton imagined an atom that was 
boul extremely small and indivisible. However, a series of investigations that began in 
‘ye 1850s and extended’ into the twentieth century clearly demonstrated that atoms 
ly possess an internal structure; that is, they are made up of even smaller parti- 
which are called subatomic particles. Research led to the discovery of three such 
»articles—electrons, protons, and neutrons. 


The Electron 


The discovery of electrons and the first detailed study of their behavior came about 
with the invention of the cathode ray tube, which was the forerunner of today’s televi- 
sion tube. Figure 2.2 shows a schematic diagram of a cathode ray tube. Negatively 
charged particles, or electrons, emitted from the cathode are drawn to a positively 
charged plate, the anode. A hole in the anode allows electrons to pass through. The 
stream of electrons forms what early investigators named a cathode ray. The cathode 
ray goes on to strike the inside surface of the end of the tube. The surface is coated with 
a fluorescent material, such as zinc sulfide, so that a strong fluorescence, or emission 
of light, is observed when the surface is bombarded by the electrons. 


Electrons are normally 
associated with atoms. 
However, they can also be 
studied individually. 
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Cathode 


Fluorescent 
screen 


voltage 


FIGURE 2.2 A cathode ray tube with an electric field perpendicular to the direction of the 
cathode rays and an external magnetic field. The symbols N and S denote the north and south 
poles of the magnet. The cathode rays will strike the end of the tube at A in the presence of a 
magnetic field; at C in the presence of an electric field; at B when there are no external fields 
present or when the effects of the electric field and magnetic field cancel each other. 


In some experiments two electrically charged plates and a magnet were added to the 
cathode ray tube, as shown in Figure 2.2. When the magnetic field is on and the 
electric field is off, the cathode ray strikes point A. When only the electric field is on, 
the ray strikes point C. When both the magnetic and the electric fields are off or when 
they are both on but balanced so that they cancel each other’s influence, the ray strikes 
point B. Such behavior is consistent with the fact that electrons possess a negative 
charge. Electromagnetic theory tells us that a moving charged body behaves like a 
magnet and can interact with electric and magnetic fields through which it passes. 
Since the cathode ray is attracted by the plate bearing positive charges and repelled by 
the plate bearing negative charges, it is clear that it must consist of negatively charged 
particles. Figure 2.3 shows an actual cathode ray tube and the effect of a bar magnet 00 
the cathode ray. 

Around the turn of the twentieth century, J. J. Thomson7 used a cathode ray tube 
and his knowledge of the effects of electrical and magnetic forces on a negatively 
charged particle to obtain the ratio of electric charge to mass for an electron. Thomson 
found the ratio to be —1.76 < 10° C/g, where C stands for coulomb, which is the unit 
of electric charge. Thereafter, in a series of experiments carried out between 1908 and 
1917, R. A. Millikan found the charge of an electron to be —1.60 x 10~!9 C. From 
these data we can calculate the mass of an electron: 


¥Joseph John Thomson (1856-1940). British physicist who i hea Rot 5 
discovering the electron, phy: received the Nobel Prize in physics in 1906 for 


Robert Andrews Millikan (1868-1953). American physicis' 
1 V ( 5 physicist who was ize i sics i 
1923 for his experiments in determining the charge of the electron. oo. 
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(a) (b) 


FIGURE 2.3 (a) A cathode ray produced in a discharge tube. The ray itself has no color; the 
green color is due to the fluorescence of zinc sulfide coated on the screen in contact with the ray. 
(b) The cathode ray is bent in the presence of a magnet. 


; charge 
mass of an electron 


charge/mass 
—1.60x 10°C 
—1.76 x 108 Cig 
9.09 x 10° g 


which is an exceedingly small mass. 


X Rays and Radioactivity 


in the 1890s many scientists became caught up in the study of cathode rays and other 
kinds of rays. Some of these rays were associated with the newly discovered phenome- 
non called radioactivity, which is the spontaneous emission of particles and/or radia- 
tion. Radiation is the term used to describe the emission and transmission of energy 
through space in the form of waves. A radioactive substance decays, or breaks down, 
spontaneously. By the early twentieth century scientists had discovered several types 
of radioactive ‘‘rays.’’ Information gained by studying these rays and their effects on 
other materials contributed greatly to the growing understanding of the structure of the 
atom. 

In 1895 Wilhelm Réntgent noticed that when cathode rays struck glass and metals, 
new and very unusual rays were emitted. These rays were highly energetic and could 
penetrate matter. They also darkened covered photographic plates and could produce 
fluorescence in various substances. Since these rays could not be deflected by a mag- 
net, they did not consist of charged particles as did cathode rays. ROntgen called them 
X rays. They were later identified as a type of high-energy radiation. 

Not long after Réntgen’s discovery, Antoine Becquerel, a professor of physics in 


+Wilhelm Konrad Réntgen (1845-1923). German physicist who received the Nobel Prize in physics in 1901 
for the discovery of X rays. 

Antoine Henri Becquerel (1852-1908). French physicist who was awarded the Nobel Prize in physics in 
1903 for discovering radioactivity in uranium. 
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Radioactive 
substance 


FIGURE 2.4 Three types of 
rays emitted by radioactive ele- 
ments. B Rays consist of nega- 
tively charged particles (elec- 
trons) and are therefore 
attracted by the _ positively 
charged plate. The opposite 
holds true for a rays—they are 
positively charged and are 
drawn to the negatively charged 
plate. Because y rays do not 
consist of charged particles, 
their movement is unaffected by 
an external electric field. 
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Paris, began to study fluorescent properties of substances. Purely by accident, he 
noticed that a certain compound containing uranium was able to darken photographic 


plates that were wrapped in thick papers or even in thin metal sheets, without the 
stimulation of cathode rays. The nature of the radiation that was doing this was not 
known, although it seemed to resemble X rays in being highly energetic and not 
consisting of charged particles. One of Becquerel’s students, Marie Curie,+ suggested 
the name “‘radioactivity’’ for this phenomenon. Any element, such as uranium, ‘hat 
exhibits radioactivity is said to be radioactive. Marie Curie and her husband, Pierre, 
later studied and identified many radioactive elements. 

Further investigation showed that three types of rays can be emitted by radioactive 


elements. These rays were studied by using an arrangement similar to that show.: in 


Figure 2.4. It was found that two of the three types of rays could be deflected when 
they passed between two oppositely charged metal plates. 

Depending on the deflection, these two rays are called alpha (@) rays and beta B) 
rays. The third type of ray, which is unaffected by charged plates, is called a gaima 


(y) ray. @ Rays or @ particles were found to be helium ions, with a positive charge of 
+2. They are therefore attracted by the negatively charged plate. The opposite h 
true for B rays or B particles—they consist of negatively charged electrons, whicli are 
drawn to the positively charged plate. Because y rays do not consist of charged po tl- 
cles, their movement is unaffected by an external electric field. They are high-en«' gy 
radiation. 


The Proton and the Nucleus 


By the early 1900s, two features of atoms had become clear: They contain electr ss, 
and they are electrically neutral. Since it is neutral, every atom must contain an c il 
number of positive and negative charges, to maintain the electrical neutrality. Around 
the turn of the century, the accepted model for atoms was the one that was proposes oy 
J. J. Thomson. According to his description, an atom could be thought of as a unifo:, 
positive sphere of matter in which electrons are embedded (Figure 2.5). 

In 1910 Emest Rutherford, who had earlier studied under Thomson at Cambri: e 
University, decided to use particles to probe the structure of atoms. Together with ‘iis 
associate Hans Geiger,§ and an undergraduate named Ernest Marsden,§| Ruther! vrd 


+Marie (Marya Sklodowska) Curie (1867-1934). Polish-born chemist and physicist. In 1903 she and her 
French husband, Pierre Curie, were awarded the Nobel Prize in physics for their work on radioactivity In 
1911 , she again received the Nobel Prize, this time in chemistry, for her work on the radioactive elem« 
radium and polonium. She is one of only three people to have received two Nobel Prizes in science. Desj 
her great contribution to science, her nomination to the French Academy of Sciences in 191 1 was rejected 


one vote because she was a woman! Her daughter and son-in-law, i i i 
beca \ ! -in-law, Irene and Frederic - shared 
Nobel Prize in chemistry in 1935. Sa. 


its 
te 
by 
the 


+Ernest Rutherford (1871-1937). New Zealand ici i i 

] 7). Ne physicist. Rutherford did most of his work in England 
(Manchester and Cambridge universities). He received the Nobel Prize in chemistry in 1908 for his invest 
gations into the structure of the atomic nucleus. His often-quoted comment to his students was that “all 


science is either physics or stamp-collecting.”” 
§Johannes Hans Wilhelm Geiger (1882-1945). German physicist. Geiger’s work was mainly in solving the 


structure of the atomic nucleus and in radioactivit inv i is now 
. s . He invented a dey i iati at is y 
. feat : J y ice for measuring radiation that is no’ 


{Ernest Marsden (1889-1970). English physicist. It is gratifying to know that at times an undergraduate can 


assist in winning a Nobel Prize. Marsden went on t i igni 
New Zealand. 0 contribute significantly to the development of science in 
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carried out a series of experiments in which very thin foils of gold and other metals 
were used as targets for @ particles emitted from a radioactive source (Figure 2.6). 
‘They observed that the majority of the particles penetrated the foil either undeflected or 
with only a slight deflection. They also noticed that every now and then an a@ particle 
sould be scattered (or deflected) at a large angle. In some instances, an a particle 
‘ould even be turned back in the direction from which it had come! This was a most 
eprising finding, for in Thomson’s model the positive charge of the atom was so 
use that the positive a particles were expected to pass through with very little 
lection. To quote Rutherford’s initial reaction when told of this discovery: “‘It was 
sncredible as if you had fired a 15-inch shell at a piece of tissue paper and it came 
and hit you.”’ 
© therford was later able to explain the results of the a-scattering experiment, but 
-ad to abandon Thomson’s model and propose a new model for the atom. Accord- 
‘> Rutherford, most of the atom must be empty space. This explains why the 
jority of @ particles passed through the gold foil with little or no deflection. The 
ajor’s positive charges, Rutherford proposed, are all concentrated in a central core 


» the atom, which he called the nucleus. Whenever an @ particle came close to a - 


+s in the scattering experiment, it experienced a large repulsive force and there- 
large deflection. If an a particle traveled directly toward a nucleus, it would 
ience an enormous repulsion that could completely reverse the direction of the 
ing particle. 
1c positively charged particles in the nucleus are called protons, and each has a 
£ 1.67252 X 10~ g. In separate experiments, it was found that each proton 
‘es the same quantity of charge as an electron and is about 1840 times heavier than 
»ppositely charged electron. 
\. this stage of investigation, scientists perceived the atom as follows. The mass of 
icleus comprises most of the mass of the entire atom, but the nucleus occupies only 
+ 1/10! of the volume of the atom. For atomic (and molecular) dimensions, we 
| express lengths in terms of the SI unit called the picometer (pm), where 


lpm=1x 10? m 


) Detecting 
screen 
| Slit > 


a-Particle 
emitter 


(a) 


FIGURE 2.6 (a) Rutherford’ s experimental design for measuring the scattering of a particles 
by a piece of gold foil. Most of the a particles passed through the gold foil with little or no 
deflection. A few were deflected at wide angles. Occasionally an @ particle was turned back. 
(b) Magnified view of a particles passing through and being deflected by nuclei. 
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Positive charge spread 
over the entire sphere 


FIGURE 2.5 Thomson's model 
of the atom, sometimes described 
as the ‘‘plum pudding’’ model, 


from a traditional English des- 


sert containing raisins. The elec- 
trons are embedded in a uniform, 
positively charged sphere. 


A common non-SI unit for 
atomic length is the angstrom 
(A): 1A = 100 pm. 
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The concept of atomic radius 
is useful experimentally, but it 
should not be inferred that 
atoms have well-defined 
boundaries or surfaces. We will 
learn later that the outer 
regions of atoms are relatively 
“fuzzy.” 


Physicists have discovered that 
atoms release many different 
kinds of subatomic particles 
when bombarded by extremely 
energetic particles under 
special conditions in “atom 
smashers.” Chemists deal only 
with electrons, protons, and 
neutrons, however, because 
most chemical reactions are 
carried out under normal 
conditions. 
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TABLE 2.1 Mass and Charge of Subatomic Particles 


Charge 

Charge 

Particle Mass (g) Coulomb Unit 
a 

Electron* 9.1095 x 107% —1.6022 x 107! —1 

Proton 1.67252 x 10°-* +1.6022 x 107" +I 

Neutron 1.67495 x 10°** 0 0 
=) 


*More refined experiments have given us a more accurate value of an electron’s mass than Millikan’s. 
— 


A typical atomic radius is about 100 pm, whereas the radius of an atomic nucleus is 
only about 5 x 10~* pm. You can appreciate the relative sizes of an atom and its 
nucleus by imagining that if an atom were the size of the Houston Astrodome, the 
volume of its nucleus would be comparable to that of a small marble. While the protons 
are confined to the nucleus of the atom, the electrons are conceived of as being spread 
out about the nucleus at some distance from it. 


The Neutron 


In spite of Rutherford’s success in explaining atomic structure, one major problem 
remained unsolved. It was known that hydrogen, the simplest atom, contains only one 
proton, and that the helium atom contains two protons. Therefore, the ratio of the mass 
of a helium atom to that of a hydrogen atom should be 2:1. (Because electrons are 
much lighter than protons, their contribution can be ignored.) In reality, however, the 
ratio is 4:1. Earlier Rutherford and others had postulated that there must be another 
type of subatomic particle in the atomic nucleus; the proof was provided by James 
Chadwick? in 1932. When Chadwick bombarded a thin sheet of beryllium with 
particles, a very high-energy radiation that somewhat resembled y rays was emitted by 
the metal. Later experiments showed that the rays actually consisted of electrically 
neutral particles having a mass slightly greater than that of protons. Chadwick named 
these particles neutrons. 

The mystery of the mass ratio could now be explained. In the helium nucleus there 
are two protons and two neutrons, and in the hydrogen nucleus there is only one proton 
and no neutrons; therefore, the ratio is 4:1. 

Table 2.1 summarizes the mass and charge of the three subatomic particles that are 
important in chemistry—the electron, the proton, and the neutron. 


2.3 Mass Relationships of Atoms 


Chemistry, as we have noted, is a quantitative science. In this and the following 
sections, we will learn how to identify and describe atoms quantitatively. 


+James Chadwick (1891-1972). British physicist. He received th ize i ics i i 
proving the existence of neutrons. “Sa liked prpaaliaalall 


2.8 MASS RELATIONSHIPS OF ATOMS 


Atomic Number, Mass Number, and Isotopes 


Subatomic particles can help us better understand the properties of individual atoms. 
All atoms can be identified by the number of protons and neutrons they contain. 

The atomic number (Z) is the number of protons in the nucleus of each atom of an 
element. In a neutral atom the number of protons is equal to the number of electrons, so 
that the atomic number also indicates the number of electrons present in the atom. The 
chemical identity of an atom can be determined solely by its atomic number. For 
example, the atomic number of nitrogen is 7; this means that each neutral nitrogen 
atom has 7 protons and 7 electrons. Or, viewing it another way, every atom in the 
universe that contains 7 protons is correctly named ‘‘nitrogen.”’ 

The mass number (A) is the total number of neutrons and protons present in the 
nucleus of an atom of an element. Except for the atom of the most common form of 
hydrogen, which has one proton and no neutrons, all atomic nuclei contain both pro- 
tons and neutrons. In general the mass number is given by 


mass number = number of protons + number of neutrons 
= atomic number + number of neutrons 


The number of neutrons in an atom is equal to the difference between the mass number 
and the atomic number, or (A — Z). For example, the mass number of fluorine is 19 
and the atomic number is 9 (indicating 9 protons in the nucleus). Thus the number of 
neutrons in an atom of fluorine is 19 — 9 = 10. Note that all three quantities (atomic 
number, number of neutrons, and mass number) must be positive integers, or whole 
numbers. 

In most cases atoms of a given element do not all have the same mass. For example, 
there are three types of hydrogen atoms, which differ only in their number of neutrons. 
They are hydrogen, with one proton and no neutrons; deuterium, with one proton and 
one neutron: and tritium, with one proton and two neutrons. Atoms that have the same 
atomic number but different mass numbers are called isotopes. 

The accepted way to denote the atomic number and mass number of an atom of 
element X is as follows: 


mass number ~, ‘ 
ox 


atomic number —7 


Thus, for the isotopes of hydrogen, we write 
tH 7H iH 
hydrogen deuterium tritium 


As another example, consider two common isotopes of uranium with mass numbers of 
235 and 238, respectively: 


UU 


The first isotope is used in nuclear reactors and atomic bombs, whereas the second 
isotope lacks the properties to be utilized in these respects. With the exception of 
hydrogen, isotopes of elements are identified by their mass numbers. Thus the above 
two isotopes are called uranium-235 (pronounced ‘‘uranium two thirty-five’’) and 
uranium-238 (pronounced ‘‘uranium two thirty-eight’’). 

The chemical properties of an element are determined primarily by the protons and 
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Atomic number is actually 
proton number. 


The name protium has been 
proposed for the isotope of 
hydrogen containing one 
proton and no neutrons, but it 
is not widely used by chemists. 


If we know the name of the 
element, we always know its 
atomic number, but we may 
not know its mass number. 
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Section 2.8 describes a 
method for determining atomic 
mass. 


One atomic mass unit is also 
called 1 dalton. 


The term atomic weight has 
also been used to mean atomic 
mass. 
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electrons in its atoms; neutrons do not take part in chemical reactions under normal 
conditions. Therefore, isotopes of the same element have similar chemistries, forming 
the same types of compounds and displaying similar reactivities. 

The following example illustrates how to determine the number of elementary parti- 
cles in atoms from the atomic and mass numbers. 


_ EXAMPLE 2.1 


Give the number of protons, neutrons, and electrons in each of the following speci 
(a) 33Mg, (b) '93Pt, (c) "Pt. 


Answer 


(a) The atomic number is 12, so there are 12 protons. The mass number is 25, so « 
number of neutrons is 25 — 12 = 13. The number of electrons is the same as the numl 
of protons, that is; 12: 

(b) The atomic number is 78, so there are 78 protons. The mass number is 195, so | 
number of neutrons is 195 — 78 = 117. The number of electrons is 78. 

(c) Here the number of protons is the same as in (b), or 78. The number of neutrons 
198 — 78 = 120. The number of electrons is also the same as in (b), 78. The species 
(b) and (c) are two isotopes of platinum that are chemically similar. 


Similar problems: 2.16, 2.17. 


Atomic Masses 


One of the fundamental properties of an atom is its mass. The mass of an atoin is 
related to the number of electrons, protons, and neutrons in the atom. Knowledge .: an 
atom’s mass is also important in laboratory work. But atoms are extremely all 
particles—even the smallest speck of dust that our unaided eyes can detect contai\s as 
many as | X 10° atoms! If atoms are so tiny, how can we ever hope to determine | vir 


mass? We cannot weigh a single atom, but there are experimental methods of determiin- 
ing the mass of one atom relative to another. The first step is to assign a value tc the 
mass of one atom of a given element so that it can be used as a standard. 

By international agreement, an atom of the isotope of carbon (called carbon-!2) ‘tat 
has six protons and six neutrons has a mass of exactly 12 atomic mass units (aru). 
This carbon-12 atom serves as the standard, so one atomic mass unit (amu) is detiaed 
as a mass exactly equal to 1/12th the mass of one carbon-12 atom. 


mass of one C-12 atom = 12 amu 


mass of one carbon-12 atom 
12 


1 amu 


Experiments have shown that, on average, a hydrogen atom is only 8.400 percent as 
massive as the standard carbon-12 atom. Thus if we accept the mass of one carbon-12 
atom to be exactly 12 amu, then the atomic mass (that is, the mass of the atom in 
Atomic mass units) of hydrogen must be 0.08400 x 12 = 1.008 amu. Similar calcula- 
tions show that the atomic mass of oxygen is 16.00 amu and that of iron is 55.85 amu. 


2.3. MASS RELATIONSHIPS OF ATOMS 


Note that although we do not know just how much an average iron atom’s mass is, we 
know that it is approximately fifty-six times as massive as a hydrogen atom. 


Average Atomic Mass 


sen you look up the atomic mass of carbon in a table such as the one on the inside 
nt cover of this book, you will find that its value is not 12.00 amu but 12.01 amu. 
reason for the difference is that most naturally occurring elements (including 
) have more than one isotope. This means that when we measure the atomic 
of an element, we must generally settle for the average mass of the naturally 
ring mixture of isotopes. For example, the natural abundances of carbon-12 
-arbon-13 are 98.89 percent and 1.11 percent, respectively. The atomic mass of 
»-13 has been determined to be 13.00335 amu. Thus the average atomic mass of 
: can be calculated as follows: 


(0.9889)(12.00000 amu) + (0.011)(13.00335 amu) 
12.0 amu 


ve atomic mass of natural carbon 


se accurate determination gives the atomic mass of carbon as 12.01 amu. Note 
calculations involving percentages, we need to convert percent to a fraction. For 
sle, 98.89 percent becomes 98.89/100, or 0.9889. Because there are many more 
12 than carbon-13 atoms in naturally occurring carbon, the average atomic 
; much closer to 12 amu than 13 amu. 
_ is important to understand that when we say that the atomic mass of carbon is 
‘| amu, we are referring to the average value. If carbon atoms could be examined 
idually, we would either find an atom of atomic mass 12.00000 amu or one of 
35 amu, but never one of 12.01 amu. 
ic following example shows how the average atomic mass of an element is calcu- 


__ 


(AMPLE 2.2 


opper, a metal known since ancient times, is used in electrical cables and pennies, 

iong other things. The atomic masses of its two stable isotopes, 3Cu (69.09%) and $§Cu 
(30.91%), are 62.93 amu and 64.9278 amu, respectively. Calculate the average atomic 
rnass of copper. The percentages in parentheses denote the relative abundances. 


| Answer 


| 
| 
Converting the percentages to fractions, we calculate the average atomic mass as follows: 


(0.6909)(62.93 amu) + (0.3091)(64.9278 amu) = 63.55 amu 


Similar problem: 2.30. 


The atomic masses of many elements have been accurately determined to five or six 
significant figures. However, for purposes of calculation in this text, we will normally 
use atomic masses accurate only to four significant figures (see the table of atomic 
masses inside the front cover). 
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The adjective formed from the 
noun “mole” is “molar.” 


The term gram molecular 
weight has also been used to 
mean molar mass. 


The units of molar mass are 
g/mol or kg/mol. However, it is 
also acceptable to say that the 
molar mass of Na is 22.99 g 
rather than 22.99 g/mol. 
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Molar Mass of an Element and Avogadro’s Number 


We have seen that atomic mass units provide a relative scale for the masses of the 
elements. But since atoms have such small masses, no usable scale can be devised to 
weigh them in calibrated units of atomic mass units. In any real situation (for example, 
in the laboratory) we deal with samples of substances containing enormous numbers of 
atoms. Therefore it would be convenient to have a special unit to describe a very large 
number of atoms. The idea of a unit to describe a particular number of objects is not 
new. For example, the pair (2 items), the dozen (12 items), and the gross (144 items) 
are all familiar units. 

The unit defined by the SI system is the mole (mol), which is the amount of sub- 
stance that contains as many elementary entities (atoms, molecules, or other particles) 
as there are atoms in exactly 12 grams (or 0.012 kilogram) of the carbon-12 isotope. 
Notice that this definition specifies only the method by which the number of elemen- 
tary entities in a mole may be found. The actual number is determined experimentaily. 
The currently accepted value is 


1 mole = 6.022045 x 107° particles 


This number is called Avogadro’s number, in honor of the Italian scientist Amedeo 
Avogadro.+ In most of our calculations, we will round this number to 6.022 x 10°. 
The term ‘‘mole’’ and its symbol ‘‘mol’’ are used to represent Avogadro’s number. 
Just as one dozen oranges contains twelve oranges, | mole of hydrogen atoms contains 
6.022 x 1023 H atoms. Figure 2.7 shows | mole each of several common elements. 

We have seen that 1 mole of carbon-12 atoms has a mass of exactly 12 grams and 
contains 6.022 X 1023 atoms. This quantity is called the molar mass of carbon-12, ‘ie 
mass (in grams or kilograms) of 1 mole of units (such as atoms or molecules) of the 
substance. Since each carbon-12 atom has an atomic mass of exactly 12 amu, it is 
useful to observe that the molar mass of an element (in grams) is numerically equal to 
its atomic mass in amu. Thus the atomic mass of sodium (Na) is 22.99 amu and its 
molar mass is 22.99 grams; the atomic mass of copper (Cu) is 63.55 amu and its molar 
mass is 63.55 grams; and so on. If we know the atomic mass of an element, we also 
know its molar mass. 

We can now calculate the mass (in grams) of a single carbon-12 atom. From our 
discussion we know that 1 mole of carbon-12 atoms weighs exactly 12 grams, and that 
there are 6.022 X 1073 atoms in 1 mole of carbon-12. These relationships can be used 
to derive the following unit factors: 


12.00 g carbon-12 


1 mol carbon-12 atoms 


1 mol carbon-12 atoms 


6.022 x 107° carbon-12 atoms 


We can now write 


+Lorenzo Romano Amadeo Carlo Avogadro di Quaregua e di Cerreto (1776: i i 
4G 3 1856). Italian mathematical 
physicist. He practiced law for many years before he became interested in science. His most famous work, 


now known as Avogadro’s law (see Chapter 5), was largely i “a hic lifati : 
; Bie : ; gely ignored during his lifetime, although it became 
the basis for determining atomic masses in the late nineteenth century. 3 eo 
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FIGURE 2.7 One mole each of 
several common elements: cop- 
per (as pennies), iron (as nails), 
carbon (black charcoal powder), 
sulfur (yellow powder), and mer- 
cury (shiny liquid metal). 


mass (in grams) of 


1 -mebearben-t2-atoms- 
6.022 x 1073-earbon-+2-atoms” 
12.00 g carbon-12 
l-meolearben-12—atoms 


ll 


one carbon-12 atom = 1-carben-+2-atenr X 


ll 


1.993 x 10-2 g¢ 


Firthermore, we can find the relationship between atomic mass units and grams by 
noting that since the mass of every carbon-12 atom is exactly 12 amu, the number of 
grams equivalent to 1 amu is 

gram 1.993 x 10 %¢ cc Seeenrbon- keaton 
amu -ene-earbon-t2-atom 12 amu 


= 1.661 x 10°74 g/amu 

Thus 

1 amu = 1.661 x 10° g 
and 

1 g = 6.022 x 10° amu 
This example shows that Avogadro’s number can be used to convert from the atomic 
mass unit to the mass in grams and vice versa. 

The notions of Avogadro’s number and molar mass enable us to carry out conver- 

sions between mass of atoms and moles of atoms, number of atoms and mass of atoms, 


and to calculate the mass of a single atom. Examples 2.3-2.7 show how these conver- 
sions are carried out. We will employ the following unit factors in the calculations: 


1 mol X 1 mol X 
molar mass of X 6.022 x 1073 X atoms 


=1 


where X represents the symbol of an element. 
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The atomic masses of the 
elements are given in the 
inside front cover of the book. 
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EXAMPLE 2.3 


Helium (He) is a valuable gas used in industry, low-temperature research, deep-sea diy- 
ing, and balloons. How many moles of He are in 6.46 g of He? 


Answer 


First we find that the molar mass of He is 4.003 g. This can be expressed by the equali 
1 mole of He = 4.003 g of He. To convert the amount of He in grams to He in moles, » 
write 

1 mol He 
4.003 gHe 


Thus there are 1.61 moles of He atoms in 6.46 g of He. 


6.46 g-He X = 1.61 mol He 


Similar problem: 2.34. 


L 


i 


EXAMPLE 2.4 


Zinc (Zn) is a silvery metal that is used to form brass (with copper) and plate iron 
prevent corrosion. How many grams of Zn are there in 0.356 mol of Zn? 


Answer 


Since the molar mass of Zn is 65.39 g, the mass of Zn in grams is given by 


65.39 g Zn 
1 molén 


Thus there are 23.3 g of Zn in 0.356 mole of Zn. 


0.356 mol Air x = 23.3 g Zn 


Similar problem: 2.35. 


EXAMPLE 2.5 


Silver (Ag) is a precious metal used mainly in jewelry. What is the mass (in grams) of or 
Ag atom? 
Answer 


The molar mass of silver is 107.9 g. Since there are 6.022 x 107° Ag atoms in | mole of 
Ag, the mass of one Ag atom is 
1 mol Ac-atems- 

R 107.9 g Ag 


1 Ag-atent X 
6.022 x 10% Ag-atems 1 mol Ag-atems- 


= w1792-x 10; g 


Similar problems: 2.38, 2.39. 


ee RET ERE Sw) ee 


2.4 MOLECULES: ATOMS IN COMBINATION 


EXAMPLE 2.6 


Boron (B) is a rare nonmetallic element. It is almost as hard as diamond, which is the 
vardest substance known. How many atoms are in 0.500 g of B? 


| 

| 

| 

| 

| Answer 

| 

| o}ving this problem requires two steps. First, we need to find the number of moles of B 
).500 g of B (as in Example 2.3). Next, we need to calculate the number of B atoms 
» the known number of moles of B. We can combine the two steps as follows: 


LmeH® 6,022 x 10% B atoms 


| 0.500 .g-B X = 2.79 x 10”? B atoms 
| 10.81 ¢-B 1 mebb 


vilar problem: 2.41. = | 


© XAMPLE 2.7 


-ninum (AJ) is the third most abundant element in Earth’s crust. It is used in transmis- 
lines, aircraft, and beverage cans. What is the mass in grams of 1.000 x 10! (one 
ion) Al atoms? 


wer 


© the molar mass of Al is 26.98 g, the mass of 1 trillion Al atoms is 


| mebAt 26.98 g Al 


x 
6.022 x 10% AlLatems = 1 metAt 
= 4.480 x 107!! g Al 


00 x 10! ALatems 


«ilar problem: 2.40. | 


\iolecules: Atoms in Combination 


Melecules and Chemical Formulas 


A molecule is an aggregate of at least two atoms in a definite arrangement held 
together by special forces. In Section 1.3 we discussed the symbols used to represent 
individual elements. To denote molecules we combine these symbols into chemical 
formulas. A chemical formula expresses the composition of a compound in terms of 
the symbols of the atoms of the elements involved. By composition we mean not only 
the elements present in the compound but also the ratios in which atoms occur in the 
compound. The two types of chemical formulas we need to become familiar with are 
molecular formulas and empirical formulas. 
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FIGURE 2.8 Relative sizes of 
the diatomic molecules H2, N2, 
and O>, and the halogens (F>, 
Chl, Br2, and I). 
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Molecular Formula 


A molecular formula shows the exact number of atoms of each element in a molecule. 
The simplest type of molecule contains only two atoms and is called a diatomic mole- 
cule. Elements that exist as diatomic molecules under atmospheric conditions include 
hydrogen (Hz), nitrogen (N>), oxygen (Oz), as well as the Group 7A halogens— 
fluorine (F>), chlorine (Clz), bromine (Br), and iodine (Ip). Figure 2.8 shows models 
for some of these diatomic molecules. In each case the subscript (2) in the formula 
indicates the number of atoms in the molecule. Of course, a diatomic molecule can 
contain atoms of two different elements, as in hydrogen chloride (HCI) and carbon 
monoxide (CO). These formulas have no subscripts because when the number of a 
particular type of atom present is one, the number is not shown as a subscript. 

Sometimes chemists are rather sloppy in terminology. For example, when a chemist 
says “‘hydrogen,”’ it is not always clear whether he or she means atomic hydrogen (/1) 
or a hydrogen molecule (H2). To avoid such confusion, we will adhere to the practice, 
whenever appropriate, of using the term “atomic hydrogen’ for hydrogen atoms, 
‘“‘molecular hydrogen’’ for hydrogen molecules, and ‘‘the hydrogen element’” when 
we are discussing the properties of the element hydrogen. The same practice also 
applies to other substances. 

A molecule may contain more than two atoms either of the same type, as in ozone 
(O3), or of different types, as in water (HO) and ammonia (NH3). Figure 2.9 shows 
models for these three molecules. Molecules containing more than two atoms are 
called polyatomic molecules. Note that both oxygen (O») and ozone (Os) are element: 
forms of the same element oxygen. Different forms of the same element are called 
allotropes. Two allotropic forms of the element carbon—diamond and graphite 
present dramatic differences not only in properties but also in their relative cost (see 
Chemistry in Action, pp. 74-75). 

You should be aware of the important differences between “‘molecule’’ and ‘‘co:- 
pound,’’ two terms that are often used interchangeably but do not necessarily have the 
same meaning. A compound is a substance composed of the atoms of two or more 
elements, whereas a molecule is a unit of a substance composed of two or more alois 
of the same or different elements. Thus the symbol F> represents a molecule but not a 
compound, because there is only one type of element present. On the other hand, the 
symbol NH; represents both a molecule (because there are four atoms present) and 
a a (because there are two different elements present). (See Figures 2.8 
and 2.9.) 
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Empirical Formula 


The molecular formula of hydrogen peroxide, a substance used as an antiseptic and as 
a bleaching agent for textiles and hair, is H2O2. This formula indicates that each 
hydrogen peroxide molecule consists of two hydrogen atoms and two oxygen atoms. 
The ratio of hydrogen to oxygen atoms in this molecule is 2:2 or 1:1. The empirical 
formula of hydrogen peroxide is written as HO. Thus the empirical formula tells us 
which elements are present and the simplest whole-number ratio of their atoms, but not 
ly the actual number of atoms present in the molecule. As another example, 
ier the compound hydrazine (N3H4), which is used as a rocket fuel. The empirical 
formula of hydrazine is NH3. Although the ratio of nitrogen to hydrogen is 1:2 in both 
the molecular formula (N>H4) and the empirical formula (NH2), only the molecular 
formula tells us the actual number of N atoms (two) and H atoms (four) present in a 
hydrazine molecule. Empirical formulas are therefore the simplest chemical formulas; 
are always written so that the subscripts in the molecular formulas are converted to 
lest possible whole numbers. Molecular formulas are the true formulas of 


nec 


con 


S. 
For many molecules, the molecular formula and the empirical formula are one and 
> same. Some examples are water (H20), ammonia (NH3), carbon dioxide (CO3), 
ethane (CHy4). 
relationship between the empirical formula and the molecular formula for some 
molecules is shown in the following example. 


EXAMPLE 2.8 
Write the empirical formulas for the following molecules: (a) phosphorus (P4), (b) dinitro- 
gen tetroxide (N304), (c) glucose (C6H1206), (d) diiodine pentoxide (1,05). 


Answer 


(a) Elemental phosphorus exists as a molecule containing four phosphorus atoms. The 
empirical formula of P, is P. : : 

(b) In dinitrogen tetroxide there are two nitrogen atoms and four oxygen atoms. Dividing 
the subscripts by 2, we obtain the empirical formula NO. 

(c) In glucose there are six carbon atoms, twelve hydrogen atoms, and six oxygen atoms. 
Dividing the subscripts by 6, we obtain the empirical formula CH20. Note that if we had 
divided the subscripts by 3, we would have obtained the formula C)H,O>. Although the 
ratio of carbon to hydrogen to oxygen atoms in (5H, 0; is the same as that in CeHi206 


(1:2:1), CsH4O> is not the simplest formula because its subscripts have not been con- 
verted to their smallest whole numbers. 
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FIGURE 2.9 Relative sizes 
and approximate shapes of the 
polyatomic molecules O3, H20, 
and NH3. 


The word empirical means 
“derived from experiment. 
we will see shortly, empirical 
formulas are determined 
experimentally. 
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The term molecular weight has 
also been used to mean 
molecular mass. 
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(d) Since the subscripts in I,05 are already the smallest whole numbers (there is no 
number by which both 2 and 5 are divisible), the empirical formula for diiodine pentoxide 
is the same as its molecular formula. 


Similar problem: 2.52. 


Molecular Mass 


Once we know the atomic masses, we can proceed to calculate the masses of m¢ 
cules. The molecular mass is the sum of the atomic masses (in amu) in the molec 
For example, the molecular mass of HO is 


2(atomic mass of H) + atomic mass of O 
or 

2(1.008 amu) + 16.00 amu = 18.02 amu 
————_ ale ee 9 
EXAMPLE 2.9 


Calculate the molecular masses of the following compounds: (a) sulfur dioxide (SO, 
(b) ascorbic acid, or vitamin C (CsHgQ6). 


Answer 


(a) From the atomic masses of S and O we get 


molecular mass of SO = 32.07 amu + 2(16.00 amu) 
= 64.07 amu 


(b) From the atomic masses of C, H, and O we get 


molecular mass of C6HgO5 = 6(12.01 amu) + 8(1.008 amu) + 6(16.00 amu) 
= 176.12 amu 


Similar problem: 2.55. 


The molar mass of a compound is the mass (in grams or kilograms) of 1 mole of tlie 
compound. It is useful to remember that the molar mass of a compound (in grams) ‘5 
numerically equal to its molecular mass (in amu). For example, the molecular mass 0° 
water is 18.02 amu, so its molar mass is 18.02 g. Both the molecular mass and tlic 
molar mass of a compound have the same number, but they differ from each other in 
their units (amu versus g). The principle here is similar to that regarding atomic mass 
and molar mass of an element discussed in Section 2.3. One mole of water weighs 
18.02 g and contains 6.022 x 1077 H3O molecules. ‘ 

As the following two examples show, a knowledge of the molar mass enables us to 
calculate the number of moles and amounts of individual atoms in a given quantity of 
a compound. 


2.5 IONS AND IONIC COMPOUNDS 


SE Es, 
EXAMPLE 2.10 


e (CH,) is the principal component of natural gas. How many moles of CH, are 
nt in 6.07 g of CH4? 


Answer 


Fir: ve calculate the molar mass of CH4: 
molar mass of CHy = 12.01 g + 4(1.008 g) 
= 16.04 g 
M ) follow the procedure in Example 2.3: 
6.07 ¢-CHy Xx eel Sie = 0.378 mol CH, 
16.04_¢- CHG 
Sin problem: 2.61. 


EXAMPLE 2.11 
Ho ay hydrogen atoms are present in 25.6 g of sucrose, or table sugar (C12H22011)? 
The molar mass of sucrose is 342.3 g. 


Thor: ove twenty-two hydrogen atoms in every sucrose molecule; therefore, the total 
nut of hydrogen atoms is 


x lmol€pHs€7 — 6.022 x 10? molecules CptnOrT 
25 HOTT x 


x 
BM” 3423.6: Coon |-melCpHrOn 
22 H atoms 


hla ite eae goal 
1 molecule-CpHrOrr 


We could calculate the number of carbon and oxygen atoms by the same procedure. 
ver, there is a shortcut. Note that the ratio of carbon to hydrogen atoms in sucrose is 
). or 6/11 and that of oxygen to hydrogen atoms is 11/22 or 1/2. Therefore the 
er of carbon atoms in 25.6 g of sucrose is (6/11)(9.91 x 10°), or 5.41 x 10> 
:. The number of oxygen atoms is (1/2)(9.91 x 10%), or 4.96 x 10° atoms. 


= 9.91 x 107 H atoms 


Similar problem: 2.67. 


2.5 Ions and Ionic Compounds 


The positively charged protons in the nucleus of an atom remain there during ordinary 
chemical changes (also called chemical reactions), but the negatively charged electrons 
in atoms are readily gained or lost. When electrons are removed from or added to a 
neutral atom (or molecule), a charged particle called an ion is formed. An ion that 
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In a neutral atom, the number 
of electrons is equal to the 
number of protons. 
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FIGURE 2.10 (a) Structure of 
solid NaCl. (b) In reality, the 
cations are in contact with the 
anions. In both (a) and (b), the 
smaller spheres represent Na* 
ions and the larger spheres Cl 
ions. 
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bears a net positive charge is called a cation; an ton whose net charge is negative is 
called an anion. For example, a sodium atom (Na) can readily lose an electron to 
become the cation represented by Na* (called the sodium cation): 


Na Atom Na* Ion 
11 protons 11 protons 
11 electrons 10 electrons 


A chlorine atom (Cl) can gain an electron to become the anion represented by Cl” 
(called the chloride ion): 


Cl Atom Cl Ion 
17 protons 17 protons 
17 electrons 18 electrons 


Sodium chloride (NaCl), ordinary table salt, is a compound formed from Na * cations 
and Cl” anions. 

Of course, an atom can lose or gain more than one electron, as in Moe", Re°* .S?-, 
and N>~. Furthermore, a group of atoms may join together as in a molecule, but may 
also form an ion that has a net positive or a net negative charge, as in OH (hydroxide 
ion), CN~ (cyanide ion), NHj (ammonium ion), NO; (nitrate ion), SOZ” (sulfate ion), 
and PO} (phosphate ion). Jons that contain only one atom are called monatomic ions, 
and ions that contain more than one atom are called polyatomic ions. 

A solid sample of sodium chloride (NaCl) consists of equal numbers of Na™ and 
Cl- ions arranged in a three-dimensional network (Figure 2.10). In such a compound 
there is a one-to-one ratio of cations to anions, so the compound is electrically neutral. 
Neutral compounds containing cations and anions are called ionic compounds. 

In most cases, ionic compounds contain a metallic element as the cation and a 
nonmetallic element as the anion. As mentioned in Section 1.4, metals are good con- 
ductors of heat and electricity; they also tend to form cations in compounds. On ihe 
other hand, nonmetallic elements are generally poor conductors of heat and electricity, 
and they form anions when combined with metals. There is one important exception to 
this description of ionic compounds, however. The ammonium ion (NHj), which is 
made up of two nonmetallic elements (N and H), is the cation in a number of ionic 
compounds. 


2.6 PERCENT COMPOSITION BY MASS OF COMPOUNDS 


As you can see from Figure 2.10, a particular Na* ion in NaCl is not associated 
with just one particular Cl~ ion. In fact, each Na* ion is equally held by six Cl” ions 
surrounding it, and vice versa. The NaCl ionic network does not contain discrete 
molecular NaCl units. For other ionic compounds the actual structure may be different, 
but the arrangement between cations and anions is similar to that shown for NaCl. For 
this reason, we normally do not call ionic compounds molecules. Thus the formula 
NaC] represents the empirical formula for sodium chloride. One mole of NaCl, then, 
refers to 6.022 x 1073 NaCl formula units. The molar mass of an ionic compound is 
the sum of the molar masses of the cations and anions present. Thus the molar mass of 
NaCl is given by 


molar mass of NaCl = molar mass of Na* ion + molar mass of Cl” ion 
22.99 g + 35.45 g 
= 58.44 g 


Secause the mass of an electron is very small compared to that of the entire atom, 
the molar mass of an ion is virtually the same as that of the uncharged atom from which 
it is derived. Thus Na and the Na* ion are regarded as having the same mass; and Cl 
and the Cl~ ion also have essentially the same mass. 


cae: ( 


EXAMPLE 2.12 


‘ow many formula units of calcium fluoride (CaF) are present in 146.4 g of CaF2? (The 
molar mass of CaF, is 78.08 g/mol.) 


Answer 


The number of CaF, formula units in 146.4 g of CaF, is 


| 3464 y LaekeeFr 6.022 x 10 formula units CaF, 
ee TR One aes | anel- CaF; 
| = 1.129 x 10% CaF formula units 


Similar problem: 2.73. 


2.6 Percent Composition by Mass of Compounds 


As we have seen, the formula of a compound tells us the composition of the com- 
pound. The composition of a compound is conveniently expressed as the percent 
composition by mass (also known as the percent composition by weight), which is the 
percent by mass of each element in a compound. It is obtained by dividing the mass of 
each element in 1 mole of the compound by the molar mass of the compound and 
multiplying by 100 percent. In 1 mole of hydrogen peroxide (H20>), for example, 
there are 2 moles of H atoms and 2 moles of O atoms. The molar masses of H20z, H, 
and O are 34.02 g, 1.008 g, and 16.00 g, respectively. Therefore, the percent compo- 
sition of HO, is calculated as follows: 
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The atomic mass of Na is 
22.99 amu, whereas that of an 
electron is only 0.0006 amu. 


One reason for wanting to 
know the percent composition 
by mass of a compound is that 
by comparing the calculated 
value with that found 
experimentally, we can verify 
the purity of the compound. 


2 / ATOMS, MOLECULES, AND IONS 


%H = — xX 100% = 5.926% 
2g 


32.00 g 
%O = 
34.02 g 


x 100% = 94.06% 


The sum of the percentages is 5.926 percent + 94.06 percent = 99.99 percent. The 
small discrepancy from 100 percent is due to the way we rounded off the molar masses 
of the elements. If we had used the empirical formula HO for the calculation, we would 
have written 


1.008 g 
%H = x 100% = 5.926% 
17.01 g 
16.00 g 
%O = x 100% = 94.06% 
17.01 g 
Since both the molecular formula and the empirical formula tell us the compositic: of 
the compound, it is not surprising that they give us the same percent compositior by 


mass. 
The following example illustrates how to calculate the percent compositior a 
compound. 


EXAMPLE 2.13 


Sodium nitrite (NaNO ) is a food preservative that is added to ham, hot dogs, and bo! 
gna. In recent years its use has come under attack because it has been shown to lead 
cancer in certain animals. Calculate the percent composition by mass of Na, N, and O 
this compound. 


Answer 


The molar mass of NaNO) is given by 
22.99 g + 14.01 g + 2(16.00 g) = 69.00 g 
Therefore, the percent by mass of the elements in NaNO, is 


22.99 g 
%Na = x = 
69.00 g 100% = 33.32% 


N= os X 100% = 20.30% 
69.00 g ‘ 

as X 100% = 46.38% 
69.00 g : 


The sum of the percentages is (33.32% + 20.30% + 46.38%), or 100%. 


Similar problems: 2.80, 2.81. 


The procedure in the example can be reversed if necessary. Suppose we are given 
the percent composition by mass of a compound. We can determine the empirical 
formula of the compound, as the following examples show 
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CS a SS IY 
MPLE 2.14 


rbic acid (vitamin C) cures scurvy and may help prevent the common cold. It is 
nosed of 40.92 percent carbon (C), 4.58 percent hydrogen (H), and 54.50 percent 
wen (O) by mass. Determine its empirical formula. 


Answer 


use the sum of all the percentages is 100 percent, it is convenient to solve this type of 
‘lem by considering exactly 100 g of the substance. In 100 g of ascorbic acid there 
be 40.92 g of C, 4.58 g of H, and 54.50 g of O. Next, we need to calculate the 
er of moles of each element in the compound. Let ne, ny, and no be the number of 
‘cs of elements present. Using the molar masses of these elements, we write 


nc = 40.92 € x etal = 3.407 mol C 
12.01 -€ 
1 mol H 
ny = 4.58 24x 7.008 =H. = 4.54 mol H 
| 1 mol O 
No = 54.5028 x 16.0026 = 3.406 mol O 


we arrive at the formula C3.497H4.s403.406, Which gives the identity and the ratios of 

‘6 present. However, since chemical formulas are written with whole numbers, we 
t have 3.407 C atoms, 4.54 H atoms, and 3.406 O atoms. We can make some of the 
ee ipts whole numbers by dividing all the subscripts by the smallest subscript (3.406): 


3.407 4.54 : 3.406 


pie es aif (eee | 


* 3.406 3406 Rae * 3.406 


| »ives us CH, 330 as the formula for ascorbic acid. Next, we need to convert 1.33, the 
ript for H, into an integer. This can be done by a trial-and-error procedure: 


| 1.33 X 1 = 1.33 
1.33 X 2 = 2.66 
1.33 X 3 = 3.99 =4 


1s¢ 1.33 X 3 gives us an integer (4), we can multiply all the subscripts by 3 and 
tain C3H4O 3 as the empirical formula for ascorbic acid. 


imilar problems: 2.88, 2.89. 


_SNS PERS ee aa a UGTA 6 | 


EXAMPLE 2.15 


The major air pollutant in coal-burning countries is a colorless, pungent gaseous com- 


pound containing only sulfur and oxygen. Chemical analysis of a 1.078-g sample of this 
gas showed that it contained 0.540 g of S and 0.538 g of O. What is the empirical formula 
of this compound? 
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Answer 


Our first step is to calculate the number of moles of each element present in the sample of 
the compound. Let these numbers be ms and no. The molar masses of S and Oare 32.07 g 
and 16.00 g, respectively, so we proceed as follows: 


1 mol S 
ng = 0.540 g-S x ———— = 0.0168 mol S 
32.07 2S 
1 mol O 
No = 0.538 8 x ———— = 0.0336 mol O 
16.0028 


From these results we could say that the formula is So,o1680o.0336, but we know that we 
must convert the subscripts to whole numbers. Following the procedure in Example 2.14 
we divide each number by the smaller of the two subscripts, that is, 0.0168, so that the 
subscript of S becomes 1. This procedure gives us SO, 9. We know immediately that the 
empirical formula is SO>, since the subscript of O must be an integer. 

bese 


Chemists often want to know the actual mass of an element in a certain mass 0! 


a 


compound. Since the percent composition by mass of the element in the substance can 


be readily calculated, such a problem can be solved in a rather direct way, as the né 
example shows. 


EXAMPLE 2.16 
Calculate the mass of Al (aluminum) in a 25.0-g sample of Al,O3 (aluminum oxide). 


Answer 
The molar masses of Al,03 and Al are 102.0 g and 26.98 g, respectively, so the percent 
composition by mass of Al is 


2 x 26.98 g 
%Al = ————= x 100% = 52. 
fo te 1% = 52.90% 


To calculate the mass of Al in a 25.0-g sample of Al,03, we need to convert the percent- 
age to a fraction (that is, convert 52.90 percent to 52.90/100 or 0.5290) and write 


mass of Al in Al,03 = 0.5290 x 25.0 g = 13.2 g 


This calculation can be simplified by combining the above two steps as follows: 


2 x 26.98 g Al 
102.0._¢ ALOs 


mass of Al in Al,0; = 25.0. ¢-AbOs x 
= 13.2 gAl 


Similar problems: 2.85, 2.86. 


[i ee i ee. | 
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Experimental Determination of Empirical Formulas 


We have seen that if we know the percent composition of a compound we can deter- 
mine its empirical formula. This is in fact one procedure used to identify compounds 
experimentally. The basic steps are as follows. First, chemical analysis determines the 
number of grams of each element present in a given amount of a compound. Then the 
quantities in grams are converted to numbers of moles of the elements. Finally the 
empirical formula of the compound is determined by the method of Example 2.15. 

As a specific example let us consider the compound ethanol. When ethanol is 
burned in an apparatus such as that shown in Figure 2.11, carbon dioxide (CO) and 
water (/,O) are given off. Since neither carbon nor hydrogen was in the inlet gas, we 
can conclude that both carbon (C) and hydrogen (H) were present in ethanol and that 
oxygen (QO) may also be present. (Molecular oxygen was added in the combustion 
process, but some of the oxygen may also have come from the original ethanol sam- 
ple.) 

The mass of CO, and of H2O produced can be determined by measuring the increase 
in mass of the CO, and HO absorbers, respectively. Suppose that in one experiment 
the combustion of 11.5 g of ethanol produced 22.0 g of CO2 and 13.5 g of H,O. We 
can calculate the masses of carbon and hydrogen in the original 11.5-g sample of 


ethanol as follows: 


| _ mel €ez 5 1 meLe - 12.01 gC 
44.01 g€Os I|.mol€Os 1 meLe 


mass of C = 22.0. g-€Oz x 


= 6.00gC 


1 mel4,60- 24meHt poet 


ass of H = 13.5 g HO x x 
vane R 18.02 gH,0 1meHbo 1 meHt 


1.51gH 
Thus, in 11.5 g of ethanol, 6.00 g are carbon and 1.51 g are hydrogen. The remainder 
must be oxygen, whose mass is 


mass of O = mass of sample — (mass of C + mass of H) 
11.5 g — (6.00 g + 1.51 g) 
=40¢ 


The number of moles of each element present in 11.5 g of ethanol is 


Ethanol 


absorber absorber 


FIGURE 2.11 Apparatus for determining the empirical formula of ethanol. 


‘he answer is rounded off to 2 
because molecular molar mass 
is an integral multiple of 
empirical molar mass. 
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1 mol C 


12.01 2€ 
1 mol H 


1.008 +H 
1 mol O 
16.00-¢-O- 


moles of C = 6.00 ¢€x = 0.500 mol C 


moles of H = 1.51¢H x = 1.50 mol H 


moles of O = 4.0 ¢O-x = 0.25 mol O 


The formula of ethanol is therefore Co.59H;.sOo.25 (we round off the number « 
to two significant figures). Since the number of atoms must be an integer, we 
the subscripts by 0.25, the smallest subscript, and obtain for the empirical { 
C,H,0. 

Now we can better understand the word “empirical,’’ which literally means 
only on observation and measurement.’’ The empirical formula of ethanol i 
mined from analysis of the compound in terms of its component elements. No 
edge of the actual structure of the molecule is required. 


Determination of Molecular Formulas 


The formula calculated from data about the percent composition by mass is alwa 
empirical formula. To calculate the actual or molecular formula we must kno 
approximate molar mass of the compound in addition to its empirical formul: 
following examples illustrate the point. 


EXAMPLE 2.17 


is the molecular formula of the com 
60 g? 


Answer 


G sean | a8) 
12.01 g + 2(1.008 g) + 16.00 & = 30.03 g 


Then we divide the estimated molecular molar mass by the empirical molar mass; 


estimated molar mass 60 g 
See ge 


empirical molar mass _ 30.03 g a? 


Thus there is twice the mass and there: 
as in the empirical formula. The mole 
conventional way to write it. 


Similar problem: 2.90. 


The empirical formula of acetic acid (the important ingredient of vinegar) is CHO. Wh 
pound, given that its molar mass is approximate 


First we calculate the molar mass that corresponds to the empirical formula CHO 


fore twice as many atoms in the molecular formula 
cular formula must be (CH,0)>, or C>H,03, a more 


\oles 
vide 
nula 


ised 
ter- 
»wl- 


the 
he 


2.7 LAWS OF CHEMICAL COMBINATION 


EXAMPLE 2.18 


A compound of oxygen (O) and nitrogen (N) has the composition 1.52 g of N and 3.47 g 
of O. The molar mass of this compound is known to be between 90 g and 95 g. Determine 
its molecular formula and the molecular molar mass of the compound to four significant 
figures. 


Answer 


‘Ve first determine the empirical formula as outlined in Example 2.15. Let my and no be 
he number of moles of nitrogen and oxygen. Then 


hi a Ny a9 168 MOEN 
14.01 28 

i a ee 01917 inl O 
16.00 gO 


hus the formula of the compound is No,.19300.217- As in Example 2.15, we divide the 
ubscripts by the smallest subscript, 0.108. After rounding off, we obtain NO) as the 
empirical formula. The molecular formula will be equal to the empirical formula or to 
some integral multiple of it (for example, two, three, four, or more times the empirical 
rmula). The molar mass of the empirical formula NO3 is 


empirical molar mass = (14.01 g) + 2(16.00 g) = 46.02 g 


ext we determine the number of (NO) units present in the molecular formula. This 
umber is found by taking the ratio 


molar mass 95 g 


empirical molar mass 46.02 g 


‘hus there are two NO) units in each molecule of the compound, so the molecular formula 
(NOQo)o or N:O4. The molar mass of the compound is 2(46.02 g) or 92.04 g. 


imilar problem: 2.91. 


4. Laws of Chemical Combination 


Having discussed chemical formulas of molecules and compounds, we will now con- 
sider two important laws that played a major role in the early steps toward understand- 
ing chemical compounds. 

The law of definite proportions states that different samples of the same compound 
always contain its constituent elements in the same proportions by mass. This law is 
generally attributed to Joseph Proust,* a French chemist who published it in 1799, 
eight years before Dalton’s atomic theory was advanced. The law says that if, for 
example, we analyze samples of carbon dioxide (CO2) gas obtained from different 
sources, we will find in each sample the same ratio by mass of carbon to oxygen. This 
statement seems obvious today, for we normally expect all molecules of a given com- 


tJoseph Louis Proust (1754-1826). French chemist. Proust was the first person to isolate sugar from grapes. 
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pound to have the same composition, that is, to contain the same numbers of atoms of 
its constituent elements. If the ratios of different types of atoms are fixed, then the 
ratios of the masses of these atoms must also be fixed. 

The other fundamental law is the Jaw of multiple proportions, which states that if 
two elements can combine to form more than one compound, the masses of one element 
that combine with a fixed mass of the other element are in the ratios of small whole 
numbers. For example, carbon forms two stable compounds with oxygen, namely, CO 
(carbon monoxide) and CO, (carbon dioxide). Chemical analysis of the compounds 
shows the following data: 


First compound (CO) 
The mass of O that combines with 12 g of C is 16 g, so the ratio is 


mass of C_ 12g 
mass ofO 16g 


Second compound (CO>) 
The mass of O that combines with 12 g of C is 32 g, so the ratio is 


mass of C_ 12g 


mass of O32 g 


The ratio of masses of O that combine with 12 g of C in these two compouncs is 
given by 


massofOinCO  16g_ 1 


mass of OinCO, 32g ie 


The ratio 1:2 supports the law of multiple proportions. 


Dalton’s atomic theory explains the law of multiple proportions quite simply. Com- 
pounds differ in the number of atoms of each kind that combine. For the two com- 
pounds formed between carbon and oxygen, measurements suggest that one atom of 
carbon combines with one atom of oxygen in one compound (that is, in CO) and that 
a — atom combines with two oxygen atoms in the other compound (that is, 

2)* 


The following example deals with the law of multiple proportions of two xenon 
compounds. 


EXAMPLE 2.19 


Fon many yeas the Group 8A noble gas elements (He, Ne, Ar, Kr, and Xe) were called 
‘ ne pos ie no one sue Seas in synthesizing compounds containing them. 
g er, a number of stable xenon (Xe) compounds have been 

S repared. 
ae ay ES two compounds with xenon. In one of them, 0.312 g of Fis Eoitiied 
st .08 g of Xe; in the other compound, 0.426 g of F is combined with 0.736 g of Xe 

‘ove that these data are consistent with the law of multiple proportions , 


2.8 EXPERIMENTAL DETERMINATION OF ATOMIC AND MOLECULAR MASSES 


Answer 


We need to calculate the mass of F (called x) that combines with 1.00 g of Xe in each of 
these two compounds. 


Hirst compound 
First we set up the ratios 
AiG 0.5126 Hh 
1.00 g Xe 1.08 g Xe 


| ‘a (0.312 g F)(1.00 g Xe) 


} xgF = 0.289 g F 
: 1.08 g Xe 2 


| cond compound 
Similarly, 


eed sty a MUD e 
1.00 g Xe 0.736 g Xe 


“a (0.426 g F)(1.00 g Xe) 


| Chere ON eF 

| The ratios of F to Xe in these two compounds are compared as follows: 
| 0.579 g _ 2 

0.289g 1 


The 2:1 ratio is consistent with the law of multiple proportions. 


Similar problems: 2.93, 2.94, 2.95. 


2.5 Uxperimental Determination of Atomic and Molecular 
Masses 


The most direct and accurate method for determining atomic and molecular masses 
uses mass spectrometry. The operation of a mass spectrometer is shown in Figure 
2.12. A gaseous sample is first bombarded by a stream of high-energy electrons. 
Collisions between the electrons and the atoms produce positive ions by removing an 
electron from each atom or molecule. These positive ions (of mass m and charge e) are 
accelerated by passing them through two oppositely charged plates. The emerging ions 
are then passed between the poles of a magnet, which forces them into a circular path. 
The radius of the path depends on the charge-to-mass ratio (that is, e/m). Ions of 
smaller e/m ratio follow a curve of larger radius than those having a larger e/m ratio. In 
this manner ions with equal charges but different masses can be separated from one 
another. 
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You can arrive at the same 
conclusion by calculating the 
number of grams of Xe that 
combines with 1.00 g of F in 
each of these two compounds. 
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Accelerating 
plates 


Detecting screen 


Electron 
beam 


Sample 
gas 
Magnet 


Filament 


FIGURE 2.12 Schematic diagram of one type of mass spectrometer. The gas molecu! . are 
first ionized by an electron beam and then accelerated by an electric field. The ion beam \ ‘hen 
passed through a magnetic field to be separated into different components according ©» the 
masses of the ions. 


One of the first applications of the mass spectrometer was the demonstratic by 
F. W. Aston‘ that naturally occurring neon consists of the isotopes 20Ne, 7)Ne, and | \Ne. 
Figure 2.13 shows a mass spectrum, or a graph of the intensity (that is, the amount of 
each isotope present) versus atomic mass for the Ne isotopes. By comparing the posi- 
tions of the peaks with the calibrated horizontal scale, we can determine the atomic 
masses of these isotopes. In addition, the peak intensities tell us the natural abund «aces 
of the isotopes. A knowledge of both the natural abundance and atomic mass ©. the 
isotopes allows us to calculate the average atomic mass of an element, as discussed in 
Section 2.3. The masses of molecules are determined in a similar manner. 


EE EEEEEE—< | 


70Ne(90.92%) 


Intensity of peaks 


ToNe(8.82%) 


+1 Ne(0.26%) 


= a8 21 2 23 


Atomic mass (amu) 


FIGURE 2.13 The mass spectrum of the three Ne isotopes. 


+Francis William Aston (1877-1945). English chemi ici ize i 
chemistry in 1922 for developing the oan AS ii a ee tee Nobel hie 
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Another early important application of the mass spectrometer was in the separation 
of 733U and 738U isotopes, which helped scientists choose the isotope to use in atomic 
bombs and nuclear reactors (733U). 


Naming Inorganic Compounds 


‘his stage in your chemistry course, you have been introduced to experimental work 
» laboratory. You will be faced with learning the names of the compounds you 
encounter. When chemistry was a young science and the number of known compounds 
was small, it was possible to memorize their names. Many of the names were derived 
f ir physical appearance, properties, origin, or application; for example, milk of 
sesia, laughing gas, limestone, caustic soda, lye, washing soda, and baking soda. 
lay the number of known compounds is well over five million. Fortunately, it is 
cessary to memorize their names, even if it were possible to do so. Over the 
chemists have devised clear, systematic ways of naming chemical substances. 
arming schemes are accepted worldwide, facilitating communication among 
ists and providing useful ways of dealing with the overwhelming variety of sub- 
tances currently identified. 
fo begin our study of nomenclature, the naming of chemical compounds, we must 
\istinguish between inorganic and organic compounds. Organic compounds con- 
urbon, usually in combination with elements such as hydrogen, oxygen, nitrogen, 
sulfur. All other compounds are classified as inorganic compounds. Some 
»-containing compounds such as carbon monoxide (CO), carbon dioxide (CO3), 
disulfide (CS3), compounds containing the cyanide group (CN), and carbon- 
02>) and bicarbonate (HCO3) groups are considered for convenience to be 
nic compounds. Although the nomenclature of organic compounds will not be 
ed until Chapter 23, we will use some organic compounds to illustrate chemical 
ciples throughout this book. 
, organize and simplify our venture into naming compounds, we can divide inor- 
compounds into four categories: ionic compounds, molecular compounds, acids 
yases, and hydrates. 


tonic Compounds 


in Section 2.5 we learned that ionic compounds are made up of cations (positive ions) 
and anions (negative ions). With the important exception of the ammonium ion, NH, 
all cations of interest to us are derived from metal atoms. Metal cations take their 
names from the elements. For example: 


Element Name of Cation 
Na sodium Na* sodium ion (or sodium cation) 
K potassium K* potassium ion (or potassium cation) 
Mg magnesium Mg?* magnesium ion (or magnesium cation) 
Al aluminum AP* — aluminum ion (or aluminum cation) 


Figure 2.14 shows the ionic charges of some metals according to their positions in the 
periodic table. These are the only charges that the metal cations can bear. 
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1A 8A 
2A SA 4A, SAN 6A TA | 
] _ 
Li* | i | | 
|_}__ lle | i 
Nat | Mg?* AB 
4B 5B 6B 7B 8B 1B 2B 
3B Sal | | | 
K* | Ca?* Zn?* | 
L ae fae 5 Mi T a 
Rb* | Sr?* Ag* | ca?* | | 
| +— + al t 
Cs* | Ba?* | | 
| Eira 
[ a 
me Je I [es 
FIGURE 2.14 Metal cations that can bear only one type of charge. The cations are arranged according to the positions of the 


elements in the periodic table. 


Many ionic compounds are binary compounds, or compounds formed from just two 
elements. For binary compounds the first element we write is the metal cation, fol- 
lowed by the nonmetallic anion. Thus NaCl is sodium chloride, where the anion is 
named by taking the first part of the element name (chlorine) and adding -ide. The 
charges on the cation and anion are not shown in the formula. Table 2.2 shows the 
‘*ide’’ nomenclature of some common monatomic anions according to their positions 
in the periodic table. 

The ‘‘-ide’’ ending is also used for certain anion groups containing two different 
elements, such as hydroxide (OH) and cyanide (CN~). Thus the compounds LiOH 
and KCN are named lithium hydroxide and potassium cyanide. These and a number of 
other such ionic substances are called ternary compounds, meaning compounds con- 
sisting of three elements. Another example of a ternary ionic compound is ammonium 
chloride (NH,Cl). In this case the cation (NHj) is made up of two different elements. 
Table 2.3 lists alphabetically the names of a number of common inorganic cations and 
anions. 

An important guideline for writing the correct formulas of ionic compounds is that 
each compound must be electrically neutral. This means that the sum of charges on the 


TABLE 2.2. The “-ide” Nomenclature of Some Common Monatomic Anions 
According to Their Positions in the Periodic Table 


Group 4A Group 5A Group 6A Group 7A 
a 
C Carbide (og N Nitride (N*) O Oxide (07>) F Fluoride (F-) 
Si Silicide (Si?) P Phosphide (P*~) S Sulfide (S?~) Cl Chloride (Cl”) 


Se Selenide (Se?~) Br Bromide (Br ) 
Te Telluride (Te?~) I Iodide (I) 


*The word “‘carbide’’ is also used for the anion C3~ 
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YABLE 2.3 Names and Formulas of Some Common Inorganic Cations and 
Anions 


SS a: 


Cation Anion 

i 
Aluminum (AB*) Bromide (Br7) 
Ammonium (NHf) Carbonate (CO3”) 
Barium (Ba?*) Chlorate (CIO; ) 
Cadmium (Cd?*) Chloride (Cl~) 
Calcium (Ca?*) Chromate (CrO3”) 
Cesium (Cs*) Cyanide (CN) 
Chromium(IID) or chromic (Cr°*) Dichromate (Cr,03” ) The use of Roman numerals in 
Cobalt(II) or cobaltous (Co**) Dihydrogen phosphate (H2PO; ) parentheses such as (III) will 
Copper(1) or cuprous (Cu*) Fluoride (F~) be discussed shortly. 
Copper(II) or cupric (Cu?*) Hydride (H~) 
Hydrogen (H*) Hydrogen carbonate or bicarbonate 
Iron(Il) or ferrous (Fe?*) (HCO; ) 
Iron(IUl) or ferric (Fe**) Hydrogen phosphate (HPOj ) 
Lead(il) or plumbous (Pb?*) Hydrogen sulfate or bisulfate 

n (Li*) (HSOgz ) 

-sium (Mg?*) Hydroxide (OH) 

inese(II) or manganous (Mn2*) Todide (I) 
Mercury(I) or mercurous (Hg3*)* Nitrate (NO3 ) 

cury(I]) or mercuric (Hg?*) Nitride (N*) 
ssium (K*) Nitrite (NO) 

Silver (Ag*) Oxide (07) 
Sodium (Na*) Permanganate (MnO; ) 
Strontium (Sr°*) Peroxide (O37) 
Tin(II) or stannous (Sn2*) Phosphate (PO}) 
Zine (Zn?*) Sulfate (SOZ) 


Sulfide (S*~) 
Sulfite (SO3~) 
Thiocyanate (SCN) 
Taw. an a a 


*Mercury(1) exists as a pair as shown. 


she ame 


cation and the anion in each formula unit must add up to zero. Electrical neutrality can 
be maintained by following the useful rule: The subscript of the cation is numerically 
equal to the charge on the anion, and the subscript of the anion is numerically equal to 
the charge on the cation. If the charges are numerically equal, then the subscripts for 
both the cation and the anion will be 1. This follows from the fact that because the 
formulas of ionic compounds are empirical formulas, the subscripts must always be 
reduced to the smallest ratios. Let us now consider some examples. 


® Potassium bromide. Figure 2.14 shows that the cation is K* and Table 2.2 
shows that the anion is Br. Therefore, the formula is KBr. The sum of the 
charges is +1 + (—1) =0. 

® Zinc iodide. Figure 2.14 shows that the cation is Zn?* and Table 2.2 shows 
that the anion is I~. Therefore, the formula is ZnI,. The sum of the charges is 
+2 + 2(—1) = 0. Note that because the zinc cation always carries a +2 charge 
and the iodide anion always carries a — 1 charge, there is no need to indicate the 
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The transition metals are the 
elements in Groups 1B, 3B—8B 
(see Figure 1.5). 
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presence of two TI” ions in the name. To maintain electrical neutrality, the sub- 
script for I must be 2 in zinc iodide. ae 

© Sodium nitride. From Figure 2.14 and Table 2.2 we see that the cation is Na* 
and the anion is N*~. Therefore, the formula is Na3N. The sum of the charges is 
3(+1) + (-3) = 0. Again, there is no need to indicate the presence of three Na* 
ions in the name, because a sodium cation is always Na”® and a nitride avon is 
always N°. 

@ Barium sulfide. The cation is Ba2* and the anion is S*. Applying our rule for 
writing subscripts, we obtain BaS>. However, since the subscripts must be 
reduced to the smallest ratios, the formula is BaS. 


© Aluminum oxide. The cation is AP* and the anion is O?~. The fol owing 
diagram helps us determine the subscripts for the cation and the anion 
AlQ* oY 
Al; 03 
The sum of the charges is 2(+3) + 3(—2) = 0. As before, we do not need to 
indicate the presence of two Al3* cations and three O?~ anions in the »ame. 


Certain metals, especially the transition metals, can form more than one (ype of 
cation. Take iron as an example. Iron can form two cations: Fe** and Fe**. An older 
method that still finds limited use assigns the ending ‘‘-ous’’ to the cation will, ewer 
positive charges and the ending ‘‘-ic’’ to the cation with more positive charg~s: 


Fe?* ferrous ion 
Fe** ferric ion 


The names of the compounds that these iron ions form with chlorine would | us be 


FeCl, ferrous chloride 
FeCl; ferric chloride 


This method of naming has some distinct limitations. First, the ‘‘-ous’? and **-ic”’ 
suffixes do not provide information regarding the actual charges of the two «ations 
involved. Thus ferric ion is Fe**, but the cation of copper named cupric }s the 
formula Cu2*. In addition, the ‘‘-ous’’ and ‘‘-ic’’ designations provide elemen( cation 
names for only two different positive charges. Some metallic elements can assume 
three or more different positive charges in compounds. Therefore, it has become in- 
creasingly common to designate different cations with Roman numerals. This is called 
the Stock} system. In this system, the Roman numeral I is used for one positive 


charge, II for two Positive charges, and so on. For example, manganese (Mn) atoms 
can assume several different positive charges: 


Mn?*: MnO manganese(II) oxide 
3+, 

a : Mn,O; manganese(III) oxide 
Tig, 

Mn**: MnO, manganese(IV) oxide 


alone Botieaeatn Se frit Stock did most of his research in the synthesis and charac- 
mercury poisoning, ompounds. He was the first scientist to explore the dangers of 


ion 


ive 
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> compound names are pronounced manganese-two oxide, manganese-three 
, and manganese-four oxide. Using the Stock system, we can express the ferrous 
and the ferric ion as iron(II) and iron(II), respectively; ferrous chloride becomes 


({1) chloride; and ferric chloride is called iron(II) chloride. In keeping with mod- 


vractice, we will favor the use of the Stock system of naming compounds in this 
100k. 

\e following two examples deal with naming ionic compounds and writing formu- 
rom names based on the information given in Figure 2.14 and Tables 2.2 and 2.3. 


¥AMPLE 2.20 
1e the following ionic compounds: (a) Culy, (b) KH2PO,4, (c) NH4C1O3, (d) Na Oo. 


wer 


Since the iodide ion (I~) bears one negative charge, the copper ion must have two 
tive charges. Therefore, the compound is copper(II) iodide. 

‘The cation is K* and the anion is H,POz (dihydrogen phosphate). The compound is 

issium dihydrogen phosphate. 

The cation is NH{ (ammonium ion) and the anion is ClO; (chlorate ion). The com- 

ad is ammonium chlorate. 

Since each sodium ion bears a positive charge and there are two Na* ions present, the 

| negative charge must be —2. Thus the anion is the peroxide ion 03” and the com- 
is sodium peroxide. 


ilar problem: 2.107. 


ss | 


\MIPLE 2.21 
\/cite chemical formulas for the following compounds: (a) mercury(I) nitrite, (b) cesium 
fide, (c) calcium phosphate, (d) potassium dichromate. 


Answer 


(a) The mercury(I) ion is diatomic, namely, Hg3", and the nitrite ion is NOz. Therefore, 
the formula is Hg2(NOz2)2. 

(b) Bach sulfide ion bears two negative charges, and each cesium ion bears one positive 
charge (cesium is in Group 1A, as is sodium). Therefore, the formula is Cs2S. 

(c) Each calcium ion (Ca**) bears two positive charges, and each phosphate ion (PO3”) 
bears three negative charges. To make the sum of charges equal to zero, the numbers of 
cations and anions must be adjusted: 


3(+2) + 2(—3) = 


Thus the formula is Ca3(PO4)2. i : 
(d) Bach dichromate ion (Cr,03~) has two negative charges and each potassium ion 
carries one positive charge, so the formula is KyCr207. 


Similar problem: 2.108. 
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TABLE 2.4 Greek Pre- 
fixes Used in Naming Mo- 
lecular Compounds 

SS et 


Prefix Meaning 


en) 
@ 
Ped 
b*) 
7 
COMA DUNFSWNK 


jw) 
@ 
o 
S) 
7 
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Molecular Compounds 


Unlike ionic compounds, molecular compounds contain discrete molecular uniis. They 
are usually composed of nonmetallic elements (see Figure 1.5). Let us focus mainly on 


binary compounds, since many inorganic molecular compounds are made up of only 
two elements. Naming binary molecular compounds is similar to naming binay ionic 
compounds; that is, we name the first element first, and the second element is named 
by taking the first part of the element name and adding -ide. Some examples are 
HCl hydrogen chloride 
HBr hydrogen bromide 
SiC silicon carbide 
Frequently we find that one pair of elements can form several different compounds. 
In these cases, confusion in naming the compounds is avoided by using Greek prefixes 
to denote the number of atoms of each element present (see Table 2.4). Consider the 
following examples: 
co carbon monoxide 


CO, carbon dioxide 

SO, sulfur dioxide 

SO; sulfur trioxide 

PCl; phosphorus trichloride 
PCI; phosphorus pentachloride 
NO, nitrogen dioxide 

N04 dinitrogen tetroxide 
Cl,0,; dichlorine heptoxide 


The following guidelines are helpful when you are naming compounds wii! pre- 
fixes: 


@ The prefix ‘“‘mono-’’ may be omitted for the first element. For example, SO> is 
named sulfur dioxide, not monosulfur dioxide. Thus the absence of a prefix for 


the first element usually implies there is only one atom of that element present in 
the molecule. 


@ For oxides, the ending ‘‘a’’ in the prefix is sometimes omitted. For example, 


NO, may be called dinitrogen tetroxide rather than dinitrogen tetraoxide. 


| An exception to the use of Greek prefixes involves molecular compounds contain- 
ing hydrogen. Traditionally, many of these compounds are called either by their com- 


mon, nonsystematic names or by names that do not specifically indicate the number of 
H atoms present: 


BsHe _ diborane 
CHy methane 


SiHy monosilane 
NH, ammonia 
PH, phosphine 
H,0 water 


HS hydrogen sulfide 
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Note that even the order of writing the elements in the formulas is irregular. The above 
examples show that H is written first in water and hydrogen sulfide, whereas H is 
written last in the other compounds. 

The following two examples deal with naming molecular compounds and writing 
forrnulas from names. 


Name the following molecular compounds: (a) BF3, (b) SiCly, (c) IF7, (d) P4Ojo. 


| \aswer 


) Since there are three fluorine atoms present, the compound is boron trifluoride. 
(») There are four chlorine atoms present, so the compound is silicon tetrachloride. 
(c) Since there are seven fluorine atoms present, the compound is iodine heptafluoride. 

d) There are four phosphorus atoms and ten oxygen atoms present, so the compound is 
| tetraphosphorus decoxide. 


Similar problem: 2.107. 


% ET SST OE Se | 
EXAMPLE 2.23 


Write chemical formulas for the following molecular compounds: (a) nitrogen trichloride, 
‘b) carbon disulfide, (c) disilicon hexabromide, and (d) tetranitrogen tetrasulfide. 


| Answer 


Since there are one nitrogen atom and three chlorine atoms present, the formula is 


(b) There are one carbon atom and two sulfur atoms present, so the formula is CS). 
(c) Since there are two silicon atoms and six bromine atoms present, the formula is 
SinBre. 

(d) There are four nitrogen atoms and four sulfur atoms present, so the formula is N4S4. 


Similar problem: 2.108. 


Acids and Bases 


Naming Acids. For present purposes an acid is defined as a substance that yields 
hydrogen ions (H* ) when dissolved in water. Formulas for inorganic acids contain one 
or more hydrogen atoms as well as an anionic group. Anions whose names end in 
‘ide’? have associated acids with a ‘‘hydro-’’ prefix and an ‘‘-ic’’ ending, as shown in 
Table 2.5. You may have noticed that in some instances two different names seem to 
be assigned to the same chemical formula, for example, 


HCl hydrogen chloride 
HCl hydrochloric acid 
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The H* ion is also called the 
proton. 
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Note that the formula for 
hypobromous acid is HOBr, not 
HBro. 
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TABLE 2.5 Some Simple Acids 


Anion Corresponding Acid 
ne) 
F (fluoride) HF (hydrofluoric acid) 
Cl” (chloride) HCI (hydrochloric acid) 
Br (bromide) HBr (hydrobromic acid) 
I” (iodide) HI (hydroiodic acid) 
CN™ (cyanide) ; HCN (hydrocyanic acid) 
S?~ (sulfide) HS (hydrosulfuric acid) 


The name assigned to the compound depends on its physical state. When HC] ex «ts in 


the gaseous or pure liquid state, it is a molecular compound and we call it hyd:ogen 


chloride. When it is dissolved in water, the molecules break up into H* and C! ons; 
in this state, the substance is called hydrochloric acid. 

Acids that contain hydrogen, oxygen, and another element (the central elemes') are 
called oxoacids. The formulas of oxoacids are usually written with the H firs: fol- 
lowed by the central element and then O, as illustrated by the following se of 
oxoacids: 


HCO; carbonic acid 
HNO, nitric acid 
H,SO,4 sulfuric acid 
HClO; chloric acid 


Often two or more oxoacids have the same central atom but a different number »f O 
atoms. Starting with the oxoacids whose names end with ‘‘-ic,’’ we use the follo ing 
rules to name these compounds. 


® Addition of one O atom to the ‘‘-ic’’ acid: The acid is called “*per. . .-ic’’ acid. 
Thus when we convert HCIO; to HCI1Oy,, the acid is called perchloric acid. 
® Removal of one O atom from the ‘‘-ic’’ acid: The acid is called ‘‘-ous”’ acid. 


Thus when HNO; is converted to HNO, , it is called nitrous acid. 
© Removal of two O atoms from the ‘‘-ic’”’ acid: The acid is called ‘‘hypo. . .- 


ous’’ acid. Thus when HBrO; is converted to HOBr, the acid is called hypobro- 
mous acid. 


The rules for naming anions of oxoacids, called oxoanions, are as follows. 


© When : : AN ders wh 
hen all the H ions are removed from the “ic” acid, the anion’s name ends 


We “-ate.”’ For example, the anion CO} derived from H2CO; is called car- 
jonate. 


®@ When all the H ions are removed from the ‘ 
with ‘‘-ite.”’ Thus the anion CIO3 derived from HCIO) is called chlorite. 
®@ The names of anions in which one or more but not all the hydrogen ions have 


been removed must indicate the number of H ions present. For example, consider 
the anions derived from phosphoric acid: 


-ous”’ acid, the anion’s name ends 
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< Removal of 
Oxoacid a Oxoanion 


all H* ions 


H3PO,4 phosphoric acid 

HPO, dihydrogen phosphate 

HPO; hydrogen phosphate 

PO?" phosphate 
Note that we usually omit the prefix ‘‘mono-’’ when there is only one H in the 
anion. Figure 2.15 summarizes the nomenclature for the oxoacids, and Table 2.6 
gives the names of the oxoacids and oxoanions that contain chlorine. 


Example 2.24 deals with naming an oxoacid and oxoanions. 


TABLE 2.6 Names of Oxoacids and Oxoanions That Contain Chlorine 


Acid Anion 
‘SR 
HCIO, (perchloric acid) ClO; (perchlorate) 
HCIO; (chloric acid) ClO; (chlorate) 
HCIO, (chlorous acid) ClO; (chlorite) 
HOCI (hypochlorous acid)* OCI” (hypochlorite) 


*Note that the formula for hypochlorous acid is HOCI, not HCIO. 
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FIGURE 2.15 Naming  oxo- 
acids and oxoanions. 
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CHEMISTRY IN ACTION 


ALLOTROPES 


It is an interesting chemical phenomenon that certain 
elements can exist in more than one stable form. A 
chemical element is said to exhibit allotropy when it 
occurs in two or more forms; the forms are called allo- 
tropes. Allotropes generally differ in structure and in 
both physical and chemical properties. The familiar 
elements that exhibit allotropy are carbon, oxygen, sul- 
fur, phosphorus, and tin. Here we will briefly describe 
the allotropes of carbon and oxygen. 


Carbon 


Figure 2.17 shows the two allotropes of carbon— (a) 
graphite and diamond. Looking at the figure, you may — FIGURE 2.17 The two allotropes of carbon: (a) ¢ 
find it hard to believe that both substances are made of and (b) diamond. 

the same carbon atoms. Yet their different physical 
appearance and properties are determined only by the 
manner in which the carbon atoms are linked together 
(Figure 2.18). Graphite is a soft, dark black solid with 
a metallic luster. It is a good conductor of electricity 
and is used as an electrode (electrical connection) in 
batteries. The so-called lead in ordinary pencils is in 
reality a mixture of graphite and clay. Graphite is also 
used in stove polish, in typewriter ribbons, and as a Oxygen 

lubricant. Diamond is formed over long periods on the = Molecular oxygen is a diatomic molecule, w! 
geologic scale when graphite is subjected to tremen- _ ozone, the less stable allotrope of oxygen, is tria 
dous pressure underground. In pure form, diamond isa (Figure 2.19). Molecular oxygen is a colorles 


transparent solid. Diamond is the less stable of t! 
allotropes, and in time it will turn back into gra 


takes millions of years. The hardest natural sub: 
known, diamond is used in industry as an abrasi\ 
to cut concrete and other hard substances. 


FIGURE 2.18 Models showing how carbon atoms are joined together in (a) graphite 
and (b) diamond. 


Fortunately for diamond jewelry owners, this pr 
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f 


0, 0; 


(GURKE 2.19 An oxygen (O2) molecule and an ozone (O03) 


te 


cule. 
‘orless gas; it is essential for our survival. Metabo- 
», the process by which energy stored in the food we 
‘is extracted for growth and function, cannot take 
© without oxygen. Combustion also requires oxy- 
Air is about 20 percent oxygen gas by volume. 
gen is used in steelmaking, and also in medicine. 


Ozone can be prepared from molecular oxygen by 
subjecting the latter to an electrical discharge. In fact, 
the pungent odor of ozone is often noticeable near a 
subway train (where there are frequently electrical dis- 
charges). Ozone is a toxic, light blue gas. It is used 
mainly to purify drinking water, to deodorize air and 
sewage gases, and to bleach waxes, oils, and textiles. 
Although ozone is present in the atmosphere only in 
trace amounts, it plays a central role in two processes 
that affect our lives. Near the surface of Earth, ozone 
promotes the formation of smog, which is detrimental 
to all living things. Ozone is also present in the strato- 
sphere, a region about 40 km (25 miles) above the sur- 
face of Earth. There, the ozone molecules absorb much 
of the harmful high-energy radiation from the sun and 
thus protect the life beneath. 


(MARY 


dern chemistry began with Dalton’s atomic theory, which states that all matter 


nposed of tiny, indivisible particles called atoms; that all atoms of the same 
snt are identical; that compounds contain atoms of different elements com- 


ned in whole-number ratios; and that atoms are neither created nor destroyed in 


hemical reactions (the law of conservation of mass). 


‘4 atom consists of a very dense central nucleus containing protons and neutrons, 
4 electrons moving about the nucleus at a relatively large distance from it. 
sotons are positively charged, neutrons have no charge, and electrons are nega- 
ely charged. Protons and neutrons have roughly the same mass, which is about 


’40 times greater than the mass of an electron. 


ctrons were discovered in experiments with cathode ray tubes. Protons and the 
icus were discovered in scattering experiments using a particles from radioac- 


tive elements to bombard gold foil. Neutrons were discovered in the rays produced 


by a-particle bombardment of beryllium. 


atomic number of an element is the number of protons in the nucleus of an 
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atom of the element; it determines the identity of an element. The mass number is 
ihe sum of the number of protons and the number of neutrons in the nucleus. 


. Isotopes are atoms of the same element, with the same number of protons but 


different numbers of neutrons. 


. Atomic masses are given in atomic mass units (amu), a relative unit based on 


exactly 12 for the '2C isotope. The atomic mass given for the atoms of a particular 
element is usually the average of the naturally occurring isotope distribution of 


that element. 


. A mole is an Avogadro’s number (6.022 x 1073) of atoms, molecules, or other 


particles. The molar mass (in grams) of an element or a compound is numerically 
equal to the mass of the atom, molecule, or formula unit (in amu), and contains an 
Avogadro’s number of atoms (in the case of elements), molecules, or simplest 
units of cations and anions (in the case of ionic compounds). 
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Chemical formulas combine the symbols for the constituent elements with whole- 
number subscripts to show the type and number of atoms contained in the smallest 
unit of a compound. 

The molecular formula shows the specific number and type of atoms combined in 
each molecule of a compound. The empirical formula shows the simplest ratios of 
the atoms combined in a molecule. 


. The molecular mass of a molecule is the sum of the atomic masses of the atoms in 


the molecule. 


. Ionic compounds are made up of cations and anions, formed when atoms Jose and 


gain electrons, respectively. Chemical compounds are either molecular com- 
pounds (in which the smallest units are discrete, individual molecules) or ionic 
compounds (in which positive and negative ions are held together by mutual at- 
traction). 


. The percent composition by mass of a compound is the percent by mass of each 


element present. If we know the percent composition by mass of a compound, we 
can deduce the empirical formula of the compound and also the molecular formula 
of the compound if the approximate molar mass is known. 

Atoms of constituent elements in a particular compound are always combined in 
the same proportions by mass (law of definite proportions). When two elements 
can combine to form more than one type of compound, the masses of one element 
that combine with a fixed mass of the other element are in the ratio of smal! whole 
numbers (law of multiple proportions). 

Atomic and molecular masses are determined accurately in a mass spectrometer. 
Positive ions are created by bombarding a test sample with high-energy electrons. 
These positive ions then pass through electric and magnetic fields that separate 
them according to their masses. 

The names of many inorganic compounds can be deduced from a set of simple 
tules. The formulas can be written from the names of the compounds. 
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Monatomic ion, p. 52 

Neutron, p. 40 

Nucleus, p. 39 
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EXERCISES 


SFRE 


CTURE OF THE ATOM 


REVIEW QUESTIONS 
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Define the following terms: (a) a particle, (b) B particle, 
(c) y ray, (d) X ray. 

List the types of radiation that are known to be emitted 
by radioactive elements. 

Compare the properties of the following: a particles, 
cathode rays, protons, neutrons, electrons. 

Which of the following are subatomic particles? @ parti- 
cle, electron, hydrogen atom, proton, y ray, neutron 
What is meant by the term ‘‘fundamental particle’’? 
What was Thomson’s contribution to our knowledge 
about the structure of the atom? 

What was Rutherford’s contribution to our knowledge 
about the structure of the atom? 


LEMS 


A sample of a radioactive element is found to be losing 
mass gradually. Explain what is happening to the sam- 
pie. 

Describe the experimental basis for believing that the 
nucleus occupies a very small fraction of the volume of 
the atom. 

The diameter of a neutral helium atom is about | x 
10? pm. Suppose that we could line up helium atoms 
side by side in contact with one another. Approximately 
how many atoms would it take to make the distance 
between the first and last atoms 1 cm? 

Roughly speaking, the radius of an atom is about 10,000 
limes greater than that of its nucleus. If an atom were 
magnified so that the radius of ,its nucleus became 
10 cm, what would be the radius of the atom in miles? 
(1 mi = 1609 m) 

Describe the observations that would be made in an a- 
particle scattering experiment if (a) the nucleus of an 
atom were negatively charged and the protons occupied 
the empty space outside the nucleus; (b) the electrons 
were embedded in a positively charged sphere (Thom- 
son’s model); (c) a beam of electrons instead of @ parti- 
cles was shot at the target of gold foil. 


ATOMIC NUMBER, MASS NUMBER, AND 
ISOTOPES 


REVIEW QUESTIONS 


2.13 


2.14 


Define the following terms: (a) atomic number, (b) mass 
number. Why does a knowledge of atomic number en- 
able us to deduce the number of electrons present in an 
atom? 

Explain the meaning of each term in the symbol Ax. 


EXERCISES 77 


2.15 Why do all atoms of an element have the same atomic 
number, although they may have different mass num- 
bers? What do we call atoms of the same elements with 
different mass numbers? 


PROBLEMS 


2.16 For each of the following species, determine the number 
of protons and the number of neutrons in the nucleus: 


HN NN Hcl Hcl SV Be 73iPa 


2.17 Indicate the number of protons, neutrons, and electrons 
in each of the following species: 


SLi Al OP $$Znn 
BBr 131 'GHg = 793U 
2.18 Which of the following symbols provides us with more 


information about the atom: Na or ,|Na? Explain. 
2.19 For the noble gases (the Group 8A elements), 


sy A 
3He 7$Ne Ar kr 122Xe 


(a) determine the number of protons and neutrons in the 
nucleus of each atom and (b) determine the ratio of neu- 
trons to protons in the nucleus of each atom. Describe 
any general trend you discover in the way this ratio 
changes with increasing atomic number. 

2.20 Write the appropriate symbol for each of the following 
isotopes: (a) Z= 11, A = 23; (b) Z = 28, A= 64; 
(c) Z= 74, A = 186; (d) Z = 80, A= 201. 


ATOMIC MASS AND AVOGADRO’S NUMBER 


REVIEW QUESTIONS 


2.21 What is an atomic mass unit? 

2.22 What is the mass (in amu) of a carbon-12 atom? 

2.23 When we look up the atomic mass of carbon, we find 
that its value is 12.01 amu rather than 12.00 amu as 
defined. Why? 

2.24 Define the term ‘‘mole.’’ What is the unit for mole in 
calculations? What does the mole have in common with 
the pair, the dozen, and the gross? 

2.25 What does an Avogadro’s number represent? 

2.26 What does | mole of oxygen atoms mean? 

2.27 Define ‘‘molar mass.’’ What are the commonly used 
units for molar mass? 

2.28 Calculate the charge (in coulombs) and mass (in grams) 
of 1 mole of electrons. What is the ratio of the mass 
with that of 1 mole of hydrogen atoms? 
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PROBLEMS 


2,29 


2.30 


2.32 


Explain clearly what is meant by the statement ‘‘The 
atomic mass of gold is 197.0 amu.”’ 
The atomic masses of 73CI (75.53%) and 73Cl (24.47%) 
are 34.968 amu and 36.956 amu, respectively. Calcu- 
late the atomic mass of natural chlorine. The percent- 
ages in parentheses denote the relative abundances. 
Earth’s population is about 4.0 billion. Suppose that 
every person on Earth participates in a process of count- 
ing identical particles at the rate of two particles per 
second. How many years would it take to count 6.0 x 
10° particles? Assume that there are 365 days ina year. 
Avogadro’s number has sometimes been described as a 
conversion factor between the units of amu and grams. 
Use the fluorine atom (19.00 amu) as an example to 
show the relation between the atomic mass unit and the 
gram. 

How many moles of magnesium atoms are there in 
2.00 x 10° (two billion) Mg atoms? 

How many moles of boron (B) atoms are in 64.2 g of B? 
How many grams of gold (Au) are there in 15.3 moles 
of Au? 

What is the mass in grams of 2.6 amu? 

How many amu are there in 3.4 g? 

The atomic mass of silicon (Si) is 28.09 amu. What is 
the mass (in grams) of one Si atom? 

What is the mass in grams of a single atom of each of 
the following elements? (a) Hg, (b) Ne, (c) As, (d) Pb 
What is the mass in grams of 1.00 x 10!? lead atoms? 
How many atoms are present in 3.14 g of copper? 
Which of the following has more atoms: 1.10 g of hy- 
drogen atoms or 14.7 g of chromium atoms? 

In the formation of carbon monoxide, CO, it is found 
that 2.445 g of carbon combines with 3.257 g of oxy- 
gen. What is the atomic mass of oxygen if the atomic 
mass of carbon is 12.01 amu? 


MOLECULES AND CHEMICAL FORMULAS 
REVIEW QUESTIONS 


2.44 
2.45 
2.46 


2.47 


2.48 


2.49 


What is the difference between an atom and a molecule? 
What does a chemical formula represent? 

What is the ratio (in number of atoms and in number of 
moles) of the atoms in the following molecular formu- 
las? (a) SO2, (b) NCl3, (c) N04, (d) PyO6 

Define molecular formula and empirical formula. What 
are the similarities and differences between the empiri- 
cal formula and molecular formula of a compound? 
Give an example of a case in which two molecules have 
different molecular formulas but the same empirical for- 
mula. 

What does the expression Sg signify? How does this 
differ from 8S? 


2.50 What is the difference between a molecule and a com- 


pound? Show a molecule that is also a compound and a 
molecule that is not a compound. 


2.51 Give two examples for each of the following: (a) a dia- 
tomic molecule containing atoms of the same »lement, 
(b) a diatomic molecule containing atoms o: <:fferent 
elements, (c) a polyatomic molecule containiny atoms 
of the same element, and (d) a polyatomic oolecule 
containing atoms of different elements. 

PROBLEM 

2.52 What are the empirical formulas of the follow 1s com- 
pounds? (a) C6H)20¢, (b) C6Ho, (c) CgHg, (cd S204, 
(e) AbCle, (f) BoHe, (g) K2xCr207 

MOLECULAR MASS 

REVIEW QUESTIONS 

2.53 What is the difference between atomic mass and molec- 
ular mass? 

2.54 Why do chemists prefer not to express the masses of 
individual atoms and molecules in grams in practical 
work? 

PROBLEMS 

2.55 Calculate the molecular mass (in amu) of eacl of the 
following substances: (a) CHy, (b) H2O, (c) HO, 
(d) CeHe, (e) PCls. 

2.56 Calculate the molar mass of the following sub: ‘ances: 
(a) Sg, (b) CS, (c) CHCl; (chloroform), (d) © ;HgO¢ 
(ascorbic acid or vitamin C). 

2.57 Calculate the molar mass of CssH72MgN,Os | hloro- 
Phyll), the green plant pigment that plays the central 
role in photosynthesis. 

2.58 Calculate the molar mass of a compound if 0.89 mole of 
it has a mass of 79 g. 

2.59 Consider the BH molecule. What is the relationship 
between the molar mass of the molecule and the molar 
mass calculated from the empirical formula of the mole- 
cule? 

2.60 Hemoglobin (Crgs2Ha664Ng12032SsFe,) is the oxygen 
carrier in blood. (a) Calculate its molar mass. (b) How 
many molecules are present in 74.3 g of hemoglobin? 

2.61 How many moles of ethane (CsHs) are present in 
0.334 g of CyH,? 

2.62 The density of water is 1.00 g/mL at 4°C. How many 
water molecules are present in 2.56 mL of water at this 
temperature? 

2.63 How many moles of O are needed to combine with 

2.64 pi? mole of C to form (a) CO and (b) CO,? 


What mole ratio of molecular chlorine (Cl,) to molecu- 
lar oxygen (03) would result from the breakup of the 
compound C1,0; into its constituent elements? 


Pp 


FOr 


How many grams of sulfur (S) are needed to combine 

with 246 g of mercury (Hg) to form HgS? 

Urea [(NH2)2CO] is a compound used for fertilizer and 

many other things. Calculate the number of N, C, O, 

and H atoms in 1.68 x 10* g of urea. 

Calculate the numbers of C, H, and O atoms in 1.50 g 

of sucrose (C}2H220);), a sugar. 

Pheromones are a special type of compound secreted by 

the females of many insect species to attract the males 
»y mating. One pheromone has the molecular formula 

‘~;9H3g0. Normally, the amount of this pheromone se- 

creted by a female insect is about 1.0 x 107'? g. How 
any molecules are there in this quantity? 


COMPOUNDS 
V QUESTIONS 


Vhat is an ionic compound? How is electrical neutrality 
faintained in an ionic compound? 

Vhich elements are most likely to form ionic com- 
sounds? 

ay are ionic compounds normally not called mole- 
les? 


AMS 


©ive the number of protons and electrons in each of the 
ollowing ions present in ionic compounds: K*, Mg?*, 
APY, Be? tly Hay s-aniandiO* ss 
vanides are compounds that contain the CN™ anion. 
Viost cyanides are deadly poisonous compounds. For 
ample, ingestion of a quantity as small as 1.00 x 
° g of potassium cyanide (KCN) may prove fatal. 
‘ow many KCN units does this quantity of KCN con- 
iin? 
Jhich of the following compounds are likely to be 
ionic? Which are likely to be molecular? 


Sic, . LiF "Bach. “BoHe. KI’ CH, 


CENT COMPOSITION AND CHEMICAL 
iULAS 


REViEW QUESTIONS 


2.75 Define percent composition by mass of a compound. 

2.76 Describe how the knowledge of the percent composition 
by mass of an unknown compound of high purity can 
help us identify the compound. 

2.77 What does the word ‘‘empirical’’ mean? 

2.78 If we know the empirical formula of a compound, what 
additional information do we need in order to determine 
its molecular formula? 

PROBLEMS 

2.79 Mercury exists in Earth’s crust as HgS. Calculate the 


percent composition by mass of Hg and S in the com- 
pound. 


2.80 


2.81 


2.82 


2.83 


2.86 


2.88 


2.89 


2.90 
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Sodium, a member of the alkali metal family (Group 
1A), is a very reactive metal and thus is never found in 
nature in its elemental state. It forms ionic compounds 
with members of the halogens (Group 7A). Calculate 
the percent composition by mass of all the elements in 
each of the following compounds: (a) NaF, (b) NaCl, 
(c) NaBr, (d) Nal. 

For many years chloroform (CHCI;) was used as an in- 
halation anesthetic in spite of the fact that it is also a 
toxic substance that may cause severe liver, kidney, and 
heart damage. Calculate the percent composition by 
mass of this compound. 

Cinnamic alcohol is used mainly in perfumery, particu- 
larly soaps and cosmetics. Its molecular formula is 
CoH 00. (a) Calculate the percent composition by mass 
of C, H, and O in cinnamic alcohol. (b) How many 
molecules of cinnamic alcohol are contained in a sample 
of mass 0.469 g? 

All of the substances listed below are fertilizers that 
contribute nitrogen to the soil. Which of these is the 
richest source of nitrogen on a mass percentage basis? 
(a) Urea, (NH2),CO 

(b) Ammonium nitrate, NH4NO; 

(c) Guanidine, HNC(NH2)» 

(d) Ammonia, NH; 

Which of the following substances contains the greatest 
mass of chlorine? (a) 5.0 g Cl, (b) 60.0 g NaClO3, 
(c) 0.10 mol KCl, (d) 30.0 g MgCl, (e) 0.50 mol Cl, 
The formula for rust can be represented by Fe.03. How 
many moles of Fe are present in 24.6 g of the com- 
pound? 

Tin(Il) fluoride (SnF;) is often added to toothpaste as an 
ingredient to prevent tooth decay. What is the mass of F 
in grams in 24.6 g of the compound? 

Platinum forms two different compounds with chlorine. 
One contains 26.7 percent Cl by mass and the other 
contains 42.1 percent Cl by mass. Determine the empir- 
ical formulas of the two compounds. 

What are the empirical formulas of the compounds with 
the following compositions? (a) 2.1 percent H, 65.3 
percent O, 32.6 percent S; (b) 20.2 percent Al, 79.8 
percent Cl; (c) 40.1 percent C, 6.6 percent H, 53.3 per- 
cent O; (d) 18.4 percent C, 21.5 percent N, 60.1 per- 
cent K 

Peroxyacylnitrate (PAN) is one of the components of 
smog. It is a compound of C, H, N, and O. Determine 
the percentage of composition of oxygen and the empir- 
ical formula from the following percent composition by 
mass: 19.8 percent C, 2.50 percent H, 11.6 percent N. 
The molar mass of caffeine is 194.19 g. Is the molecu- 
lar formula of caffeine CyHsN.O or CgH)oN4O2? 
Monosodium glutamate (MSG) has sometimes been 
suspected as the cause of ‘‘Chinese restaurant syn- 
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drome’’ because this food-flavor enhancer can induce 
headaches and chest pains. (Note that the Chinese peo- 
ple have used MSG for at least a thousand years with no 
ill effects.) MSG has the following composition by 
mass: 35.51 percent C, 4.77 percent H, 37.85 percent 
O, 8.29 percent N, and 13.60 percent Na. What is its 
molecular formula if its molar mass is 169 g? 


LAW OF MULTIPLE PROPORTIONS 
REVIEW QUESTION 


2.92 Define the law of definite proportions and the law of 
multiple proportions. 


PROBLEMS 


2.93 Nitrogen forms a number of compounds with oxygen. It 
is found that in one compound, 0.681 g of N is com- 
bined with 0.778 g of O; in another compound, 0.560 g 
of N is combined with 1.28 g of O. Prove that these data 
support the law of multiple proportions. 

2.94 Chemical analysis of two iron chlorides shows ‘their 
composition to be 44.06 g of Fe and 55.94 g of Cl; 
34.43 g of Fe and 65.57 g of Cl. Are these data consist- 
ent with the law of multiple proportions? 

2.95 Phosphorus forms two compounds with chlorine. In one 
compound, 1.94 g of P combines with 6.64 g of Cl; in 
another, 0.660 g of P combines with 3.78 g of Cl. Are 
these data consistent with the law of multiple propor- 
tions? 


MASS SPECTROMETRY 
REVIEW QUESTIONS 


2.96 Describe the operation of a mass spectrometer. 
2.97 Describe how you would determine the isotopic abun- 
dance of an element from its mass spectrum. 


PROBLEMS 


2.98 Carbon has two stable isotopes, '@C and '3C, and fluo- 
rine has only one stable isotope, '3F. How many peaks 
would you observe in the mass spectrum of the positive 
ion of CF}? Assume no decomposition of the ion into 
smaller fragments. 

2.99 Hydrogen has two stable isotopes, }H and 7H, and sulfur 
has four stable isotopes: 72S, 73S, 7S, and 78S. How 
many peaks would you observe in the mass spectrum of 
the positive ion of hydrogen sulfide, HjS*? Assume no 
decomposition of the ion into smaller fragments. 

2.100 A compound containing only C, H, and Cl was exam- 
ined in a mass spectrometer. The highest mass peak 
seen corresponds to an ion mass of 52 amu. The most 
abundant mass peak seen corresponds to an ion mass of 
50 amu and is about three times as intense as the peak at 
52.amu. Deduce a reasonable molecular formula for the 


compound and explain the positions and intensities of 
the mass peaks mentioned. (Hint: Chlorine is the only 
element that has isotopes in comparable abundances: 
35C]: 75.5%; 33Cl: 24.5%. For H, use |H; for C, use 
2.) 
6C. 

NAMING INORGANIC COMPOUNDS 


REVIEW QUESTIONS 


2.101 What is the difference between an inorganic compound 
and an organic compound? 

2.102 Label each of the following compounds as inorganic or 
organic: (a) NH4Br, (b) CCly, (c) KHCO3, (d) NaCN, 
(e) CHy, (f) CaCO3, (g) CO, (h) CH;COOH 


2.103 Define the following terms: binary compound, ternary 
compound, acid, oxoacid, oxoanion, base, hydrate. 

2.104 Describe the use of the Stock system in naming inor- 
ganic compounds. 

2.105 Give two examples each of (a) an acid that contains one 
or more oxygen atoms and (b) an acid that does not. 

2.106 Give (a) two examples of a base that contains a hydrox- 
ide (OH ) group and (b) one example of a base that 
does not. 

PROBLEMS 


2.107 Name the following compounds: (a) KH>POu, 
(b) KjHPO4, (c) HBr (gas), (d) HBr (in ater), 
(e) LixCO3, (f) KoCr0;, (g) NHyNO>, (h) PF3, (i) PFs, 
(j) P406, (k) Cdl, (1) SrSO4, (m) Al(OH) , (n) KCIO, 
(0) AgsCO3, (p) FeCl, (q) KMnOy,, (r) CsClO3, 
(s) KNH4SOg, (t) FeO, (u) Fe,O3, (v) TiCly, (w) NaH, 
(x) LisN, (y) NayO, (z) Na,O>. 

2.108 Write the formulas for the following compounds: (a) ru- 
bidium nitrite, (b) potassium sulfide, (c) sodium hydro- 
gen sulfide, (d) magnesium phosphate, (e) calcium hy- 
drogen phosphate, (f) potassium dihydrogen phosphate, 
(g) iodine heptafluoride, (h) ammonium sulfate, (‘) sil- 
ver perchlorate, (j) iron(II) chromate, (k) copper(I) 
cyanide, (1) strontium chlorite, (m) perbromic acid, 
(n) hydroiodic acid, (0) disodium ammonium phos- 
phate, (p) lead(II) carbonate, (q) tin(II) fluoride, 
(r) tetraphosphorus decasulfide, (s) mercury(II) oxide, 
(t) mercury(I) iodide, (u) copper(II) sulfate pentahy- 
drate. 

2.109 Write the formulas for the compounds with the follow- 
ing common names: (a) Dry Ice, (b) baking soda, 
(c) milk of magnesia, (d) laughing gas, (e) table salt, 
(f) marble, (g) chalk, (h) limestone, (i) quicklime, 
(j) slaked lime. 


MISCELLANEOUS PROBLEMS 


2.110 The atomic masses of SLi and 3Li are 6.0151 amu and 
7.0160 amu, respectively. Calculate the natural abun- 


2.01 


app Rt 


7) 


dances of these two isotopes. The average atomic mass 
of Li is 6.941 amu. 

One isotope of a metallic element has mass number 65 
and 35 neutrons in the nucleus. The cation derived from 
the isotope has 28 electrons. Write the symbol for this 
cation. 


2 In which one of the following pairs do the two species 


resemble each other most closely in chemical proper- 
ties? (a) 1231 and '3—, (b) #$Cl and 73Cl, (c) 3Li and 
SLi* 

The table gives numbers of electrons, protons, and neu- 
trons in atoms or ions of a number of elements. Answer 
the following: (a) Which of the species are neutral? 
(b) Which are negatively charged? (c) Give the conven- 
tional symbols for B, D, and F. 


Atom or 
fon of Element A Bee Com DD) pee eee 1G 
Number of electrons 5 7 Bla ca 6 
Number of protons 5.) ele Oe oS 9 
Number of neutrons 5 7 10 10 8 6 10 


2.114 What is wrong or ambiguous about each of the follow- 


a 


ing statements? (a) 1 mole of hydrogen. (b) The molec- 
ular mass of NaCl is 58.5 amu. 

Which of the following are elements, which are mole- 
cules but not compounds, which are compounds and 
molecules, and which are ionic compounds? (a) SOo, 
(b) Py, (c) Cs, (d) NoOs, (e) O, (f) O2, (g) Os, (h) CHy, 
(i) KBr, (j) S, (k) Sg, (1) LiF 


2.116 


2.117 


2.118 


2.119 


2.120 


2.121 


2.122 
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Which one of the following samples contains the largest 
number of atoms? (a) 2.5 mol CH, (b) 10.0 mol He, 
(c) 4.0 mol SOz, (d) 1.8 mol Ss, (e) 3.0 mol NH3 
Which of the following has the greater mass: 0.72 g of 
QO, or 0.0011 mol of chlorophyll (C5sH72MgN4Os)? 
Arrange the following in order of increasing mass: 
(a) 16 water molecules, (b) 2 atoms of lead, (c) 5.1 x 
10-3 mol of helium. 

The atomic mass of an element X is 33.42 amu. A 
27.22-g sample of X combines with 84.10 g of another 
element Y to form a compound XY. Calculate the 
atomic mass of Y in amu. 

Analysis of a metal chloride XC, shows that it contains 
67.2% Cl by mass. Calculate the atomic mass of X in 
amu and identify the element. (Atomic mass of Cl = 
35.45 amu) 

Ionic compounds are most likely to be formed as a result 
of the combination between the metals in Groups 1A, 
2A, and aluminum (a Group 3A metal) and the non- 
metals oxygen, nitrogen, and the halogens (the Group 
7A elements). Write chemical formulas and names of all 
the binary compounds that can result from such combi- 
nations. 

The following phosphorus sulfides are known: P4S3, 
P,S,, and P4S;9. Do these compounds obey the law of 
multiple proportions? (Hint: Since the number of P 
atoms is the same in all three compounds, you need only 
look at the ratio of the S atoms in these compounds.) 
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Stoichiometry: The 


: coil of red-hot copper wire is placed above a concentrated ammonia solution, the coil continues to glow. The hot metal 
e promotes the reaction between ammonia and oxygen gas to produce nitric oxide and water, which is the first step in the 


i! manufacture of nitric acid. 
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tion of mass. 


n Chapter 2 we discussed the masses of atoms and molecules. Our next concern is what 

happens to atoms and molecules when chemical changes occur. We will study the mean- 

ing and use of chemical equations, and then we will be able to discuss mass relation- 
ships in chemical reactions. One important law will be our main guide—the law of conserva- 


Recall that the coefficient of 
0, in this expression is 1. 


3.1 Chemical Equations 


A chemical change is called a chemical reaction. In order to communicate clearly with 
one another about chemical reactions, chemists need a standard way to represen! them. 
This section deals with two related aspects of describing chemical reactions by ‘he use 
of chemical symbols—writing chemical equations and balancing chemical equations. 


Writing Chemical Equations 


Consider what happens when hydrogen gas (H2) burns in air (which contains mo!ecular 
oxygen, O2) to form water. This reaction can be represented as 


H, + O; —> HO (3.1) 


where the + sign means “‘reacts with’’ and the —> sign means ‘‘to yield.’’ Thus, this 
symbolic expression can be read: ‘‘Molecular hydrogen reacts with molecular ox ygen 
to yield water.’ The reaction is assumed to proceed from left to right as the arrow 
indicates. 

The expression (3.1) is not complete, however, because there are twice a many 
oxygen atoms on the left side of the arrow (two) as on the right side (one). To conform 
with the law of conservation of mass, there must be the same number of each '\/pe of 
atom on both sides of the arrow; that is, we must have as many atoms after the re action 
ends as we did before it started. We can balance this expression by placing an appropri- 
ate coefficient (2 in this case) in front of H> and H30: 


2H, + O: —> 2H,0 


This balanced chemical equation shows that ‘‘two hydrogen molecules can combine or 
react with one oxygen molecule to form two water molecules” (Figure 3.1). Since the 
ratio of the number of molecules is equal to the ratio of the number of moles, the 
equation can also be read as ‘‘2 moles of hydrogen molecules react with 1 mole of 
oxygen molecules to produce 2 moles of water molecules.”’ 
mole of each of these substances, so we can also i 
H, react with 32.00 g of O, to give 36.04 g of H 
equation are summarized in Table 3.1, 
In Equation (3.1), we refer to Hz and O; as reactants 

substances in a chemical reaction. H,0 is the product which 
as a result of a chemical reaction. A chemical equation, then 


We know the mass of a 
nterpret the equation as ‘4.04 g of 
20.” These three ways of reading the 


which are the starting 
is the substance formed 
can be thought of as the 
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FIGURE 3.1 Three ways of 
representing the combustion of 
H>. In accordance with the law 


eo 
no O- 


Two hydrogen One oxygen Two water 


molecules molecule —? molecules of conservation of mass, the 
aff a wee number of each type of atom 
eg + ; a must be the same on both sides of 


the equation. 


chemist’s shorthand description of a reaction. In chemical equations the reactants are 
conventionally written on the left and the products on the right of the arrow: 


reactants ——> products 


Note that we balance a chemical equation by changing the coefficients, never the 
subseripts. Changing a subscript would change the identity of the compound. For 
ple, 2NO> means ‘‘two molecules of nitrogen dioxide,’’ but if we double the 
subscripts, we have N3Oq, which is the formula for dinitrogen tetroxide, a completely 
different molecule. 

‘hen writing chemical equations, chemists often indicate the physical states of the 
s and products by using the abbreviations g, J, s, and aq in parentheses to 


W 


reac 


denote gas, liquid, solid, and the aqueous (that is, water) environment, respectively. 
For example, 
2H2(g) + O2(g) ——> 2H20(/) A detailed discussion of 
balancing chemical equations 
CH,(g) + 202(g) ——> CO,(g) + 2H20(/) begins on p. 87. 


2HgO(s) ——> 2Hg(/) + O2(g) 
Br,(/) 225 Brs(aq) 


The last equation describes what happens when liquid bromine dissolves in water. 
Writing HO above the arrow indicates the physical process of dissolving a substance 
in water, These abbreviations help remind us of the state of the reactants and products, 
but they are not essential in writing and balancing equations. 

Sometimes the condition under which the reaction proceeds is indicated above the 
arrow. For example, if a reaction is initiated by heating the reactants, the symbol A to 
denote the addition of heat is sometimes used: 


2KCIO,(s) Xs 2KCK(s) + 302(g) 
TABLE 3.1 Interpretation of a Chemical Equation 


2H> +O — > 2H,0 

Two molecules + one molecule —> two molecules 

2 moles + 1 mole — = 2 moles 

2(2.02 g) = 4.04 g + 32.00 g —> 2(18.02 g) = 36.04 g 
a SSS ee ee 


36.04 g reactants 36.04 g products 


86 


Some chemical reactions never 
go to completion. 
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The following example shows how a chemical equation can be interpreted. 


=... 0. =a | 


EXAMPLE 3.1 


The first step in obtaining zinc metal from its ore, zinc sulfide, is to heat the compous. i) 
air. Describe in words what can be deduced from the following chemical equ: 


2ZnS(s) + 302(g) a5 2ZnO(s) + 2SO2(g) 


Answer 


1. Solid ZnS (zinc sulfide) reacts with O2 (oxygen gas) to form solid ZnO (zine 0». >) 
and SO) (sulfur dioxide) gas. 

2. Two zine sulfide formula units (not molecules, because ZnS is an ionic compo 
react with three oxygen molecules to produce two zinc oxide formula units (ZnO 1 
ionic compound) and two sulfur dioxide molecules. 

3. Two moles of zinc sulfide react with 3 moles of oxygen molecules to produce 2 » 
of zinc oxide and 2 moles of sulfur dioxide molecules. 

4. 194.9 g of zinc sulfide react with 96.00 g of oxygen to produce 162.8 g of zinc o 
and 128.1 g of sulfur dioxide. 

5. Heat is necessary to make the reaction go. 


Sint problems: 3.5, 3.6. 


A chemical equation is not a complete description of what actually occurs dusig a 
chemical reaction. It generally describes only the overall change, that is, the nu “ber 
and types of atoms, molecules, or ions before and after a reaction; it says nothing «out 
how the reaction proceeds. In the earlier example involving water formation, Eg. ‘ion 


(3.1) states that the overall change in the reaction is the disappearance of two H2 
molecules and one O2 molecule and the appearance of two H30 molecules. The *«ua- 
tion gives no details about how the reaction occurs. For example, it is not at al! ~lear 
whether the reaction proceeds by the simultaneous attack of two H molecules on +) O2 


molecule or by the reaction of a H> molecule with an O2 molecule first, followed by the 
attack of another Hz molecule, or by some other route. 

Furthermore, a chemical equation does not tell us how long it will take for the 
change to occur. Do we have to wait days or months for the reaction to be completed, 
or will the reaction be finished in a few seconds? in fact, a single equation may 
represent a very fast reaction as well as a very slow reaction, depending on conditions. 
The oxidation of iron (that is, the combination of iron with oxygen) can take years if 
it involves the gradual rusting of an iron nail in an old house, or it can be very rapid if 


red-hot iron filings react with pure oxygen gas. Yet both of these reactions can be 
represented by the same chemical equation: 


4Fe(s) + 302(g) —> 2Fe,0;(s) 


In general, therefore, remember not to read into 


an equation information that is not 
there. 


3.1 CHEMICAL EQUATIONS 


Balancing Chemical Equations 


We will see later that one of the most useful things about a chemical equation is that it 
allows us to predict the amounts of products formed if we know the amounts of 
reactants we started with. But we can do this only with a balanced equation. We can 
balance a simple chemical equation by the following steps: 


From the identities of the reactants and products, write an unbalanced equation 
with the formulas of the reactants to the left of the arrow, and the formulas of the 
products to the right of the arrow. At this stage, you will not be expected to 
predict the products if only the reactants are given. Later in your study of chemis- 
ry you will be able to make intelligent guesses. 
Once you have correct formulas for the reactants and products, begin balancing 
re equation by trying suitable coefficients that will make the number of atoms of 
«ach element the same on both sides of the equation. Remember, you can change 
aly the coefficients—changing the subscripts will change the identity of the 
»mpound. Look for elements that appear only once on each side of the equation 
yd with equal numbers (of atoms) on each side—the compounds containing 
hese elements must have the same coefficients. Next, look for elements that 
»ppear only once on each side of the equation but in unequal numbers (of atoms). 
lance these elements. Finally, balance elements that appear in two or more 
mpounds on the same side of the equation. 
:ck your balanced equation to be sure that you have the same total number of 
each type of atom on both sides of the equation arrow. 


ovider the reaction of iron with hydrochloric acid to produce iron(II) chloride and 
hydroven gas. From this information, and remembering that hydrogen gas is diatomic, 


Fe + HCl —> FeCl) + Hp 


We sce that all three elements (Fe, H, and Cl) appear only once on each side of the 
‘guetion, but only Fe appears in equal numbers of atoms on both sides. Thus Fe and 
|. must have the same coefficient. The next step is to make either the number of Cl 
»s or the number of H atoms the same on both sides of the equation. To balance Cl, 
we olace the coefficient 2 in front of HCI: 


Fe + 2HCl ——> FeCl, + H2 (3.2) 


We see now that the equation is balanced for all the elements. As a final check, we can 
inventory the number of atoms of each element in both the reactants and the products: 


Reactants Products 
Fe (1) Fe (1) 
H (2) H (2) 
Cl (2) Cl (2) 


where the number in parentheses indicate the number of atoms. 
Note that this equation could also be balanced in other ways, for example, 


2Fe + 4HCl —> 2FeCl, + 2H2 
100Fe + 200HCl —> 100FeCl, + 100H2 


For simplicity, the physical 
states of reactants and 
products are omitted. 
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Ethane is a component of 
natural gas. 
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In practice, however, we normally use the smallest possible set of whole-number 
coefficients to balance an equation. Equation (3.2) conforms with this convention, 

Now let us consider the combustion (that is, burning) of ethane (C)H.) in oxygen or 
air, which yields carbon dioxide (CO) and water. We write 


CoH + O2 —> CO + H,0 


We see that the number of atoms is not the same on both sides of the equation for any 
of the elements (C, H, and O). We see that C and H appear only once on eac/ side of 
the equation; O appears in two compounds on the right side (CO and H,Q). To 
balance the C atoms, we place a 2 in front of CO: 


CoH, + 02 —> 2CO, + H,0 
To balance the H atoms, we place a 3 in front of H,O: 


CsHe + O02 —> 2CO, + 3H2,0 


At this stage, the C and H atoms are balanced, but the O atoms are not balanced, 
because there are seven O atoms on the right-hand side and only two O atoms on the 
left-hand side of the equation. This inequality of O atoms can be eliminated by writing 


3 in front of the O> on the left-hand side. 
CGHe + 40> —" 2CO> + 3H,0 


The ‘‘logic”’ of the $ factor can be clarified as follows. There were seven oxygen atoms 
on the right-hand side of the equation, but only a pair of oxygen atoms (O>) on the left. 
To balance them we ask how many pairs of oxygen atoms are needed to equal seven 
oxygen atoms. Just as 3.5 pairs of shoes equal seven shoes, $0, molecules equa! seven 
O atoms. As the following tally shows, the equation is now completely balanced: 


Reactants Products 
C (2) C (2) 
H (6) H (6) 
0 (7) 0 (7) 


However, we normally prefer to express the coefficients as whole numbers rather 
than as fractions. Therefore, we multiply the entire equation by 2 to convert 4 to 7: 


2C2Hs + 70. —> 4CO, + 6H;0 
The final tally is 


Reactants Products 
C (4) C (4) 
H (12) H (12) 
0 (14) O (14) 


Note that the coefficients used in balancin, 


g the equation : sible set of 
whole timer: q are the smallest possible set of 


Let us now apply the skills we have learned to solve some problems 


3.1 CHEMICAL EQUATIONS 


EXAMPLE 3.2 

Write a balanced equation for each of the following reactions: (a) copper(II) oxide (CuO) 
reacts with ammonia (NH3) to yield copper (Cu), water (HO), and nitrogen gas (No); 
(b) ammonia reacts with oxygen gas (O>) to produce nitric oxide (NO) and water. 


Answer 


(a) CuO + NH; —> Cu+H,0 +N 


We see that both Cu and O appear only once on each side of the equation and in equal 
»rs. Therefore, the coefficient for CuO must be the same as that for Cu and HO. We 
hat both H and N appear only once on each side of the equation but with unequal 
ers of atoms. To balance N, we must use the coefficient 2 for NH3; to balance H, we 
st use the coefficient 3 for HO: 


CuO + 2NH; ——> Cu + 3H,0 + N2 
Since the coefficients for CuO, Cu, and HO must all be the same, we write 


3CuO + 2NH; — > 3Cu + 3H,O0 + N2 


The final tally shows 
Reactants Products 


Cu (3) Cu (3) 

N (2) N (2) 

H (6) H (6) 

O (3) 0 G3) 
“fore the equation is completely balanced. 
(b NH; + 0; —~> NO + H,0 
se three elements (N, H, and O), only N appears once on each side of the equation 
qual number. Therefore, the coefficient for NH3 must be the same as that for NO. 
ote that H appears once on each side of the equation but in unequal numbers of atoms 
on the left and two on the right). To balance H, we need to place a coefficient in 
front of NHg such that, when it is multiplied by 3 (the subscript in NH3), the product will 
be equal to the product of the coefficient we place in front of H,O and 2 (the subscript in 
0); that is, we must have 


3x = 2y 
where x and y are the coefficients for NH3 and H,0, respectively. By simple inspection, 
we find that x = 2 and y = 3, so we write 
2NH; + 0; —~> NO + 3H,0 
We next balance the N atoms by placing a 2 in front of NO: 
2NH; + 02 —> 2NO + 3H,0 
There are two O atoms on the left and five O atoms on the right, so we place the coeffi- 


cient 3 in front of Oy: 
2NH; + $0, —> 2NO + 3H20 


This reaction is shown on 
p. 83. 
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The equation is now balanced, but to convert all the coefficients into whole numbers, we 
multiply the entire equation by 2: 
4NH; + 50. —> 4NO + 6H,0 


The final tally shows 


Reactants Products 


N (4) N (4) 
H(12) —-H (12) 
O(10) O10) 


Similar problems: 3.7, 3.8. 


3.2 Properties of Aqueous Solutions 


Now that we have learned the fundamentals for writing and balancing chemi \! equa- 
tions, we are ready to study chemical reactions in a systematic way. How: even 
before we begin to classify reactions into categories, it will be useful to | some 
knowledge about the medium in which reactions take place. Because many yortant 
chemical reactions and virtually all biological processes take place in aqueo media, 
we will digress for a moment to survey the properties of water solutions. We » gin by 
defining some frequently used terms. 

A solution is a homogeneous mixture of two or more substances. The stance 
present in smaller proportion is called the solute, and the substance that is sent in 
a larger amount is called the solvent. Solutions may be gaseous (such as ; solid 
(such as a metal alloy), or liquid (a soft drink, for example). In this section e will 
discuss only cases in which the solute is a liquid or a solid and the solvent is | ater— 
that is, aqueous solutions. An aqueous solution can of course contain more | an one 
kind of solute. Seawater is a solution that contains more than sixty different sub- 
stances. 


Electrolytes Versus Nonelectrolytes 


» the bulb will glow as soon as the salt dissolves i 
i i . alt dissolves in the 
water. When solid NaCl dissolves in water, it breaks up into Nat and Cl~ ions. The 


movement ret ; 
of Na” ions toward the negative electrode and of Cl~ ions toward the 
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Battery 


{1} 


Electrode 


(a) (b) (c) 


ic 8.2 An arrangement for distinguishing between electrolytes and nonelectrolytes. A solution’ s ability to conduct electricity 
on the number of ions it contains. (a) A nonelectrolyte solution does not contain ions, and the light bulb is not lit. (b) A weak 
ele vie solution contains a small number of ions, and the light bulb is dimly lit. (c) A strong electrolyte solution contains a large 


of ions, and the light bulb is brightly lit. The molar amounts of the dissolved solutes are equal in all three cases. 


positive electrode is equivalent to the flow of electrons along a metal wire. In this way 
a solution containing an electrolyte is able to conduct electricity. 

“omparison of the light bulb’s brightness for the same molar amounts of dissolved 
substances helps us distinguish between strong and weak electrolytes. Ionic com- 


povecs such as sodium fluoride (NaF), lithium chloride (LiCl), and potassium iodide 

(K vod certain acids and bases such as hydrochloric acid (HCI), nitric acid (HNO3), 

and sodium hydroxide (NaOH), are all strong electrolytes. They share the common The term jonization refers to 
b oe PTE Ss: . . 7 the breakup of acids and bases 
ch ristic of ionizing completely when dissolved in water: into 4Gue ta suladieny the Tria 


dissociation applies to the 


+ = 
HCitaq) HE tog) OlTkag) breakup of ionic compounds 


In ovher words, all the dissolved HCI molecules give H* and Cl” ions in solution. On Hoag Ase reir! = bases) 
the other hand, weak electrolytes such as acetic acid (CH3;COOH), which is found in ‘ oe 
vinevar, ionize much less. We represent the ionization of acetic acid as 


CH;COOH(aq) == CH3COO (aq) + H* (aq) 


where CH3;COO7 is called the acetate ion. 
fhe double arrow —— means that the reaction is reversible; that is, the reaction 
can occur in both directions. Initially, a number of CH;COOH molecules break up to 
yield CH3;COO™~ and H* ions. As time goes on, some of the CH;COO™ and H* ions 
recombine to give CH;COOH molecules. Eventually a state is reached in which the 
acid molecules break up as fast as its ions recombine. Such a chemical state, in which 
no net change can be observed, is called chemical equilibrium. Acetic acid, then, is | Chemical equilibrium is an 
a weak electrolyte because its ionization in water is incomplete. By contrast, in a ee a. 
hydrochloric acid solution the H* and Cl” ions have no tendency to recombine to form chapters. 
molecular HCl. Therefore, we use the single arrow to represent the ionization. 
Substances that dissolve in water as neutral molecules rather than ions are nonelec- 
trolytes because their solutions do not conduct electricity. Various sugars and alcohols 


are examples of nonelectrolytes. 
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Solubility will be discussed in 
Chapter 11. It is a measure of 
the amount of a substance that 
can be dissolved in a given 
quantity of solvent. 
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TABLE 3.2 Classification of Solutes in Aqueous Solution 
GS rr SEES 


Strong Electrolyte Weak Electrolyte Nonelectrolyte 
a — 
HCl CH;COOH [(NH2)2CO] (urea) 
HNO; HF CH;OH (methanol) 
HCIO, HNO, C,H;OH (ethanol) 
H2SO,* NH; C6H i206 (glucose) 
NaOH H,07 C)2H220); (sucrose) 
Ba(OH) 
Ionic compounds 
ee ene 
*H,SO, has two ionizable H* ions. It is classified as a strong electrolyte for the first stage of ionization and 


a weak electrolyte for the second step of ionization. 


+Pure water is an extremely weak electrolyte. 
SS a = 


Table 3.2 lists some examples of strong electrolytes, weak electrolytes, and non- 
electrolytes. Note that all ionic compounds are classified as strong electrolytes regard- 
less of how soluble they are in water. For example, AgCl is not soluble in water; at 
10°C, only 0.00009 g of the compound dissolves in 100 mL of water. Yet because the 
very small amount of the solid AgCI that does enter into solution is completely dissoci- 
ated into Ag* and Cl” ions, 


Agci(s) 22, Ag*(ag) + Cl-(aq) 
AgCl is a strong electrolyte. 


3.3 Types of Chemical Reactions 


At this stage we are ready to study various types of chemical reactions. There is no way 
to be sure, but the number of chemical reactions known to occur is probably in the tens 
of millions. Many of these, although certainly not all, can be classified into five types 
of reactions: combination reactions, decomposition reactions, displacement reactions, 
metathesis (or double displacement) reactions, and neutralization reactions. In study- 
ing these reactions, it is important to understand the characteristics that help us distin- 
guish one type of reaction from another. For example, many of the displacement, 
combination, and decomposition reactions involve the transfer of electrons, while 
neutralizations involve the transfer of protons. Metathesis reactions depend on the 
solubility (that is, the extent to which a solute dissolves in a given amount of solvent) 
of products. In this section we will survey these reaction types to establish a foundation 
for understanding the hows and whys of chemical reactions. 


Combination Reactions 


In a combination reaction, two or more substance. 


i 5 react to produce one product. This 
type of reaction can be represented as a é 


A+B —->s AB 
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(c) 


FIGURE 3.3 (a) Hydrogen gas burning in 
air. (b) Sulfur burning in air. (c) Magnesium 
burning in air. 


(b) 


There are many examples of combination reactions. For example, the combustion of 
hydrogen gas in air produces water: 


2H2(g) + O2o(g) —> 2H20(/) 
Similarly, sulfur dioxide (SO2) is produced by burning sulfur in air: 
S(s) + O2(g) —> SO2(g) 
Magnesium oxide (MgO) is produced by burning the metal magnesium in air: 
2Mg(s) + O2(g) —> 2MgO(s) 


This reaction produces very bright light and is used in flash photography. 

The three above reactions, all of which are illustrated in Figure 3.3, are examples of 
elemental substances combining to form compounds. An example of two compounds 
combining to form a new compound is the reaction between gaseous ammonia and 
gaseous hydrogen chloride to form ammonium chloride at room temperature (Figure 
3.4): 


NH;(g) + HCl(g) —> NH,Cl(s) 
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Most decomposition reactions 
are promoted by heat. 
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FIGURE 3.4 HCl gas (from a 
bottle containing hydrochloric 
acid) combines rapidly with NH; 
gas (from a bottle containing 
aqueous ammonia) to form solid 
NH,Cl. 


Decomposition Reactions 


In a decomposition reaction, one substance undergoes a reaction to produce two or 
more substances. Therefore, this type of reaction is the reverse of a ci vation 
reaction. It can be represented by 


AB —> A+B 


When they are heated, most oxides decompose to form molecular oxygei | Figure 
3.5): F 


FIGURE 3.5 Thermal decom- 
position of mercury(II) oxide to 
give liquid mercury (which forms 
a mirror) and oxygen gas. 


3.3. TYPES OF CHEMICAL REACTIONS 


(a) (b) 


r 3.6 (a) A piece of burning wood splint. (b) Heating KCIO3 produces oxygen gas, 
m ther feeds the combustion process. 


2Hg0(s) —4-> 2Hg(1) + On(g) 
2MgO(s) +> 2Mg(s) + O2(g) 
2N0(g) > 2N2(g) + O2(s) 
heating, both potassium chlorate (KCIO3) and potassium nitrate (KNO3) give 
off oxygen gas (Figure 3.6): 
2KC10,(s) ++ 2KCK(s) + 302(g) 
2KNO,(s) —*-> 2KNO,(s) + O2(¢) 
presence of heat or light, hydrogen peroxide also decomposes: 
2H,0.(aq) —> 2H,O(1) + O2(g) 


t, water itself can be decomposed to form hydrogen and oxygen gas. This 
re s best carried out by electrolysis, a process in which decomposition is 
a | by passing an electric current through the reactant: 


2H,0(/) —> 2H2(g) + O2(g) 


cement Reactions 


In a displacement reaction, an atom or an ion ina compound is replaced by an atom or 
an ion of another element. This type of reaction can be represented as 


A+BC —> AC+B 


Most displacement reactions can be conveniently divided into three major categories: 
hydrogen displacement, metal displacement, and halogen replacement. 


Hydrogen Displacement. All alkali metals and some alkaline earth metals (Ca, Sr, 
Ba), which are the most reactive of the metallic elements, will displace hydrogen from 


cold water (Figure 3.7): 
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F, attacks water, Cl, reacts 

with water to a small extent, 
and Brz and [, do not react 

with water. 
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Zn(s) + CuSOs(ag) —> ZnSO,(aq) + Cu(s) 


Similarly, metallic copper displaces silver ions from a solution containing silver nitrate 
(AgNOs): 
Cu(s) + 2AgNO3(aq) —> Cu(NO3).(aq) + 2Ag(s) 


Reversing the roles of these metals would result in no reaction. Thus copp:+ metal 
will not displace zine from zine sulfate, and silver metal will not displace co; from 
copper nitrate: 


Cu(s) + ZnSO4(aq) —— no reaction 


Ag(s) + Cu(NO3).(aq) ——> no reaction 


The equations representing displacement reactions are called molecular . tions 
because the formulas of the compounds are written as though all species « ‘das 
molecules or whole units. This is not true in reality. As pointed out earlier, wi... ionic 
compounds dissolve in water, they break apart into their component cations ani- 
ons. Therefore these equations, to be more faithful to reality, should be wi ‘en to 
indicate the dissociation of dissolved ionic compounds into ions. Returniny ‘6 the 


reaction between zinc and copper(II) sulfate, we would thus write 
Zn(s) + Cu** (aq) + SOF (aq) —> Cu(s) + Zn** (aq) + SO} (aq) 


Such an equation, which shows dissolved ionic compounds in terms of their j ions, 


is called an ionic equation. Ions that are not involved in the overall reaction. this 
case the sulfate ions (SOZ_), are called spectator ions. The net ionic equatio that 
is, the equation that indicates only the species that actually take part in the reac ‘on— 
is given by 


Zn(s) + Cu?*(aq) —> Zn** (aq) + Cu(s) 


For each hydrogen displacement reaction discussed earlier, we can write a < milar 
net ionic equation. For example, in considering the reaction between magnesiv:': and 
hydrochloric acid, we note that HCI is completely ionized into Ht and Cl ions. 
However, the actual reaction occurs only between Mg and H* ions. We can thus write 
the net ionic reaction as 


Mg(s) + 2H*(aq) —> Mg?*(aq) + H,(g) 


Note the coefficient 2 in front of H* (aq). We balance ionic equations in exacily the 
same way as we balance molecular equations. In addition, the charges on both sides of 
the equation must balance. 


Molecular equations tell us the identity of the Starting substances in a reaction. 


However, since they do not truthfully represent the Species in solution, we will often 


use the net ionic equation to represent a chemical process. Net ionic equations help us 
focus on the actual reactions that take place. 


3.11): 
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(b) 


FIGL YS S.A (a) An aqueous KBr solution. (b) After bubbling chlorine gas through the solu- 
tion {9) « long time, most of the bromide ions are converted to liquid bromine. 


Ch(g) + 2KBr(aq) —> 2KCl(aq) + Br2(/) 
Cl.(g) + 2Nal(aq) —> 2NaCl(aq) + I)(s) 
The «responding net ionic equations are 
Cl(g) + 2Br (aq) —> 2Cl (aq) + Bry(!) 
Cla(g) + 21 (aq) —> 2CI (aq) + In(s) 
Mol--ular bromine, in turn, can displace iodide in solution: 
Bro(/) + 2KI(aq) —> 2KBr(aq) + ly(s) 
The corresponding ionic equation is 
Br2(/) + 21 (aq) —> 2Br (aq) + 1,(s) 
Reversing the roles of the halogens leads to no reaction: 
Br,(l) + 2LiCl(ag) —— no reaction 
L(s) + 2KBr(aq) ——> no reaction 


EXAMPLE 3.3 


Write balanced molecular and net ionic equations for the following displacement reac- 
tions: (a) cadmium + tin(I]) sulfate; (b) lithium + water. 
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Answer 


(a) In the activity series we see that cadmium (Cd) appears above tin (Sn). Therefore, Cd 
can displace tin(II) ions (Sn?*) from SnSO,(aq). The balanced molecular equetion is 


Cd(s) + SnSO,(aq) — CdSO,(ag) + Sn(s) 
and the net ionic equation is 
Cd(s) + Sn?*(ag) —> Cd?*(aq) + Sn(s) 
The sulfate ions serve as spectator ions in this reaction. 


(b) Since lithium appears above hydrogen in the activity series, it can displace hyd:ogen 
from water to form lithium hydroxide (LiOH) and hydrogen (H2) gas. The molecular 
equation is 


2Li(s) + 2H,O(l) —> 2LiOH(aq) + H2(g) 


Because water is not ionized to any appreciable extent (it is a very weak electrolyte). the 
reactants do not appear in ionic form. However, the product LiOH can be expressed as 
ionized species, so that the net ionic equation is 


2Li(s) + 2H,0() —> 2Li*(aq) + 20H~(aq) + H2(g) 


Similar problem: 3.19. 


Metathesis Reactions 


A metathesis reaction is a double displacement reaction. It can be represenied by 
AD + BC —> AC+BD 


In many metathesis reactions, one product formed is a precipitate, an insoluble 
Solid that separates from the solution. For example, consider what happens when an 
aqueous solution of sodium iodide (Nal) is added to an aqueous solution of lead(II) 
nitrate, Pb(NO3). (Figure 3.12): 


2Nal(aq) + Pb(NO3)3(aq) —> 2NaNO;(aq) + PbI,(s) 
To focus on the change that actually occurs, we write the net ionic equation as: 
Pb?* (aq) + 21 (aq) —> Pbl,(s) 


Similarly, when an aqueous solution of barium chloride (BaCl3) is added to an 


aqueous solution of sodium sulfate (Na2SO,), a fine, whit ipi ari sul- 
fate (BaSO,) is formed: 4 » white precipitate of barium su 


BaCl,(aq) + Na SO,(aq) —> 2NaCl(aq) + BaSO,(s) 
The net ionic equation is 


Ba’*(aq) + SO} (ag) —s BaSO,(s) 


3.38 TYPES OF CHEMICAL REACTIONS 


FIGURE 3.12 Precipitation of lead(II) io- 
dide when a solution of sodium iodide is added 
to a solution of lead nitrate. 


Neutralization Reactions 


\ neutralization reaction is a reaction between an acid and a base. Among the acids 
commonly used in the laboratory are hydrochloric acid (HCI), nitric acid (HNOs), 
acetic acid (CH;COOH), and sulfuric acid (H2SO,4). The first three acids are 
:oprotic acids, that is, each unit of the acid yields one hydrogen ion: 


HCl(aq) —> H*(aq) + Cl (aq) 
HNO3(aq) —> H*(aq) + NO3 (aq) 
CH;COOH(aq) == CH3COO (aq) + H* (aq) 


» mentioned earlier, because the ionization of CH;COOH is incomplete (note the 


use of double arrows), it is a weak electrolyte. For this reason it is called a weak acid. 
1e other hand, both HCl and HNO3 are strong acids because they are strong 


olytes (note the use of single arrows). 
ifuric acid (HSO,) is an example of a diprotic acid because each unit of the acid 
yields two H* ions, in two separate steps: 


H)SO,(aq) —> H*(aq) + HSO; (aq) 
HSO; (aq) == H*(aq) + SOF (aq) 


H»SO, is a strong electrolyte (note that the first step of ionization is complete), but 
HSO; is a weak electrolyte and we need to use a double arrow to represent its incom- 
plete ionization. (Sulfuric acid is an extremely important chemical; see Chemistry in 
Action on pp. 124-125.) 

Bases such as sodium hydroxide (NaOH) and barium hydroxide [Ba(OH)2] are 


strong electrolytes and hence strong bases: 


NaOH(s) aHeOn Na* (aq) + OH (aq) 


Ba(OH),(s) 122s Ba?*(aq) + 20H" (aq) 


We noted in Section 2.9 that ammonia (NH3), which does not contain a hydroxide 
group, is classified as a base because it ionizes partially to form OH™ ions when it 
dissolves in water: 


NH;(aq) + H,O(/) === NHi (aq) + OH (aq) 


H,SO, is a strong acid and 
HSO; is a weak acid. 
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Aqueous ammonia is 
sometimes erroneously called 
ammonium hydroxide. There is 
no evidence that the species 
NH, OH actually exists. 
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Ammonia is a weak electrolyte and is therefore termed a weak base because not all 
dissolved NH3 molecules are converted to NH} and OH ions. 

The most common bases used in the laboratory are sodium hydroxide and aqueous 
ammonia solution. The Group 2A metal hydroxides, with the exception of barium 
hydroxide [Ba(OH)>], are all insoluble. 

An acid—base neutralization reaction can be represented as 


acid + base ——> salt + water 
Neutralization reactions are identified by the following characteristics: 
1. The reactants always include an acid and a base. 
2. The products are a salt and usually water. A salt is an ionic compound mac. up of 
a cation other than H* and an anion other than OH~ or O?~. 
Some acid-base neutralization reactions are 
HCl(aq) + NaOH(aqg) ——> NaCl(aq) + H,0(/) 
2HCl(aq) + Ba(OH)(aq) —> BaCl,(aq) + 2H,0(/) 
H2SO,(aq) + 2NaOH(aq) —> Na.SO,(aq) + 2H,O(/) 


Note that these neutralization reactions can be considered a special case of metathesis 
reactions. In the case of a strong acid such as HCI reacting with a strong base such as 
NaOH, the net ionic equation is simply the combining of hydrogen ions and hyc oxide 
ions to form water: 


H* (aq) + OH (aq) —> H,0(I) 


Since water is a very weak electrolyte and does not ionize to any appreciable « «tent, 
this reaction is assumed to go essentially to completion from left to right; that is. all of 
the reactants are converted to products. 


The net ionic equation for the reaction between a strong acid and a weak bas= such 
as aqueous ammonia is represented as 


H™(aq) + NH3(aq) —> NHj(aq) 
and that between a weak acid such as acetic acid and a strong base is 
CH3COOH(aq) + OH (aq) —> CH3COO™ (aq) + H»O(/) 


Finally, we must write a molecular equation to represent the reaction between a 


weak acid and a weak base, because these species are not ionized to any appreciable 
extent in solution: 


CH3COOH(aq) + NH3(aqg) —> CH3COO (aq) + NH} (aq) + H,O(/) 


3.4 Amounts of Reactants and Products 


Having surveyed the types of reactions, we are 
aspects of chemical reactions. The mass relation 
a chemical reaction represent the stoichiome 
reaction quantitatively, 

concept. The basic ques 


now ready to study the quantitative 
ships among reactants and products in 
try of the reaction. To interpret such a 
we need to apply our knowledge of molar masses and the mole 
tion posed in many stoichiometric calculations is, ‘‘If we know 
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the quantities of the starting materials (that is, the reactants) in a reaction, how much 
‘uct will be formed?’ There are, of course, various ways to do such calculations, 
2 the quantities of interest may be expressed in moles, grams, liters (for gases), or 
units. One useful approach to determine the amount of product formed in a 
ion is called the mole method. It is based on the fact that the stoichiometric 
coef cients in a chemical equation can be interpreted as the number of moles of each 
su) once. Referring to the formation of water from hydrogen and oxygen gases dis- 
cuseedt earlier, 


2H, + O2 —> 2H,0 


The equation and the stoichiometric coefficients can be ‘‘read’’ as 2 moles of hydrogen 
2 »nbining with 1 mole of oxygen gas to form 2 moles of water. The mole method 
a monly practiced consists of the following steps: 


|. \ ste correct formulas for all reactants and products, and balance the resulting 
tation. 

overt the quantities of all given or known substances (usually reactants) into 

i€s. 

the coefficients in the balanced equation to calculate the number of moles of the 

ught or unknown quantities (usually products) in the problem. 

ing the calculated numbers of moles and the molar masses, convert the unknown 

intities to whatever units are required (typically grams). 

eck that your answer is reasonable in physical terms. 


| is obviously a prerequisite to any stoichiometric calculation. We must know 
he ities of the reactants and the products, and the mass relationships among them 
mi | violate the law of conservation of mass. Step 2 is the critical step of convert- 
i ms (or other units) of substances to number of moles. This conversion then 
us to analyze the actual reaction in terms of moles only. 
omplete step 3 we need the balanced equation, already furnished by step 1. The 
k int here is that the coefficients in a balanced equation provide us with the ratio in 
wis moles of one substance react with or form moles of another substance. Step 4 
is silar to step 2, except that now we are dealing with the quantities sought in the 
prove. Step 5 is perhaps the most important of all: Chemistry is an experimental 
science, and your answer must make sense in terms of real species in the real world. If 
you have set up the problem incorrectly or made a computational error, it will often 
become obvious when your solution turns out to be much too large or much too small 
for the amounts of materials you started with. Figure 3.13 shows three common types 
of stoichiometric calculations. 

In discussing quantitative relationships it is useful to introduce the symbol =, which 
means ‘‘stoichiometrically equivalent to’’ or simply ‘equivalent to.’’ In the balanced 
equation for the formation of water, we see that 2 moles of H2 react with 1 mole of Oz, 
so 2 moles of H> are equivalent to 1 mole of Oo: 


2 mol Hy = 1 mol O3 


Similarly, since 2 moles of H2 (or 1 mole of O2) produce 2 moles of H,O we can say 
that 2 moles of H> (or 1 mole of O2) are equivalent to 2 moles of H,0: 


2 mol H, = 2 mol H,0 
1 mol O, = 2 mol H,O 
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This kind of equivalence forms 
the basis for using the factor- 
label method (see Section 1.8) 
in the following examples. 
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Refer to Figure 3.13 for the 
conversions, 
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FIGURE 3.13 Three types of stoichiometric calculations based on the mole method. 


Note that we generally use molecular equations in stoichiometric calculations, because 
we are usually interested in the masses of whole units and not just the masses of 
separate cations or anions. 

The following examples illustrate the use of the five-step mole method in solving 
some typical stoichiometry problems. 


EXAMPLE 3.4 


Magnesium (Mg) is a lightweight, abundant metal used in alloys, batteries, and photo- 
graphic flashbulbs. It reacts with hydrochloric acid (HCl) to produce magnesium chloride 
(MgCl) and hydrogen gas (H2). (a) How many moles of H, can be formed by the reaciion 
of 2.46 moles of HCI with sufficient magnesium? (b) How many grams of H; cai be 
formed by the reaction of 0.568 mole of Mg with sufficient HCI? 


Answer 


(a) 
Step 1 


Mg(s) + 2HCl(aq) —> MgCl,(aq) + H2(g) 
Step 2 


paises is needed, because the amount of the Starting material, HCl, is given in 
moles. 


Step 3 


Since 2 moles of HCI produce 1 mole of Hp, or 2 mol HCl = 


moles of H; as follows: ee awe ealculate 


moles of H» produced = 2.46 mol HEL x 1 mol H, 
2 melHHer 
= 1.23 mol H; 


3.4 AMOUNTS OF REACTANTS AND PRODUCTS 


Step 4 

This step is not required. 

Siep 5 

We began with 2.46 moles of HCl and produced 1.23 moles of H2, which is reasonable. 
(b)} 

Step 1 

Yhe reaction is the same as in (a). 

Step 2 


No conversion is needed, because the amount of the starting material, Mg, is given in 


moles. 


Step 3 


-e 1 mole of Mg produces 1 mole of H2, or 1 mol Mg = | mol Hp, we calculate 
of H, as follows: 


1 mol H3 


les of Hy produced = 0.568 XS 
moles of H pr anol Me i 


= 0.568 mol H2 


Step 4 


From the molar mass of H> (2.016 g), we calculate the mass of H2 produced: 


pi padieds OSnRGLeEEE x 
mass 01 2 pr juced = VU. 2 1 1 Hs 
= 1.15 gH 


Step 5 


1.15 g H, is a reasonable amount. 


Similar problems: 3.24, 3.25, 3.26. 


"a a | 
I 


SXAMPLE 3.5 
The food we eat is degraded, or broken down, in our bodies to provide energy for growth 
and function. A general overall equation for this very complex process represents the 
degradation of glucose (CsH)20¢) to carbon dioxide (CO) and water (HO): 

C6H 1206 ch 602 a 6CO, ete 6H,O 
If 856 g of C¢Hi20¢ is consumed by the body over a certain period, what is the mass of 
CO, produced? 


Answer 


Step 1 


The balanced equation is given. 
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Step 2 


The molar mass of C6H}20¢ is 180.2 g, so the number of moles of C6H120¢ in 895 g of 
C6H1206¢ is 


1 mol C6H,20¢ 
moles of C6H120¢ = 856-¢-CpHmOs X 180.2.¢. GgHO5 


= 4.75 mol CgHi20¢ 
Step 3 


From the balanced equation we see that 1 mol CgH)20¢ = 6 mol COs; thus the iber 
of moles of CO, produced is given by 


6 mol CO, 


les of COz produced = 4.75 x 
moles o . produc anelG Hse 1 7 


= 28.5 mol CO; 
Step 4 
The molar mass of CO) is 44.01 g. To convert moles of CO, to grams of CO) we rite 


44.01 g CO, 
1 meHeOr 
= 1.25 x 10° g CO, 


mass of CO) produced = 28.5 -meH€Os x 


Step 5 


The mass of CO, produced is 1.25 x 10° g = 1250 g CO», a reasonable amount ar- 
bon dioxide to result from consuming 856 g of CoH)20,. 


Similar problem: 3.29. 


After some practice, you may find it convenient to combine steps 2, 3, and 4 ina 
single factor-label equation, as the following example shows. 


EXAMPLE 3.6 7 


From the following balanced equation, calculate the number of grams of sodium phios- 
phate needed to prepare 45.9 g of sodium chloride: 


3CaCl, + 2Na3PO, —> Ca3(PO,4). + 6NaCl 
calcium sodium calcium sodium 


chloride phosphate phosphate chloride 
Answer 


Step I 


The balanced equation is given, 
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Steps 2, 3, and 4 


yom the balanced equation we see that 2 mol Na3PO, = 6 mol NaCl. The molar masses 
NasPO, and NaCl are 163.9 g and 58.44 g, respectively. We combine all of these data 
vo one factor-label equation as follows: 


ass of 
| mel Na€t 
NagPO, = 45.9, Maehe es erences 5 TED aes 
58.44. geet O.mel Nat mel NasPOz 


required 
= 42.9 g Na3PO4 


| .nswer is physically reasonable. 


vlar problem: 3.28. 


Limiting Reagents 


\ ben a chemist carries out a reaction, the reactants are usually not present in exact 
\/ometric amounts, that is, in the proportions indicated by the balanced equation. 
ctant used up first in a reaction is called the limiting reagent, since the maxi- 
mount of product formed depends on how much of this reactant was originally 
(Figure 3.14). When this reactant is used up, no more product can be formed. 
cne or more of the other reactants will often be present in quantities greater than 
weeded to react with the quantity of the limiting reagent present. These reactants 

Jled excess reagents. 
concept of the limiting reagent is analogous to the relationship between the 
nurecer of stamps available and the number of letters to be mailed. If there are nine 
letvers and only six stamps, then the maximum number of letters that can be sent is six. 


After reaction 
. is complete 
Before reaction 3 
has started 


@ Limiting reagent 


@ Excess reagent 


FIGURE 3.14 A limiting reagent is completely used up during a reaction. 
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The number of stamps thus limits the number of letters that can be mailed, and there is 
an excess of envelopes. { 
Lithium and molecular oxygen react to produce lithium oxide: 


4Li(s) + O2(g) —> 2Li2O(s) 


This equation tells us that 4 moles of Li react with 1 mole of O2 to produce 2 moles of 
Li,O. Suppose that in a certain reaction 6 moles of Li are exposed to 1 mole of Os. 
Since 4 mol Li = 1 mol Oo, the number of moles of O, needed to react with 6 moles 
of Li is 
6 mo) LE ee ey 
4 mol Li 

But there is only 1 mole of O; available, so O» must be the limiting reagent and 1.1 must 
be the excess reagent. The amount of Li,O produced depends only on how much O, 
was originally present. 

We could, of course, calculate the number of moles of Li needed to react with | 
mole of O>. In this case we write 

4 mol Li 
1 mol O, X ———— = 4 mol Li 
1 mol O; 
Since there are 6 moles of Li present, we arrive at the same conclusion that Li must be 
the excess reagent and O, the limiting reagent. 

In stoichiometric calculations involving limiting reagents, the first step is to decide 
which reactant is the limiting reagent. After the limiting reagent has been identified, 
the rest of the problem can be solved as outlined in Section 3.4. The following exam- 
ples show the approach used in this type of calculation. Although we will no ‘onger 
check the results of these worked-out examples for reasonableness, you should «!ways 
remember to do so when solving stoichiometric problems. 


| = 
EXAMPLE 3.7 
At high temperatures, sulfur combines with iron to form the brown-black iron(II) sulfide: 


Fe(s) + S(l) 45 Fesis) 


In one experiment 7.62 g of Fe are allowed to react with 8.67 g of S. (a) Which of the two 
reactants is the limiting reagent? (b) Calculate the mass of FeS formed. (c) How much of 
the excess reagent (in grams) is left at the end of the reaction? 


Answer 
(a) Since we cannot tell by inspection which of the two reactants is the limiting reagent, 


we have to proceed by first converting their masses into numbers of moles. The molar 
masses of Fe and S$ are 55.85 and 32.07 g, Tespectively. Thus 


moles of Fe = 7.62.¢-Fe-x 1 mol Fe 
55.85 Fe 
= 0.136 mol Fe 
moles of S = 8.67. ¢§ x 1 mol $ 
32.07 ¢§ 


= 0.270 mol § 


3.5 LIMITING REAGENTS 


From the balanced equation we see that 1 mol Fe = 1 mol S; therefore, the number of 
moles of S needed to react with 0.136 mole of Fe is given by 


1 mol S 
0.136 mel Fe x ———— = 0.136 mol S 
1 melHFe- 


Since there is 0.270 mole of S present, more than what is needed to react with Fe, S must 
be the excess reagent and Fe the limiting reagent. 
(b) The number of moles of FeS produced is 


1 mol FeS 
1 mel Fe 


moles of FeS = 0.136 mele x 


= 0.136 mol FeS 
The mass of FeS produced is given by 


87.92 g FeS 


mass of FeS = 0.136-melFeS- x 
‘ 1 moeltes- 


= 12.0 g FeS 


(c) The number of moles of the excess reagent (S) is 0.270 — 0.136, or 0.134 mole, and 
therefore 


32.07 gS 


f S left over = 0.134 met S-x 
mass of S left ove i 


= 4302S 


itar problems: 3.39, 3.40. 


EXAMPLE 3.8 
At high temperatures, gaseous ammonia reacts with the black copper(II) oxide according 
to the equation 

3Cu0(s) + 2NH3(g) 2 3Cu(s) + 3H:0(g) + N2(g) 


In a certain experiment 236.1 g of CuO is treated with 64.38 g of NHs. (a) Which com- 
pound is the limiting reagent? (b) How many grams of Cu would be produced? (c) Calcu- 
late the mass (in grams) of the excess reagent remaining at the end of the reaction. 


Answer 

(a) As in Example 3.7, our first step is to convert the masses of the reactants into molar 

amounts. The molar masses of CuO and NH3 are 79.55 g and 17.03 g, respectively. Thus 
1 mol CuO 


= x ——— 
moles of CuO = 236.1 geo 79.55 


= 2.968 mol CuO 
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64.38 ia 1 mol NH; 
moles of NH3 = 64.38-g-NHr 17.03 eNHr 


= 3.780 mol NH3 


From the balanced equation we see that 3 mol CuO = 2 mol NH; therefore, the nuraber 
of moles of CuO needed to react with 3.780 moles of NH; is given by 


3 mol CuO 
2 mel NH 


= 5.670 mol CuO 


3.780 melNis X 

But there are only 2.968 moles of CuO available, less than what is needed to react the 
NH; present. Thus CuO must be the limiting reagent and NH; the excess reape! 
(b) The mass of Cu produced is calculated as follows: 

5 of Cu produced = 2.968 mel Cue x Pa, 835 8 

mass of Cu produced = 2. ; ; 
= 188.6 g Cu 

(c) The number of moles of NH; that react is then calculated: 


2 mol NH; 
moles of NH; reacted = 2.968 mel EuO- x ——— 
3 moHere 

= 1.979 mol NH3 
The number of moles of NH; left over is 


moles of NH; left over = 3.780 mol — 1.979 mol 
= 1.801 mol 


Therefore, the mass of the excess reagent NH; is 


17.03 g NH; 
lane NH5 


mass of NH; left over = 1.801 melNtHy x 


= 30.67 g NH; 


Similar problem: 3.42. 


3.6 Yields: Theoretical, Actual, and Percent 


The amount of limiting reagent present at the start of a reaction is related to the quantity 
of product we can obtain from the reaction. This quantity is called the yield of the 
reaction. There are three types of yields that concern us in the quantitative study of 
chemical reactions. 

The theoretical yield of a reaction is the amount of product predicted by the bal- 
anced equation when all of the limiting reagent has reacted. The theoretical yield, 
then, is the maximum obtainable yield. In practice, the amount of product obtained, 
called the actual yield, is almost always less than the theoretical yield. There are many 
reasons for this. For instance, many reactions are reversible, and so they do not pro- 
ceed 100 percent from left to right. Even when a reaction is 100 ercent complete, it 
may be difficult to recover all of the prod i oe ae 

! product from the reaction medium (say, from an 
aqueous solution). Therefore chemists often use the term percent yield (Je yield), 


3.6 YIELDS: THEORETICAL, ACTUAL, AND PERCENT 


which describes the proportion of the actual yield to the theoretical yield. It is defined 
as follows: 


actual yield 


Diyield = ————————— 
iw theoretical yield 


x 100% 


‘any reactions have percent yields that are considerably below 100 percent. In 

on to the complications listed above, some reactions are complex in the sense that 

,duct(s) formed may further react among themselves or with the reactants to 

» still other products. These further reactions will reduce the yield of the first 

n. For these reasons the percent yields of many reactions may fall in the range 
en 5 percent and 50 percent. 


\MPLE 3.9 


(Fe) can be obtained from its ore, iron(II) oxide (Fe,03), by reaction with coke (C) 
zh temperature according to the equation 


Fe,03(s) + 3C(s) —> 2Fe(l) + 3CO(g) 


certain operation 2.86 X 10* kg of Fe,O; is reacted with 9.82 x 10° kg of C. 
Calculate the theoretical yield of Fe in kilograms. (b) Calculate the percent yield if 
x 10* kg of Fe is actually obtained. 


rhe molar masses of Fe,O3 and C are 159.7 g and 12.01 g, respectively. Using the 
ersion factor 1 kg = 1000 g, we write 


5 1 mol Fe,03 
moles of Fe,03 = 2.86 X 10’ ¢ Fess x iso boo: 
= 1.79 x 10° mol Fe,03 
moles of C = 9.82 x 10°-¢€x ae: 

12.01 ¢& 


= 8.18 x 10° mol C 


xt, we must determine which of the two substances is the limiting reagent. From the 
balanced equation we see that 1 mol FeO; = 3 mol C; therefore, the number of moles of 
© needed to react with 1.79 x 10° moles of Fe,0s is 


3 mol C 


1.79 X 10°-mel-Fe,Oz x —————— = 5.37 X 10° mol C 
+ | mel Fe,Oy 


Since there are 8.18 X 10° moles of C present, more than is needed to react with the 
amount of Fe,O3 we have, C must be the excess reagent and Fe,O; the limiting reagent. 
Since 1 mol FeO; = 2 mol Fe, the theoretical amount of Fe formed is 
Tr comb 
159.7 2 Fess 
2 mol Fe- = 55.85 2 Fe 


x 
inet Fex05 1 motte 


mass of Fe produced = 2.86 x 10* kg-Fex63 x 


2.00 x 10* kg Fe 
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(b) To find the percent yield, we write 

actual yield 
theoretical yield 
1.52 x 10* kg 
~ 2.00 x 10 kg 
= 76.0% 


% yield = x 100% 


x 100% 


Similar problems: 3.46, 3.47. 


Industrial processes usually involve products in huge quantities (thousands to mil- 
lions of tons). Thus even a slight improvement in the yield can significantly reduce the 
cost of production (see Chemistry in Action on pp. 125-126). 

Knowing how to calculate the percent yield of a reaction allows us also to calculate 
the purity of a substance. Most substances we work with are not 100 percent pure. 
When an impure substance is used in a chemical reaction, the percent yield is always 
less than 100 percent even if the reaction goes to completion, because there is less of 
the reactant present than we think. The following example shows how we can deter- 
mine the percent purity of a sample experimentally. 


SG 
EXAMPLE 3.10 


An impure sample of zinc (Zn) is treated with an excess of hydrochloric acid (HC!) to 
form zinc chloride (ZnCl) and hydrogen gas (H>) according to the equation 


Zn(s) + 2HCl(ag) —> ZnCl,(aq) + H2(g) 
If 0.146 g of Hp is obtained from a 5.10 g of the impure Zn sample, calculate the percent 
purity of the sample. 
Answer 


Th this case we are given the mass of a product. Our first Step is to calculate the mass of 
Zn contained in the impure sample that would give 0.146 g of H>. Thus we write 


mass of Zn reacted = 0.146._¢-Hy x ———__*>_ y Fer x oe 20 
2.016-gHy streHts 4umet4n 
= 4.74 g Zn 


The percent purity of the Zn sample is given by 
mass of pure component 


total mass of impure sample 
4.74 g 


percent purity = x 100% 


Similar problem: 3.84. 


NN Cs 


3.7 CONCENTRATION AND DILUTION OF SOLUTIONS 


A cautionary note: In calculating percent purity of a substance according to the 
procedure shown in Example 3.10, we must make the following assumptions. First, 
the reaction is assumed to go to completion. Second, we assume that the impurities in 
the sample do not react with hydrochloric acid to give hydrogen gas. 

Many chemical reactions occur in solutions, particularly in water solutions or, more 
properly, aqueous solutions, Certainly most, or perhaps all, of the experiments you 
will be carrying out in the laboratory in this course will involve aqueous solutions. 
Thus in the next section concentration and dilution of solutions will be discussed. 


K “oncentration and Dilution of Solutions 
Concentration 


The concentration of a solution is the amount of solute dissolved in a given quantity of 
‘. (In our present discussion we will assume the solute to be a liquid or a solid 

id the solvent to be a liquid.) One of the most common units of concentration in 
chemistry is molarity, symbolized by M and also called molar concentration. Molarity 
is the number of moles of solute in I liter of solution (soln). Molarity is defined by the 
equation 


sol 


moles of solute 


M = molarity : 
liters of soln 
Thus, a 3.40 molar potassium nitrate (KNO3) solution, expressed as 3.40 M KNOs, 
contains 3.40 moles of the solute (KNO3) in 1 liter of the solution; a 1.66 molar 
glucose (C¢6H;20¢) solution, expressed as 1.66 M CgH,20¢, contains 1.66 moles of 
C,H; 50x (the solute) in 1 liter of solution; and so on. Of course, we do not always need 
(or desire) to work with solutions of exactly 1 liter. Thus, a 500-mL solution contain- 
ing |.70 moles of KNO; still has the same concentration of 3.40 M: 


moles of solute 
M = molarity = — 
liters of soln 
1.70 mol 
0.500 L 


3.40 mol/L = 3.40 M 


ll 


As you can see, molarity actually has units of moles per liter, so that 3.40 M is 
equivalent to 3.40 mol/L. 

it is important to keep in mind that molarity refers only to the amount of solute 
originally dissolved in water and does not attempt to reflect any subsequent processes 
(such as the ionization of an acid or the dissociation of a salt). Let us consider the 
following two solutions: 1 M NaBr (sodium bromide) and 1 M Mgl> (magnesium io- 
dide). Since both compounds are strong electrolytes, they are completely dissociated 
into ions: 


NaBr(s) 122; Na*(ag) + Br (aq) 


Megl>(s) 2225 Mg?*(aq) + 21" (aq) 


The concentrations of the ions in the 1M NaBr solution are [Na*] wie. M and 
[Br-] = 1 M, and in the 1 M Mgl, solution they are [Mg?*] = 1 M and [I"] = 2 M. 
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See Section 3.2 for definitions 
of solute, solvent, and 
solution. 


The square brackets | | 
indicate that the concentration 
is expressed in molarity. 
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In general, it is easier to 
measure the volume of a liquid 
than to determine its mass. 
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The situation is more complicated if the solute is a weak electrolyte. We wil! 
that case in a later chapter. 

One advantage of expressing concentration in units of molarity is that so 
known concentration can be conveniently prepared in a volumetric flask. A \ 
flask is designed to contain an exact volume of liquid when the bottom of the 77 
the curved surface of the liquid—just reaches the etched line on the neck o/ 
The steps for preparing a solution of a specified molarity are illustrated in Fie 

The following examples deal with concentrations of solutions. 


—— SS 

EXAMPLE 3.11 

A sample of 6.98 g of sucrose (C;2H220)})) is dissolved in enough water to form ¢ 

of solution. What is the molarity of this solution? (The molar mass of sucrose is 3. 


Answer 


To change 6.98 g of sucrose to moles of sucrose we write 


les of Cj2H2.0;,; = 6 98 ¢ CH Ory x emo EraH22011_ : eee 
mo: . 
12422211 i] 3 2.3. an : 


= 0.0204 mol Ci2H»20), 
The molarity of the sucrose solution is given by 


moles of Cj3H»20}, 
liters of soln 

2 0.0204 mol Cy,H>0); > 1000 mL soln 
67.8 mL C,H»0), soln 1 L soln 

_ 0.301 mol Ci2H,0;; 

S 1L soln 

= 0.301 M 


molarity = 


Similar problems: 3.51, 3.55, 3.57. 


ee 


EXAMPLE 3.12 


How many grams of sodium chloride 
solution? 


Answer 


The first step is to find out the num 


moles of NaCl = 50.0.mL-NeC}soin x —2:45 mol NaCl _ 


1000 mL-NaC}setr 
= 0.123 mol NaC] 


ese — 


(NaCl) are present in 50.0 mL of a 2.45 M NaCl 


eitticd ber of moles of NaC] present in 50.0 mL of the 


consider 


tions of 


imetric 
SCUS— 
> flask. 
3.15; 


mL 
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_— Marker showing Meniscus 
known volume 
of solution 
(b) (c) 


fi) 8 B45 Preparing a solution of known molarity. (a) A known amount of substance (the 
solui put into the volumetric flask; then water is added through a funnel. (b) The solid is 
slow!) dissolved by gently shaking the flask. (c) After the solid has completely dissolved, more 
we ded to bring the level of solution to the mark. Knowing the volume of the solution and 
the int of solute dissolved in it, we can calculate the molarity of the prepared solution. 


- solar mass of NaCl is 58.44 g, so we write 


58.44 g NaCl 


= 0.123 mel Na€t x ——————_ 
mass of NaCl : 


= 7.19 g NaCl 


Suuiar problem: 3.54, 


pes 
EXAMPLE 3.13 

How many grams of potassium nitrate (KNO3) are required to prepare exactly 250 mL of 
a solution whose concentration is 0.700 M? 


Answer 


The first step is to determine the number of moles of KNO3 in 250 mL of solution: 
0.700 mol KNO; 


= 250 mL-KNOysobr x 
moles of KNO; = 250 ‘ 1000 


= 0.175 mol KNO3 


115 


116 


The concentrated solution is 
often called the stock solution. 
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The molar mass of KNO; is 101.1 g, so we write 
ays 2 101.1 g KNO3 
mass of KNO; = 0.175 -meHKNO@z 1 : 


= 17.7 g KNO; 


Similar problem: 3.59. 


Dilution of Solutions 


We frequently find it convenient to prepare a less concentrated solution from @ more 
concentrated solution. The procedure for this preparation is called dilution. Suppose, 
for example, that we want to prepare 1 liter of 0.20 M CuSO, solution from a solution 
of 1.0 M CuSO,. This requires the use of 0.20 mole of CuSO, from the 1.0 M@ CuSO, 
solution. Since there is 1.0 mole of CuSO, in 1 L or 1000 mL of a 1.0 M CuSO, 
solution, there is 0.20 mole of CuSO, in 200 mL of the same solution: 


1.0 mol _ 0.20 mol 
1000 mL =. 200 mL 


Therefore we must withdraw 200 mL from the 1.0 M CuSO, solution and dilute it to 
1000 mL by adding water (in a 1-liter volumetric flask). This method gives us | liter of 
the desired solution of 0.20 M CuSOg. In carrying out a dilution process, it is useful to 
remember that adding more solvent to a given amount of solution changes (decreases) 
the concentration of the solution without changing the number of moles of solute 
present in the solution (Figure 3.16); that is 


moles of solute before dilution = moles of solute after dilution 


Since molarity is defined as moles of solute per liter of solution, we see that the number 
of moles of solute is given by 


moles of solute 

—....— -X volume of soln (in liters) = moles of solute 
en 

M V 


liters of soln 
pebec heey 


or 
MV = moles of solute 


Because all of the solute comes from the original concentrated solution, we can con- 
clude that j 


MiniviaVinitiat = — MeinatVsinat (3.3) 
moles of solute moles of solute 
before dilution after dilution 


where Minitiai ANd Mina are the initial and final concentrations of the solution in molar- 


ity, and Vinitiat ANd Vena are the initial and final volu: i j 
mes of th tively. 
Of course, the units of V; pepustion, respectively 


initial ANd Ving, Must be the same (mL or L) for the calculation 
to work. 
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FIGURE 3.16 The dilution of (a) a more concentrated solution to (b) a less concentrated one. 
Note that the total number of solute particles in (b) is the same as that in (a). 


The following example illustrates a dilution calculation. 


EXAMPLE 3.14 

Describe how you would prepare 5.00 x 10? mL of 2.20 M NH; solution, starting with a 
5.70 M NH; solution. 

Answer 

Since the concentration of the final solution is less than that of the original one, this is a 
lilwtion process. We prepare for the calculation by tabulating our data: 


Minitia = 5-70 M Mein = 2.20 M 
Vinitia = ? ; Veinat = 5-00 X 10? mL 


Substituting in Equation (3.3), 
(5.70 M)(Vinitiat) = (2.20 M)(5.00 x 10? mL) 
ie (2.20 M)(5.00 x 10? mL) 
pel 5.70 M 
= 193 mL 


Thus, we must dilute 193 mL of the 5.70 M solution to a final volume of 5.00 x 10? mL 
in a 500-mL volumetric flask to obtain the desired concentration. 


Similar problems: 3.64, 3.66. 


Now that we have discussed the concentration and dilution of solutions, we can look 
at some reactions that take place in aqueous solutions. The next two sections will focus 
on two types of reactions that you are likely to encounter soon in the laboratory, 
namely, gravimetric analysis and acid—base titrations. These reactions are examples of 
quantitative analysis, which is concerned with the determination of the amount or 
concentration of a substance in a sample. Qualitative analysis, on the other hand, is 
the determination of the identity of substances present in a sample. We will take up 
qualitative analysis in a later*chapter. 
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3.8 Gravimetric Analysis 


Gravimetric analysis is an analytical procedure that involves the measurement of 
mass. A sample substance of unknown composition is dissolved in water and then 
converted into an insoluble compound (that is, a precipitate) by allowing © ‘o react 
with another substance. The precipitate formed is filtered off, dried, an sighed. 
Knowing the mass of the starting sample and the mass and chemical fori of the 
precipitated compound, we can calculate the percent by mass of a particul: emical 
component of the original sample. This information can help us identify iginal 


substance or (if it was a mixture) determine the sample’s composition. 
A reaction that is studied often in gravimetric analysis is 


AgNO,(aq) + NaCl(aq) —~ NaNO;(aq) + AgCl(s) 
or, expressed as a net ionic equation, 


Ag* (aq) + Cl-(aq) —> AgC\(s) 


This is an example of a metathesis reaction, discussed in Section 3.3. The pitate 
formed in this reaction is silver chloride (AgCl). If we want to determine t! intity 
of Cl in NaCl, we must add enough AgNO; to a solution of NaCl to cause a: hCl7 
as possible to precipitate out of the solution as AgCl. Hence, NaCl must be t! niting 
reagent and AgNO; the excess reagent in this reaction. Figure 3.17 show basic 
steps in a gravimetric analysis experiment involving the precipitation of A 

Example 3.15 shows the procedure used in calculation for gravimetric lysis. 


(b) 


FIGURE 3.17 (a) A solution containing a known amount of NaCl in a beaker, 
AgNO; solution from a graduated cylinder. In this reaction, AgNO; is the excess 
solution containing the AgCl precipitate is filtered through a Preweighed sintered- 
solid precipitate) to pass through. The crucible is then removed from the appa 
difference between this mass and the mass of the empty crucible gives the mas, 


(b) The precipitation of AgCl upon the addition of 
reagent and NaCl is the limiting reagent. (c) The 
disk crucible, which allows the liquid (but not the 
ratus, dried in an oven, and weighed again. The 
8 of the AgCl precipitate. 


3.8 GRAVIMETRIC ANALYSIS 


| 
| 


EXAMPLE 3.15 


‘, sample of 0.5662 g of an unknown ionic compound containing chloride ions is dis- 
solved in water and treated with an excess of AgNO3. If the mass of the AgCl precipitate 
no! forms is 1.0882 g, what is the percent of Cl (by mass) in the original compound? 


newer 


« need to find the mass of Cl present in the unknown sample. To do this, let us first 
‘oulate the percent by mass of Cl in AgCl: 


molar mass of Cl 
CA CN Serer oI UE) 
molar mass of AgCl 
35.45 g 
143.4 g 


24.72% 


Xx 100% 


Il 


mass of Cl in AgCl is then given by 
mass of Cl = %Cl in AgCl x mass of AgCl 
= 0.2472 x 1.0882 g 
= 0.2690 g 
sercent by mass of Cl in the unknown sample is given by 


mass of Cl 


%Cl by mass x 100% 


mass of sample 
0.2690 g S 
0.5662 g 
= 47.51% 


100% 


an exercise, you should compare this value with that of Cl in KCI. 


woilar problem: 3.73. 
» cases where the identity of the original compound is known, the gravimetric 
sis technique allows us to determine the concentration of the solution containing 
ompound, as the next example shows. 


EXAMPLE 3.16 


The concentration of lead ions (Pb?*) in a sample of polluted water that also contains 
nitrate ions (NO) is determined by adding solid sodium sulfate (NaSO,) to exactly 
500 mL of the water. (a) Write the molecular and net ionic equations for the reaction. 
(b) Calculate the molar concentration of Pb?" if 0.450 g of Na,SO, was needed for the 
complete precipitation of Pb?* ions as PbSO,. 


Answer 


(a) The molecular equation for the reaction is 
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Remember to convert 
percentages to decimals and 
vice versa as needed in 
problems like Example 3.15. 
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Note that we have carried an 
extra significant figure for the 
intermediate answer (3.167 x 
10~°), but have rounded the 
final answer to three 
significant figures. Otherwise, 
the answer would be 6.34 x 
10-5 M. 


Suction 


_—— Mark showing 
known volume 
of solution 


— Pipet 


Erlenmeyer 


flask 


FIGURE 3.18 Preparation for 
titration. (a) A pipet is used to 
draw a known volume of acid 
Jrom the volumetric flask. This is 
done by drawing the solution up 
into the pipet until it reaches the 
mark on the pipet. (Never put a 
pipet in your mouth.) (b) This 
volume of solution is then trans- 
ferred to an Erlenmeyer flask, 
ready for titration. 
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Pb(NO3)2(aq) ate Na2SO,(aq) > 2NaNO;(aq) oH PbSO4(s) 


The net ionic equation is 
Pb?* (aq) + SOZ (aq) —> PbSO,(s) 


(b) From the molecular equation we see that 1 mol Na,SO, = | mol Pb(NO,), or 
1 mol Na,SO,4 = 1 mol Pb**. The number of moles of Na2SO, (molar mass = | 42. | g) 
in 0.450 g of the compound is 

1 mol Na2SO4 
142.1 ¢NaSOz 


This quantity of Na2SO, is needed to precipitate Pb?* ions in a 500-mL solution 
the concentration of Pb?* ions in 1 liter of the solution is given by 


0.450-g- Na,SOz x = 3.167 x 107? mol Na,SO, 


Thus, 


[Pb?+} = 3.167 X 10° mol _ 1000 mL 
500 mL DG 
= 6.33 x 1073 mol/L 
= 6.33 X 103° M 


Similar problem: 3.75. 


3.9 Acid—Base Titrations 


Quantitative studies of acid—base neutralization reactions are most conveniently car- 
ried out using a procedure known as titration. In a titration experiment, a solution of 
accurately known concentration, called a standard solution, is added gradually to 
another solution of unknown concentration, until the chemical reaction between the 
two solutions is complete. If we know the volumes of the standard and unknown 
solutions used in the titration, and the concentration of the standard solution, we can 
calculate the concentration of the unknown solution. 
Suppose we have at our disposal a certain base, say, 
accurately known concentration, and we are asked to d 
hydrochloric acid (HCl) solution by titration. First, a 
tion (measured with a pipet) is transferred to an Erlenmeyer flask (Figure 3.18). Next, 
a buret is filled with the NaOH solution, The NaOH solution is carefully added to the 
acid solution until we reach the equivalence point, that is, the point at which the acid is 
completely reacted with or neutralized by the base. This point is usually signaled by a 
color change of an indicator that has been added to the acid solution In acid—base 
titrations, indicators are usually substances that have distinctly different colors in 
acidic and basic media. One commonly used indicator is phenolphthalein which is 
colorless in acidic and neutral solutions but reddish pink in basic solutions 


i aa equivalence point, all of the HCI present has been neutralized by the added 
aOn, 


sodium hydroxide (NaOH), of 
letermine the concentration of a 
known volume of the acid solu- 


HCl(aq) + NaOH(aq) — NaCl(aq) + H50(/) 
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and the solution is still colorless. However, if we add just one more drop of NaOH 
solution from the buret, the solution will turn reddish pink because the solution is now 
basic. The actual arrangement of this titration is shown in Figure 3.19. 

The acid—base neutralization reaction between NaOH and HCl is one of the simplest 
types of neutralizations known. Suppose, though, that instead of HCl, a diprotic acid 
such as sulfuric acid (HSO,) is used. The reaction is represented by 


HSO,(aq) + 2NaOH(aq) —~> NapSO,(aq) + 2H20(/) 


Since 2 mol NaOH = 1 mol H,SO4, we need twice the amount of NaOH to react 
completely with an H2SO, solution of the same concentration as an HCI solution. On 
the other hand, we need twice the amount of HCI to completely neutralize a Ba(OH) 
solution having the same concentration as a solution of NaOH: 


2HCl(aq) + Ba(OH) (aq) —> BaCl,(aq) + 2H20(/) One mole of Ba(OH), yields 2 
moles of OH™ ions. 


in calculations involving acid—base titrations, regardless of the acid or base in- 
volved, keep in mind that the total number of moles of H* ions that have reacted when 
the equivalence point has been reached must be exactly equal to the total number of 
moles of OH™~ ions that have reacted. 

The next three examples deal with acid—base titrations. 


(a) ; (b) 


FIGURE 3.19 (a) Apparatus for acid-base titration. An NaOH solution in the buret is added to an HCI solution in the Erlenmeyer 
flask. (b) A reddish pink color is observed when the equivalence point is reached. 
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Actually, the reaction occurs 
as soon as the solutions are 
mixed. For the purpose of 
calculation, we pretend that 
they can be mixed first and 
then allowed to react. 
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EXAMPLE 3.17 


In a titration experiment, a student finds that 37.42 mL of 0.1078 M NaOH solution is 
needed to completely neutralize 25.00 mL of an HCI solution. What is the concen’: tion 
(in molarity) of the acid solution? 


Answer 


This is a reaction between a strong acid and a strong base, so the net ionic equa» is 
H*(aq) + OH (aq) —> H,0(/) 
The number of moles of NaOH in 37.42 mL of solution is 
fa eon ee 4--sehr 0.1078 mol Now 11 
= 37.42 mL -NaOH-setrr X —————- x ——____ 
moles of Na’ 1000 
= 4,034 x 107? mol NaOH 
From the neutralization reaction shown previously, we know that 1 mol Na > 
1 mol HCI. Therefore, the number of moles of HCI reacted is also 4.034 X 107° sole. 
(Keep in mind that 4.034 x 10? mole of NaOH supplies 4.034 x 1073 mole of >> 


ions, and 4.034 x 10~* mole of HCI supplies 4.034 x 1073 mole of H* ions.) Nov we 
can calculate the concentration of the HCI solution, as follows: 


5 mol HCl 4.034 x 10-3 mol HC]_~—-1000 m-selry 
molarity of HCl = ———— = ——__________ x _~ 
1L soln 25.00 mL-selr 1 L soln 
= 0.1614 M HCl 
Similar problems: 3.79, 3.81. 
tea | 


SS a! wie] 
EXAMPLE 3.18 


A volume of 17.8 mL of a 0.344 M H5SO, solution is required to completely neutr..\ze 
20.0 mL of a NH; solution. Calculate the concentration (in molarity) of the NH; solu: on. 


Answer 


The equation for the neutralization reaction is 


2NH3(aq) + H2SO,(aq) —s 2NH?(aq) + S03" (aq) 


The number of moles of H2SO, in 17.8 mL of solution is given by 


4itL-selr ¥ 0.344 mol H2SO, 


moles of H,SO4, = 17.8 mL HLSO,-setr x 
: 1000 -mL-seln- 4tL-setr 


= 6.12 X 1073 mol H,SO,4 
Since 1 mol H,SO, + 2 mol NH3, 


the number of moles of NH; reacted must be 
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2 mol NH3 


moles of NH; = 6.12 x 10-3 _mol-H;803 x —————_—_ 
€ 4] mol 3865 


= 1.22 x 10°? mol NH; 
‘ow we can calculate the concentration of the NH; solution: 
mol NH; _ 1.22 x 10-* mol 1000 mL-sel- 


molarity of. NE} ===. = 
1 L soln 20.0 mbselr 1 L soln 


= 0.610 M 


‘ar problems: 3.79, 3.81. 


SE 


MPLE 3.19 


yjate the volume (in mL) of a 0.352 M NaOH solution that is needed to react com- 
\y with 0.278 g of acetic acid, CH;COOH. 


swer 


et ionic equation for the reaction is 
CH;COOH(aq) + OH (aq) —> CH;COO (ag) + H2O0(/) 
- we calculate the number of moles of CH;COOH present in 0.278 g of CH;COOH: 


1 mol CH;COOH a 
0,278 x SE = 4.63 x 10-3 mol CH;COOH 
0.278 g CHCOOH x Ze mol CHy 


se | mol CH;COOH = 1 mol OH, our next step is to calculate the volume of the 
{OH solution that will supply 4.63 x 107° mole of OH” ions. Earlier (p. 116) we saw 


MV = moles of solute 


moles of solute 


molarity 
Phus the volume of NaOH in milliliters needed for the reaction is 


1 & soln f 1000 mL 


Penis Coc eet AS = 13.2 mL soln 
0,352 melHNaOH l& 


4,63 X 10 *-meHNaOH x 


Similar problem: 3.103. 


The Chemistry in Action on pp. 127-128 describes an acid—base reaction in the 


recovery of the recorder tapes from the Challenger space shuttle. 
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CHEMISTRY IN ACTION 


SULFURIC ACID—THE CORNERSTONE OF THE CHEMICAL INDUSTRY 


Sulfuric acid (H2SO,) is the world’s most important 
industrial chemical; about 40 million tons are produced 
annually. The acid is produced mainly by the contact 
process as follows. First, elemental sulfur (Figure 
3.20) is burned in air to form sulfur dioxide: 


S(s) + O2(g) —> SO2(g) 


Next, sulfur dioxide is reacted with molecular oxygen 
in the presence of vanadium(V) oxide (VO5) catalyst 
to form sulfur trioxide (a catalyst is a substance that 
speeds up a chemical reaction without itself being 
used up): 


2802(g) + O2(g) —> 2S03(g) 
Sulfur trioxide reacts directly with water to form sulfu- 
ric acid: 
SO3(g) + H,O(/) —+ H2SO,(aq) 
However, this reaction produces a fine fog (as a result 
of the heat generated) that is difficult to condense. A 
more indirect alternative is to dissolve sulfur trioxide 


in concentrated sulfuric acid first to form oleum 
(H2S207): 


SO3(g) + H2SO4(aq) —> HS20,(aq) 
FIGURE 3.20 Elemental sulfur, the starting material, out- 


The oleum is then treated with water to liberate sulfuric ide @ sulfuric acid manufacturing plant. 
acid: 


H)S207(aq) + H,O(1) —> 2H)SO,(aq) 


Since two units of H2SO, are formed for every unit of 
H2S,07 decomposed, there is a net increase in the 
amount of sulfuric acid. 

Sulfuric acid is a colorless, odorless, extremely cor- 
rosive liquid. It is commonly available in the laboratory 
in concentrated form (18 M). Sulfuric acid has a strong 
affinity for water. In fact, its reaction with water gener- 
ates large amounts of heat, sometimes enough to boil 
off the solution and cause the acid to splatter. Organic 
compounds containing hydrogen and oxygen in the 
ratio of 2:1 are sometimes charred by concentrated sul- 
furic acid (Figure 3.21): 


FIGURE3.21 Sucrose, 
C)2H220),, (front) be- 
fore and (back) after 
treatment with concen- 
trated sulfuric acid. 


CHEMISTRY IN ACTION/CHEMICAL FERTILIZERS 


Petroleum 
refining 
(5%) 


Metallurgical 
processes 


(5%) 


CyoHo2011(s) 228% 12€(s) + 11H,0() 


Sulfuric acid has been called the cornerstone of the 
| chemical industry because it is used, directly or indi- 
rectly, in the manufacture of nearly all key chemicals. 
About 60 percent of the sulfuric acid is used in the 
production of chemical fertilizers. Because of its high 
boiling point (337°C), sulfuric acid is used to prepare 
inorganic acids such as hydrochloric acid: 


NaCl(s) + H»SO,(aq) —> NaHSO,(aq) + HCl(g) 


Feeding the world’s rapidly increasing population re- 
quires that farmers produce ever-larger and healthier 
crops. Every year they add hundreds of millions of tons 
of chemical fertilizers to the soil to increase crop qual- 
ity and yield. In addition to carbon dioxide and water, 
plants need at least six elements for satisfactory 
growth. They are N, P, K, Ca, S, and Mg. The prepa- 
ration and properties of several nitrogen- and phos- 
phorus-containing fertilizers illustrate some of the prin- 
ciples introduced in this chapter. 


CHEMISTRY IN ACTION 


CHEMICAL FERTILIZERS 


FIGURE 3.22 Major uses of sulfuric acid. 


The hydrogen chloride gas is reacted with water to 
form hydrochloric acid. Sulfuric acid is also used in the 
manufacture of detergents, dyes and pigments, explo- 
sives, and drugs. It is used in petroleum refining (a 
process to separate different components in petroleum) 
and metallurgical processes. Sulfuric acid is the elec- 
trolyte in the lead-acid storage battery commonly used 
in automobiles. Figure 3.22 summarizes the major uses 
of sulfuric acid. 


Nitrogen fertilizers contain nitrate (NO3 ) salts and 
ammonium (NH?) salts and other compounds. Plants 
can absorb nitrogen in the form of nitrate directly, but 
ammonium salts and ammonia (NH3) must first be con- 
verted to nitrates by the action of soil bacteria. The 
principal raw material of nitrogen fertilizers is ammo- 
nia, prepared by the reaction between hydrogen and 
nitrogen: 


3H2(g) + No(g) —> 2NH3(g) 
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FIGURE 3.23 Liquid ammonia being applied to the soil 
before planting. 


(This reaction will be discussed in detail in Chapters 13 
and 14.) In its liquid form, ammonia can be injected 
directly into the soil (Figure 3.23). Alternatively, 
ammonia can be converted to ammonium nitrate, 
NH,NO3, ammonium sulfate, (NH4).SO4, or ammo- 
nium dihydrogen phosphate, (NH4)H2POu,, in the fol- 
lowing acid—base reactions: 


NH;(aq) + HNO3(aq) —> NH,NO;(aq) 
2NH3(aq) + H2SO4(aq) —> (NH4)2SO,4(aq) 
NH;,(aq) + H3PO4(aq) ——> (NH4)H2PO,(aq) 


Another method of preparing ammonium sulfate re- 
quires two steps: 


2NH;3(aq) + CO2(aq) + H2O(1) —> (NHy)2CO3(aq) (3.4) 
(NH4)2CO3(aq) + CaSO4(aq) —> 
(NH,4)2SO4(aq) + CaCO;(s) (3.5) 


This approach is desirable because the starting mate- 
rials—carbon dioxide and calcium sulfate—are less 
costly than sulfuric acid. To increase the yield, ammo- 
nia is made the limiting reagent in Reaction (3.4) and 
ammonium carbonate is made the limiting agent in 
Reaction (3.5). 

Table 3.3 lists the percentage composition by mass 
of nitrogen in some common fertilizers. The fertilizer 
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(NH,)2CO, called urea, is an organic compound that is 
prepared by the reaction between ammonia and carbon 


dioxide: 
2NH3(g) + CO2(g) —> (NH)2CO(s) + H20(/ 
Several factors influence the choice of one fer\ilizer 


over another: (1) cost of raw materials needed ‘> pre- 
pare the fertilizer; (2) ease of storage, transpor's*ion, 


and utilization; (3) percentage composition by m« s of 
the desired element; and (4) suitability of th ym- 
pound, that is, whether the compound is solv» in 
water and whether it can be readily taken up by © «nts. 
Considering all these factors together, we fin that 
NH, NO; is the most important nitrogen-contain'» fer- 
tilizer compound in the world, even though arm oonia 
has the highest percentage by mass of nitroge: 

Phosphorus fertilizers are derived from  hos- 
phate rock called fluorapatite, Cas(PO4)3F. Flu rapa- 
tite is insoluble in water, so it must first be conve: ed to 
the water-soluble calcium dihydrogen pho: »hate 
[Ca(HPO.4)o]: 
2Cas(PO4)3F(s) + TH2SO4(aq) —> 

3Ca(H2PO,)2(aq) oF 7CaSO,(aq) + F(g) 
For maximum yield, fluorapatite is made the |'" iting 
reagent in this reaction. 

The reactions we have discussed for the prep« ation 
of fertilizers all appear relatively simple, yet m\ © ef- 
fort has been expended to improve the yields by © \ang- 
ing conditions such as temperature, concentratio’,, and 
so on. Because huge quantities of fertilizers a: pro- 
duced annually, even a slight improvement in th: yield 


can significantly reduce the cost of production. | idus- 
trial chemists usually run promising reactions ‘rst in 
the laboratory, and then test them in a pilot facility 
before putting them into mass production. 


TABLE 3.3 Percentage Composition by Mass of Nitrogen in 
Five Common Fertilizers 


Fertilizer %N by Mass 
NH; 82.4 
NH,NO; 35.0 
(NH4)2SO,4 21.2 
(NH,)H»PO, 21.2 
(NH),CO 46.7 


| 
| 
panier ras 


CHEMISTRY IN ACTION/SALVAGING THE CHALLENGER TAPE 


CHEMISTRY IN ACTION 


en the space shuttle Challenger exploded in flight 
anuary 28, 1986, the crew cabin separated from the 
»f the orbiter and broke up when it hit the water. 
abin was equipped with tape recorders to collect 
» data and record conversations among the crew. 
ver, there was no ‘‘black box’’ to protect the 
1s is used in airplanes. Thus, when the tapes were 
six weeks later in 90 feet of water, they were 
lerably damaged by exposure to seawater and re- 
‘ chemical reactions. The tapes were described as 
aming, concretelike mess, all glued together.’’ 
major problem was the formation of magnesium 
ide [Mg(OH),] by reaction of seawater with 
sium used in the tape reel: 


Mg?*(aq) + 20H (aq) —> Mg(OH)2(s) 


iter is somewhat basic and therefore contains 
) hydroxide ions to react with the Mg? ions 
| when Mg metal comes in contact with ions of 
ictive metals.) The magnesium hydroxide gradu- 


~~ 


SALVAGING THE RECORDER TAPE FROM THE CHALLENGER 


ally covered the tape layers and glued them together. In 
addition, binders holding the iron(II) oxide (the mag- 
netic material used in tapes) to the plastic backing were 
weakened, exposing bare tape in some places. After 
experimenting with the recovery process using less 
important retrieved tapes, a team of scientists prepared 
to salvage the central tape—the one that recorded the 
crew conversations. In a very tedious and lengthy proc- 
ess, they carefully neutralized the magnesium hydrox- 
ide, removing it from the tape, and stabilized the iron 
oxide layer. All the work had to be done with the tape 
still coiled. The tape was alternately treated with 0.5 M 
nitric acid and distilled water (Figure 3.24). The acid— 
base neutralization reaction is 


Mg(OH),(s) + 2HNO3(aq) —> Mg(NOs)o(aq) + 2H20(/) 


The purpose of the distilled water was to slowly rinse 
the tape as the magnesium hydroxide was removed. 
The tape was then rinsed with methanol to remove the 
water and treated with the lubricant methyl silicone to 


FIGURE 3.24 A scientist examines the magnetic tape from the space shuttle Challenger as it 


soaks in a chemical bath. 
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protect the tape layers. Finally, the 350-foot-long tape _ tle was in trouble. The impressive fact about this tape- 
was unwound, transferred to a new reel, and rerecorded _ salvaging project is that the principle involved is no 


on a fresh tape. 


more complex than what you would encounter in an 


The recording showed that at least some of the crew _ introductory chemistry experiment! 
members were aware in the final seconds that the shut- 


SUMMARY 
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ll. 
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. Chemical changes, called chemical reactions, are represented by chemical equa- 


tions. Substances that undergo change—the reactants—are written on the left and 
substances formed—the products—appear on the right of the arrow. 


. Chemical equations must be balanced, in accordance with the law of conservation 


of mass. The number of atoms of each type of element in the reactants and prod- 
ucts must be equal. 


. Aqueous solutions are electrically conducting if the solutes are electrolytes. If the 


solutes are nonelectrolytes, the solutions do not conduct electricity. 


. Five major types of chemical reactions are combination, decomposition, displace- 


ment, metathesis, and neutralization reactions. 


. An acid yields H™ ions in solution and a base yields OH™ ions in solution. The 


reaction of an acid with a base is called neutralization. Acid—base neutralization is 
a special type of metathesis reaction. 


. Stoichiometric. calculations involve the amounts of products and reactants in 


chemical reactions. The calculations are best done by expressing both the known 
and unknown quantities in terms of moles and then converting to other units if 
necessary. 


. A limiting reagent is the reactant that is present in the smallest stoichiometric 


amount. It limits the amount of product that can be formed. 


. The amount of product obtained in a reaction (the actual yield) may be less than 


the maximum possible amount (the theoretical yield). The ratio of the two is 
expressed as the percent yield. 


. The concentration of a solution is the amount of solute dissolved in a given amount 


of solution. Molarity expresses concentration as the number of moles of solute in 
one liter of solution. 

Adding solvent to a solution, a process known as dilution, decreases the concen- 
tration (molarity) of the solution without changing the total number of moles of 
solute present in the solution. 

Gravimetric analysis is a technique for determining the identity of a compound 
and/or the concentration of a solution by measuring mass. Gravimetric experi- 
ments often involve precipitation reactions. 

In acid—base Utration, a solution of known concentration (say, a base) is added 
gradually to a solution of unknown concentration (say, an acid) 
determining the unknown concentration. The point at which t 
titration is exactly complete is called the equivalence point 


with the goal of 
he reaction in a 
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EXERCISES 


Writ\G AND BALANCING CHEMICAL 


EGUATIONS 
REVIEW QUESTIONS 


3.1 Define the following terms: chemical reaction, reactant, 


product. 


3.2 What is the difference between a chemical reaction and 


a chemical equation? 


3.3. Why must a chemical equation be balanced? What law 
is obeyed by a balanced chemical equation? 

3.4 Write the symbols used to represent gas, liquid, solid, 
the aqueous phase, and heat in chemical equations. 
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Standard solution, p. 120 
Stoichiometric amount, p. 107 
Stoichiometry, p. 102 
Theoretical yield, p. 110 
Titration, p. 120 

Yield of the reaction, p. 110 


by one N> molecule and three H2 molecules colliding 


with one another. (f) Six hundred molecules of H» 
would react with 200 N2 molecules. 
3.7 Balance the following equations: 


(a) 
(b) 
(c) 
(d) 
(e) 
(f) 
(g) 
(h) 
(i) 


PROBLEMS @) 
i (k) 

3.5 Describe in words the meaning of the following equa- () 
tion: (m) 
CaCx(s) + 2H,0(/) —> Ca(OH)2(s) + C2H2(g) (n) 
calcium water acetylene (0) 

carbide hydroxide (p) 

(q) 

3.6 From the chemical equation (r) 
s 

Na(g) + 3H(g) —> 2NH,(8) 2 


which of the following characteristics or quantities can 3.8 
be deduced? (a) The reaction is started by heating. 
(b) Three moles of molecular hydrogen react with 1 
mole of molecular nitrogen to form 2 moles of ammo- 
nia. (c) The reaction is essentially completed in a few 
minutes after mixing the reactants. (d) All substances 
are gases in this reaction. (e) This reaction takes place 


H, + I, —> HI 

Na + H,O — > NaOH + H2 

CO + O, —> CO, 

KCIO; —> KCl + O, 

KNO; —> KNO, + O2 

NaOH + H,SO, —> Na2SO,4 + H,0 

HCl + CaCO; —> CaCl, + H,0 + CO 
CHg + O02 ——> CO, + H,0 

Mg + O. —> MgO 

P4sOio + HYD —> H3PO4 

Al + H,SO, —=> Alp(SO4)3 + H2 

CO, + KOH —> K,CO; + H,0 

Zn + AgCl —> ZnCl, + Ag 

Cl, + NaBr —> NaCl + Br 

Ni(NO3)3 + NaOH ——> Ni(OH)2 + NaNO; 
H,02 — H,0 ote O, 

Cu + HNO; — > Cu(NO3). + NO, + H2,0 
O; —> O, 

N, + H, —> NH; 

KOH + H3PO, —> K3PO, + H2,0 


Balance the following equations: 

(a) CH, + O02 —> CO, + H,0 

(b) CH, + Br, —> CBr, + HBr 

(c) Fe,03 + CO —> Fe + CO, 

(d) Sg + O02 —> SO, 

(e) HNO; + S —> H,SO, + H,O + NO, 
(f) BexC + HxO —~ Be(OH)) + CHy 
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AQUEOUS SOLUTIONS 


REVIEW QUESTIONS 


3.9 


3.10 


Define the following terms: solute, solvent, solution, 
electrolyte, nonelectrolyte, reversible reaction, chemi- 
cal equilibrium. 

Water, as we know, is a nonelectrolyte and therefore 
cannot conduct electricity. Yet we are often cautioned 
not to operate electrical appliances when our hands are 
wet. Why? 


PROBLEMS 


3.11 


Identify each of the following substances as a strong 
electrolyte, a weak electrolyte, or a nonelectrolyte: 
(a) H,O, (b) RbBr, (c) H,SO4, (d) CH;COOH, 
(e) CoHi206, (f) MgClo, (g) No, (h) NH3, (i) NaOH. 
The passage of electricity through an electrolyte solu- 
tion is caused by the movement of (a) electrons only, 
(b) cations only, (c) anions only, (d) both cations and 
anions. 

Predict and explain which of the following systems are 
electrically conducting: (a) solid NaCl, (b) molten 
NaCl, (c) an aqueous solution of NaCl. 


TYPES OF REACTIONS 


REVIEW QUESTIONS 


3.14 


Define and give an example of each of the following 
reactions: combination reaction, decomposition reac- 
tion, displacement reaction, precipitation reaction, 
acid-base neutralization. 

When magnesium burns in air, it forms two different 
ionic compounds. Write the formulas for these two com- 
pounds and classify the reactions. (Air contains N> and 
Op» gases.) 

What is the difference between an ionic equation and a 
molecular equation? What is the advantage of writing 
net ionic equations for displacement and metathesis re- 
actions? 


PROBLEMS 


rly] 


Balance the following equations and classify each reac- 
tion as one of the following types: combination, decom- 
position, displacement, metathesis, neutralization. 
(a) ByH6(g) —> B(s) + Ha(g) 
(b) CaCl,(aq) + NaxCO3(aq) —> 

CaCO3(s) + NaCl(aq) 
(c) Al(s) + O2(g) —> Al,04(s) 
(d) Cd(s) + AgNO3(aq) —~> Cd(NO3),(aq) + Ag(s) 
(e) CH3SnH3(g) —> CH4(g) + Sn(s) + Hp(g) 
(f) Ba(OH)2(aq) + HCl(aqg) —> 

BaCl(aq) + H,O(1) 


3.18 


3.19 


Which of the following metals can react with water? 
(a) Au, (b) Li, (c) Hg, (d) Ca, (e) Pt 

Predict the outcome of the reactions represented by the 
following equations by using the activity series, and 
balance the equations: 

(a) Cu(s) + HCl(aq) —> 

(b) 1,(s) + NaBr(ag) —> 

(c) Mg(s) + CuSO4(aq) —> 

(d) Clo(g) + KBr(ag) —> 


Also write the net ionic equation for each res tion, 


AMOUNTS OF REACTANTS AND PRODL\ 


REVIEW QUESTIONS 


3.20 Define the following terms: stoichiometry, sto’. siomet- 
ric amounts, limiting reagent, excess reagent, \icld of a 
reaction, theoretical yield, actual yield, perc yield. 

3.21 On what law is stoichiometry based? 

3.22 Describe the basic steps involved in the mole “method. 

3.23 Why is it essential to use balanced equations olving 
stoichiometric problems? 

PROBLEMS 

3.24 Consider the combustion of carbon monoxidi ‘O) in 
oxygen gas: 

2CO(g) + Org) —> 2CO,(g) 
Starting with 3.60 moles of CO, calculate the iber of 
moles of CO) produced if there is enough oxyge!: gas to 
react with all of the CO. 

3.25 Silicon tetrachloride (SiCl,) can be prepared by seating 
Si in chlorine gas: 

Si(s) + 2Cl(g) —> SiCl,(/) 
In one reaction, 0.507 mole of SiCl, is produced. How 
many moles of molecular chlorine were used is; the re- 
action? 

3.26 The annual production of sulfur dioxide from burning 


3.27, 


3.28 


coal and fossil fuels, auto exhaust, and other sources is 
about 26 million tons. The equation for the reaction is 


S(s) + Ox(g) —> SO,(g) 


How much sulfur, present in the original materials, 
would result in that quantity of SO,? 

When baking soda (sodium bicarbonate or sodium hy- 
drogen carbonate, NaHCO; ) is heated, it releases car- 
bon dioxide gas, which is responsible for the rising of 
Cookies, donuts, and bread. (a) Write a balanced equa- 
lion for the decomposition of the compound (the prod- 
ucts are NasCO3, H,O, and CO,). (b) Calculate the 
mass of NaHCO; required to produce 20.5 g of CO. 
When potassium cyanide (KCN) reacts with acids, a 


w 


3.34 


deadly poisonous gas, hydrogen cyanide (HCN), is 
given off. Here is the equation: 


KCN(aq) + HCl(aq) —~> KCl(aq) + HCN(g) 


if a sample of 0.140 g of KCN is treated with an excess 
of HCI, calculate the amount of HCN formed, in grams. 
fermentation is a complex chemical process in which 
glucose is converted into ethanol and carbon dioxide: 


C6H 1206 re 2C,H;0H ate 2C0, 
glucose ethanol 


‘tarting with 500.4 g of glucose, what is the maximum 
amount of ethanol in grams and in liters that can be 
biained by this process? (Density of ethanol = 

1.789 g/mL) 

“ach copper(II) sulfate unit is associated with five water 
solecules in crystalline copper(II) sulfate pentahydrate 
(CnSO,+5H20). When this compound is heated in air 
hove 100°C, it loses the water molecules and also its 
vue color: 


CuSO, + 5H,0 —> CuSO, + 5H,0 


' 9.60 g of CuSO, is left after heating 15.01 g of the 
{ue compound, calculate the number of moles of H,O 
ginally present in the compound. 
“or many years the recovery of gold (that is, the separa- 
n of gold from other materials) involved the treatment 
f gold by isolation from other substances, using potas- 
im cyanide: 


Au + 8KCN + O, + 2H,0 —> 
4KAu(CN), + 4KOH 


‘Vhat is the minimum amount of KCN in moles needed 
1 order to extract 29.0 g (about an ounce) of gold? 
iow many grams of potassium are needed to react com- 

oletely with 19.2 g of molecular bromine (Bry) to pro- 

duce KBr? 

‘ow many moles of sulfuric acid would be needed to 

produce 4.80 moles of molecular iodine (Iz), according 

to the following balanced equation: 


iOHI + 2KMnO, + 3H2SO, —> 
51, + 2MnSO, + K2SO, + 8H20 


Limestone (CaCO3) is decomposed by heating to quick- 
lime (CaO) and carbon dioxide. Write a balanced equa- 
tion for the reaction and calculate how many grams of 
quicklime can be produced from 1.0 kg of limestone. 
Nitrous oxide (NO) is also called ‘‘laughing gas.”” It 
can be prepared by the thermal decomposition of ammo- 
nium nitrate (NH,NO;). The other product is H20. 
(a) Write a balanced equation for this reaction. (b) How 
many grams of N,O are formed if 0.46 mole of 
NH,NO; is used in the reaction? 
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LIMITING REAGENTS 


REVIEW QUESTIONS 


3.36 


3.37 


Define limiting reagent and excess reagent. What is the 
significance of the limiting reagent in predicting the 
amount of the product obtained in a reaction? 

Give an everyday example that illustrates the limiting 
reagent concept. 


PROBLEMS 


3.38 


3.40 


3.41 


3.42 


Nitric oxide (NO) reacts instantly with oxygen gas to 
give nitrogen dioxide (NO), a dark brown gas: 


2NO(g) + O2(g) —> 2NO2(g) 


In one experiment 0.886 mole of NO is mixed with 
0.503 mole of O3. Calculate which of the two reactants 
is the limiting reagent. Calculate also the number of 
moles of NO» produced. 

Balance the equation 


SF,.+ b0; ——> IF; + SO, 


and calculate the maximum number of grams of IF; that 
can be obtained from 10.0 g of SF, and 10.0 g of 1,05. 
The depletion of ozone (O3) in the stratosphere has been 
a matter of great concern among scientists in recent 
years. It is believed that ozone can react with nitric 
oxide (NO) that is discharged from the high-altitude jet 
plane, the SST. The reaction is 


O3(g) + NO(g) —> O2(g) + NO2(g) 


If 0.740 g of O; reacts with 0.670 g of NO, how many 
grams of NO, would be produced? Which compound is 
the limiting reagent? Calculate the number of moles of 
the excess reagent remaining at the end of the reaction. 
Propane (C3Hg) is a component of natural gas and is 
used in domestic cooking and heating. (a) Balance the 
following equation representing the combustion of pro- 
pane in air: 


C3H¢(g) + O2(g) —> CO2(g) + H20(/) 


(b) How many grams of carbon dioxide can be produced 
by burning 3.65 moles of propane? Assume that oxygen 
is the excess reagent in this reaction. 

Consider the reaction 


MnO, + 4HCl —> MnCl, + Cl, + 2H,0 


If 0.86 mole of MnO, and 48.2 g of HCl react, which 
reagent will be used up first? How many grams of Cl, 
will be produced? 
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YIELD OF THE REACTION 
REVIEW QUESTIONS 


3.43 Define the following terms: yield of a reaction, theoreti- 
cal yield, actual yield, percent yield. 
3.44 Why is the yield of a reaction determined only by the 
amount of the limiting reagent? 
3.45 Why is the actual yield of a reaction almost always 
smaller than the theoretical yield? 
PROBLEMS 
3.46 The reaction 
Cr03 + 3CCl, —> 2CrCl; + 3CC1,0 
is used to make CrCl;. In one experiment 6.37 g of 
Cr,03 was treated with excess CCl, and yielded 8.75 g 
of CrCl3. Calculate the percent yield of CrCl. 
3.47 Nitroglycerin (C3HsN3Os) is a powerful explosive. Its 


decomposition may be represented by 
4C3HsN3;0. ——> 6N2 + 12CO, + 10H,O + O, 


This reaction generates a large amount of heat and many 
gaseous products. It is the sudden formation of these 
gases, together with their rapid expansion, that produces 
the explosion. (a) What is the maximum amount of O 
in grams that can be obtained from 2.00 x 10? g of ni- 
troglycerin? (b) Calculate the percent yield in this reac- 
tion if the amount of O generated is found to be 6.55 g. 


CONCENTRATION OF SOLUTIONS 
REVIEW QUESTIONS 


3.48 Define molarity. Why is molarity a convenient concen- 
tration unit? 

3.49 Describe steps involved in preparing a solution of 
known molar concentration using a volumetric flask. 

PROBLEMS 

3.50 Calculate the mass of NaOH in grams required to pre- 
pare a 5.00 X 10? mL solution of concentration 
2.80 M. 

3.51 A quantity of 5.25 g of NaOH is dissolved in a suffi- 
cient amount of water to make up exactly | liter of solu- 
tion. What is the molarity of the solution? 

3.52 How many moles of MgCl) are present in 60.0 mL of 
0.100 M MgCl, solution? 

3.53 Calculate the molarity of a phosphoric acid (H3PO,) so- 
lution containing 1.50 x 10? g of the acid in 7.50 x 
10? mL of solution. 

3.54 How many grams of KOH are present in 35.0 mL of a 
5.50 M solution? 

3.55 Calculate the molarity of each of the following solu- 


tions: (a) 29.0 g of ethanol (C;H;OH) in 545 mL of 


3.59 


3.60 


solution, (b) 15.4 g of sucrose (Cj2H20;;) in 74.0 mL 
of solution, (c) 9.00 g of sodium chloride (NaCl) in 
86.4 mL of solution. 

Calculate the number of moles of solute present in 
(a) 75.0mL of 1.25MHCI, (b) 100.0 mL of 
0.35 M H2SOx. 

Calculate the molarity of each of the following solu- 
tions: (a) 6.57 g of methanol (CH30H) in 1.50 x 
10? mL of solution, (b) 10.4 g of calcium chloride 
(CaCl,) in 2.20 x 10? mL of solution, (c) 7.82 g of 
naphthalene (C;oHg) in 85.2 mL of benzene solution, 
Calculate the volume in mL of a solution required to 
provide the following: (a) 2.14 g of sodium chloride 
from a 0.270 M solution, (b) 4.30 g of ethanol! froma 
1.50 M solution, (c) 0.85 g of acetic acid (CH,COOH) 
from a 0.30 M solution. 

Determine how many grams of each of the following 
solutes would be needed to make 2.50 x 10° mL ofa 
0.100 M solution: (a) cesium iodide (CsI); (b) sulfuric 
acid (H2SO4); (c) sodium carbonate (Na2CO); (d) po- 
tassium dichromate (K2Cr207); (e) potassium perman- 
ganate (KMnO,). 

A 325-mL sample of solution contains 25.3 g of CaCl. 
(a) Calculate the molar concentration of Cl” in this solu- 
tion. (b) How many grams of Cl~ are there in 0.100 L 
of this solution? 


DILUTION OF SOLUTIONS 
REVIEW QUESTIONS 


3.61 Describe the basic steps involved in the dilution of a 
solution of known concentration. 

3.62 Write the equation that enables you to calculate the con- 
centration of a diluted solution. Define all the terms. 

3.63 Using BaCl, as an example, show that the number of 
ions will remain the same when a 2 M BaCl, solution is 
diluted to a 1 M solution. 

PROBLEMS 

3.64 Describe how to prepare 1.00 L of 0.646 M HCl solu- 
tion, starting with a 2.00 M HCI solution. 

3.65 A quantity of 25.0 mL of a 0.866 M KNO; solution is 
poured into a 500-mL volumetric flask and water is 
added until the volume of the solution is exactly 
500 mL. What is the concentration of the final solution? 

3.66 How would you prepare 60.0 mL of 0.200 M HNO; 
from a stock solution of 4.00 M HNO;? 

3.67 You have 505 mL of a 0.125 M HCI solution and you 
want to dilute it to exactly 0.100 M. How much water 
should you add? 

3.68 


Describe how you would prepare 2.50 x 10° mL of a 


0.450 M KOH solution, Starting with an 8.40 M KOH 
solution. 


3.69 A 46.2-mL, 0.568 M calcium nitrate [Ca(NO3)>] solu- 
tion is mixed with an 80.5-mL, 1.396 M calcium nitrate 
solution. Calculate the concentration of the final solu- 
tion. 


GRAVIMETRIC ANALYSIS 
REVIEW QUESTION 


3.70 Define gravimetric analysis. Describe the basic steps 
involved in gravimetric analysis. How does such an 
experiment help us determine the identity of a com- 
pound or the purity of a compound if its formula is 
known? 


PROBLEMS 


3.71. The volume 30.0 mL of 0.150 M CaCl, is added to 
15.0 mL of 0.100 M AgNO;. What is the mass in 
grams of AgCl precipitate formed? 

3.72 Distilled water must be used in the gravimetric analysis 
of chlorides. Why? 

3.73 A sample of 0.6760 g of an unknown compound con- 

taining barium ions (Ba?*) is dissolved in water and 

treated with an excess of Na,SQ,. If the mass of the 

BaSOy precipitate formed is 0.4105 g, what is the per- 

cent by mass of Ba in the original unknown compound? 

How many grams of NaCl are required to precipitate 

practically all the Ag* ions from 2.50 x 10? mL of 

0.0113 M AgNO; solution? Write the net ionic equation 

for the reaction. 

3.75 The concentration of Cu2* ions in the water (which also 
contains sulfate ions) discharged from a certain indus- 
trial plant is determined by adding excess sodium sul- 
fide (Na2S) solution to 0.800 L of the water. The mo- 
lecular equation is 


w 
< 
= 


Na»S(aq) + CuSO4(aqg) —> Na2SO,(aq) + CuS(s) 


Write the net ionic equation and calculate the molar con- 
centration of Cu?* in the water sample if 0.0177 g of 
solid CuS is formed. 


ACiD~BASE TITRATIONS 
REVIEW QUESTIONS 


3.76 Define acid—base titration, standard solution, equiva- 
lence point, indicator. 

3.77 Describe the basic steps involved in acid—-base titration. 
Why is this technique of great practical value? 

3.78 How does an acid-base indicator work? 


PROBLEMS 


3.79 Calculate the volume in milliliters of a 1.420 M NaOH 
solution required to titrate the following solutions: 
(a) 25.00 mL of a 2.430 M HCI solution 
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(b) 25.00 mL of a 4.500 M H2SO, solution 
(c) 25.00 mL of a 1.500 M H3PO, solution 

3.80 Acetic acid (CH;COOH) is an important ingredient of 
vinegar. A sample of 50.0 mL of a commercial vinegar 
is titrated against a 1.00 M NaOH solution. What is the 
concentration (in M) of acetic acid present in the vinegar 
if 5.75 mL of the base was required for the titration? 
(Acetic acid is monoprotic.) 

3.81 What volume of a 0.50 M KOH solution is needed to 
neutralize completely each of the following? 
(a) 10.0 mL of a 0.30 M HCI! solution 
(b) 10.0 mL of a 0.20 M H,SO, solution 
(c) 15.0 mL of a 0.25 M H3POx, solution 


MISCELLANEOUS PROBLEMS 


3.82 Which of the following aqueous solutions would you 
expect to be the best conductor of electricity at 25°C? 
Explain your answer. 

(a) 0.20 M NaCl 

(b) 0.60 M CH;COOH 
(c) 0.25 M HCl 

(d) 0.20 M Mg(NO3)2 

3.83 A quantity of 2.40 g of the oxide of the metal X (molar 
mass of X = 55.9 g/mol) was heated in carbon monox- 
ide (CO). The products are the pure metal and carbon 
dioxide. The mass of the metal formed is 1.68 g. From 
the data given, show that the simplest formula of the 
oxide is X,O3 and write a balanced equation for the 
reaction. 

3.84 An impure sample of zinc (Zn) is treated with an excess 
of sulfuric acid (H,SO,4) to form zinc sulfate (ZnSO4) 
and molecular hydrogen (H2). (a) Write a balanced 
equation for the reaction. (b) If 0.0764 g of Hp is ob- 
tained from 3.86 g of the sample, calculate the percent 
purity of the sample. (c) What assumptions must you 
make in (b)? 

3.85 One of the reactions that occurs in a blast furnace, 
where iron ore is converted to cast iron, is 


Fe,0; + 3CO —> 2Fe + 3CO, 


Suppose that 1.64 x 10° kg of Fe are obtained from a 
2.62 X 10° kg sample of Fe,O3. Assuming that the re- 
action goes to completion, what is the percent purity of 
FeO; in the original sample? 

3.86 A student took an unknown sample mass of a compound 
of Ti and Cl and put it into some water. The Ti formed 
TiO2, which was removed, dried, and found to weigh 
0.777 g. AgNO; was then added to the solution until all 
the Cl” ions were converted to 5.575 g of AgCl. Deter- 
mine the empirical formula of the unknown compound 
of Ti and Cl. 

3.87 When 0.273 g of Cr is heated in an atmosphere of Cl, 
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3.92 


3.94 
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gas, a chemical reaction occurs and a solid compound 
containing only Cr and Cl forms that weighs 0.832 g. 
Calculate the empirical formula of the compound. 
When 0.273 g of Mg is heated strongly in a nitrogen 
(N2) atmosphere, a chemical reaction occurs. The prod- 
uct of the reaction weighs 0.378 g. Calculate the empir- 
ical formula of the compound containing Mg and N. 
A sample of a compound of Cl and O reacts with excess 
Hp to give 0.233 g of HCI and 0.403 g of H,O. Deter- 
mine the empirical formula of the compound. 
A certain sample of coal contains 1.6 percent sulfur by 
mass. When the coal is burned, the sulfur is converted 
to sulfur dioxide. To prevent air pollution, this sulfur 
dioxide is treated with calcium oxide (CaO) to form cal- 
cium sulfite (CaSO3). Calculate the daily mass (in kilo- 
grams) of CaO needed if a power plant uses 6.60 X 
10° kg of coal per day. 
A 5.00 x 10? mL sample of 2.00 M HCI solution is 
treated with 4.47 g of magnesium. Calculate the con- 
centration of the solution after all the metal has reacted. 
Assume that the volume remains unchanged. 
A compound X contains 63.3 percent manganese (Mn) 
and 36.7 percent oxygen by mass. When X is heated, 
oxygen gas is evolved and a new compound Y contain- 
ing 72.0 percent Mn and 28.0 percent O is formed. 
(a) Determine the empirical formulas of X and Y. 
(b) Write a balanced equation for the conversion of X 
to Y. 
A 246-g sample of sodium carbonate (NayCO3)-sodium 
sulfate (Na,SO4) containing 72.3 percent NayCO3 by 
mass is treated with an excess of hydrochloric acid. Cal- 
culate the mass (in grams) of CO, produced. Na2SO, 
does not react with HCl. 
A common laboratory preparation of oxygen gas is the 
thermal decomposition of potassium chlorate (KCIO;). 
Assuming complete decomposition, calculate the num- 
ber of grams of Oz gas that can be obtained starting with 
46.0 g of KCIO3. (The products are KCI and O).) 
Industrially hydrogen gas can be prepared by reacting 


3.96 


3.98 


3.100 


3.101 


3.102 


3.103 


propane gas (C3Hg) with steam at about 400°C. The 
products are carbon monoxide (CO) and hydrogen gas 
(H>). (a) Write a balanced equation for the reaction, 
(b) How many kilograms of Hp can be obtained starting 
with 2.84 x 10° kg of propane? 


The formula of a hydrate of barium chloride js 
BaCl,-xH,O. If 1.936 g of the compound gives 
1.864 g of anhydrous BaSO, upon treatment th sulfu- 
ric acid, calculate the value of x. 

A 0.8870-g sample of a mixture of NaC! «nd KCI 
yielded 1.913 g of AgCl. Calculate the percer: by mass 
of each compound in the mixture. 

A 1.00-g sample of a metal X (that is know to form 
X?* jons) was added to 0.100 L of 0.500 '* H5SO,. 
After all of the metal had reacted, the remo ing acid 
required 0.0334 L of 0.500 M NaOH solution ‘or neu- 
tralization. Calculate the molar mass of the ; etal. 
Write ionic and net ionic equations for the llowing 
reactions: 

(a) 2AgNO3(aq) + Na.SO,(aq) —> 

(b) BaCl;(aq) + ZnSO4(aq) —> 

(c) (NH4)2CO3(aq) + CaCl,(aq) —> 

(d) Na,S(aq) + ZnCl,(aq) —> 

(e) 2K3PO4(aq) + 3Sr(NO3).(aq) —> 

[Hint: The precipitate formed in (a) is AgoS(,, in (b) 
BaSOg, in (c) CaCOs, in (d) ZnS, and in (e) Sr. PO4)>.] 
Write a balanced equation for the preparation © (a) mo- 
lecular oxygen, (b) ammonia, (c) carbon ‘Jioxide, 
(d) molecular hydrogen. Indicate the physics! state of 
the reactants and products in each equation 

Calculate the volume of a 0.156 M CuSO, so!«ion that 
would react with 7.89 g of zinc. 

What is the molarity of a HCI solution if 28.3 of the 
solution is required to react with 0.256 g of NagCO3? 
A 3.664-g sample of a monoprotic acid was dis: olved in 
water and required 20.27 mL of a 0.1578 M DH so- 
lution for neutralization. Calculate the molar n» «ss of the 


acid. 


Thermochemistry 


rhe analysis of particles formed from burning methane (CH) in a flame is performed with a visible laser. 
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very chemical reaction obeys two fundamental laws: the law of conservation of mass 

and the law of conservation of energy. We discussed the mass relationships between 

reactants and products in Chapter 3; here we will look at the energy changes that 
accompany chemical reactions. 


The unit of energy is the joule 
(J). We will frequently use 
kilojoule (kJ) in our 
calculations. 1 kJ = 1000 J. 


4.1 Some Definitions 


In Chapter 3 we focused on the mass relationships associated with chemical changes. 
However, the energy changes during chemical reactions are often of equal or greater 
practical interest. For example, combustion reactions involving fuels such as natural 
gas and coal are carried out in everyday life more for the thermal energy they release 
than for the particular quantities of combustion products (whether expressed in grams 
or in moles) they produce. In order to examine energy changes in chemical! reactions 
more closely, we must first define some fundamental terms associated with this topic. 

A system is any specific part of the universe that is of interest to us. For chemists, 
systems usually include substances involved in chemical and physical changes. For 
example, in an acid—base neutralization experiment, the system may be a beaker con- 
taining 50 mL of HCI and 50 mL of NaOH. The rest of the universe outside the system 
is called the surroundings. 

There are three types of systems. An open system can exchange mass and energy 
(usually in the form of heat) with its surroundings. For example, an open system may 
consist of a quantity of water in an open container, as shown in Figure 4.1(a). If we 
close the flask, as in Figure 4.1(b), so that no water vapor can escape from or condense 
into the container, we create a closed system, which allows the transfer of energy 
(heat) but not mass. By placing the water in a totally insulated container, we construct 
an isolated system, which does not allow the transfer of either mass or energy, as 
shown in Figure 4.1(c). 

“Energy” is a much-used term, although it represents a rather abstract concept. 
Unlike matter, energy cannot be seen, touched, smelled, or weighed. Energy is known 
and recognized by its effects. It is usually defined as the capacity to do work . “Work” 
has a special meaning to scientists. In the study of mechanics, work is ‘‘force X 
distance,’’ but we will see later that there are other kinds of work. All forms of energy 
are capable of doing work (that is, of exerting a force over a distance), but not all of 
them are equally relevant to chemistry. The energy contained in tidal waves, for exam- 
ple, can be harnessed to perform useful work, but the importance of tidal waves to 
chemistry is minimal. We will discuss some forms of energy that are of particular 
interest to chemists. 
cory apres ee) at's primary energy source. So 
vegetation through the Or ee fee $ surface, for the growth e 
fan. P own as photosynthesis, and for global climate pat- 
moe | ipsa ae Re Bees with the random motion of atoms and 
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FIGURE 4.1 Three systems represented by water in a flask: (a) an open system, which allows 
both energy and mass transfer; (b) a closed system, which allows energy but not mass transfer; 
and (c) an isolated system, which allows neither energy nor mass transfer (here the flask is 
enclosed by a vacuum jacket). 


ments—the more vigorous the motion of the atoms and molecules in a sample of 
matter, the hotter the sample is and the greater its thermal energy. However, we need 
to distinguish carefully between thermal energy and temperature. A cup of coffee at 
70°C has a higher temperature than a bathtub filled with warm water at 40°C, but much 
more thermal energy is stored in the bathtub water because it has a much larger volume 
and greater mass than the coffee and therefore more water molecules and more molecu- 
lar motion. 

ii is important to understand the distinction between thermal energy and heat. Heat 
is the transfer of energy (usually thermal energy) between two bodies that are at 
different temperatures. Thus we often speak of the ‘‘heat flow’’ from a hot object to a 
cold one. Although ‘‘heat’’ itself already implies the transfer of energy, we customar- 
ily use terms such as ‘theat absorbed’’ or “‘heat released’’ to describe the energy 
changes occurring during a process. 

Chemical energy is a form of energy stored within the structural units of chemical 
substances; its quantity is determined by the type and arrangement of atoms in the 
substance being considered. When substances participate in chemical reactions, chemi- 
cal energy is released, stored, or converted to other forms of energy. 

Energy is also available by virtue of an object's position. This form of energy is 
called potential energy. For instance, because of its altitude, a rock at the top of a cliff 
has more potential energy and will make a bigger splash in the water below than a 
similar rock located part way down. Chemical energy can be considered a form of 
potential energy; it is associated with the relative positions and arrangements of atoms 
within the substances of interest. 

Energy available because of the motion of an object is called kinetic energy. The 
kinetic energy of a moving object depends on both the mass and the velocity of the 
object. 

All forms of energy can be changed (at least in principle) from one form to another. 
We feel warm when we stand in sunlight because radiant energy from the sun is 
converted to thermal energy on our skin. When we exercise, stored chemical energy in 
our bodies is used to produce kinetic energy of motion. When a ball starts to roll 
downhill, its potential energy is converted to kinetic energy. You can undoubtedly 
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think of many other examples. Scientists have reached the conclusion that although 


energy can assume many different forms that are interconvertible, energy can 
be destroyed nor created. When one form of energy disappears, some othe: 


energy (of equal magnitude) must appear, and vice versa. The total quantity 
in the universe is thus assumed to remain constant. This statement is genera 
as the law of conservation of energy. 


4.2 Energy Changes in Chemical Reactions 


Almost all chemical reactions absorb or produce (release) energy. Heat is 
energy most commonly absorbed or released in chemical reactions. The sii 
changes in chemical reactions is called thermochemistry. 

The combustion of hydrogen gas in oxygen is one of many familiar che: 
tions that release considerable quantities of energy (Figure 4.2): 


2H2(g) + Ox(g) —> 2H,O(/) + energy 


In discussing energy changes of this type, we can label the reacting mixture | 
oxygen, and water molecules) the system and the rest of the universe the sur 
Since energy cannot be created or destroyed, any energy lost by the syste: 
gained by the surroundings. Thus the heat generated by the combustion 
transferred from the system to its surroundings. Any process that gives off h« 
transfers thermal energy to the surroundings) is called an exothermic proce 
4.3(a) shows the energy change for the combustion of hydrogen gas. 

Now consider another reaction, the decomposition of mercury(II) oxid: 
high temperatures: 


energy + 2HgO(s) —> 2Hg(/) + O(g) 


This is an example of an endothermic process, in which heat has to be sup] 
system (that is, to HgO) by the surroundings [Figure 4.3(b)]. 

From Figure 4.3 you can see that in exothermic reactions, the total ene 
products is less than the total energy of the reactants. The difference in the 


FIGURE 4.2 The Hinden- 
burg disaster. The Hinden- 
burg, a German airship filled 
with hydrogen gas, was de- 
stroyed in a spectacular fire 
at Lakehurst, New Jersey, in 
1937. 
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4.3 ENTHALPY 


Heat given off Heat absorbed 
by the system by the system 


to the surroundings from the surroundings 


Fy 4.3 (a) An exothermic process. (b) An endothermic process. The scales in (a) and (b) 
are te same. Therefore, the heat released in the formation of H2O from Hz and O; is not 
e : the heat absorbed in the decomposition of HgO. 


the ‘| supplied by the system to the surroundings. Just the opposite happens in 


en ermic reactions. Here, the difference in the energies of the products and reac- 
tar : equal to the heat supplied to the system by the surroundings. 
4. ‘nthalpy 
Mi »ysical and chemical changes, including those that take place in living systems, 
oc \ the constant-pressure conditions of our atmosphere. In the laboratory, for 
€Xxa: , reactions are generally carried out in beakers, flasks, or test tubes that remain 
op ) their surroundings and hence to a pressure of approximately one atmosphere 
(1 9.4). To express the heat released or absorbed in a constant-pressure process, chem- 
ist a quantity called the heat content, or enthalpy, represented by the symbol H. 
Tho shange in enthalpy of a system during a process at constant pressure, represented 
by 4’ (‘delta H,’’ where the symbol A denotes change), is equal to the heat given off 
or vrbed by the system during the process. The enthalpy of reaction is the differ- 
ence between the enthalpies of the products and the enthalpies of the reactants: 
AH = H(products) — H(reactants) (4.1) 


Enthalpy of reaction can be positive or negative, depending on the process. For an 
endothermic process (heat absorbed by the system from the surroundings), AH is 
positive (that is, AH > 0). For an exothermic process (heat released by the system to 
the surroundings), AH is negative (that is, AH <0). Now let us apply the idea of 
enthalpy changes to two common processes—the first involving a physical change, the 
second a chemical change. 

At 0°C and a constant pressure of 1 atm, ice can melt to form liquid water. Meas- 
urements show that for every mole of ice converted to liquid water under these condi- 
tions, 6.01 kilojoules (kJ) of energy are absorbed by the system (ice). Thus we can 
write the equation for this physical change as 


H,0(s) —> H20(/) AH = 6.01 kJ 
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Methane is the principal 
component of natural gas. 
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Heat absorbed 
by the system 
from the surroundings 


Enthalpy 


a4 


FIGURE 4.4 Melting 1 mole of ice at 0°C (an endothermic process) results in an enthalpy 
increase in the system of 6.01 kJ. 


where 


AH = H(products) — H(reactants) 
= H(liquid water) — H(ice) 
= 6.01 kJ 


Since AH is a positive value, this is an endothermic process, which is what we would 
expect for the energy-absorbing change of melting ice (Figure 4.4). 
As another example, consider the combustion of methane (CH,): 


CHa(g) + 202(g) —> CO,(g) + 2H2O(/) AH = —890.4 kJ 
where 


AH = H(products) — H(reactants) 
= [H(COp, g) + 2H(H20, 1)] — [H(CHy, g) + 2H(Oo, g)] 
= —890.4 kJ 


From experience we know that burning natural gas releases heat to its surrounc ings, so 
it is an exothermic process and AH must have a negative value (Figure 4.5 

The equations representing the melting of ice and the combustion of metiane not 
only represent the mass relationships involved but also show the enthalpy changes. 
Equations showing both the mass and enthalpy relations are called thermochemical 


equations. The following guidelines are helpful in writing and interpreting (hermo- 
chemical equations: 


® The stoichiometric coefficients always refer to the number of moles of each 
substance. Thus, the equation representing the melting of ice may be ‘‘read’’ as 
follows: When | mole of liquid water is formed from 1 mole of ice at 0°C, the 
enthalpy change is 6.01 kJ. For the combustion of methane, we interpret the 
equation this way: When 1 mole of gaseous methane reacts with 2 moles of 
gaseous oxygen to form 1 mole of gaseous carbon dioxide and 2 moles of liquid 
water, the enthalpy change is —890.4 kJ. 

@ When we reverse an equation, we are changing the roles of reactants and prod- 
ucts. Consequently, the magnitude of AH for the equation remains the same but 
its sign changes. This will seem reasonable if you consider the processes in- 
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Heat given off 
by the system 
to the surroundings 


AH = —890.4 kJ 


FIGURE 4.5 Burning 1 mole of methane in oxygen gas (an exothermic process) results in an 
halpy decrease in the system of 890.4 kJ. 


volved. For example, if a reaction consumes thermal energy from its surround- 
ings (that is, if it is endothermic), then the reverse of that reaction must release 
thermal energy back to its surroundings (that is, it must be exothermic). This 
means that the enthalpy change expression must also change its sign. Thus, 
reversing the melting of ice and the combustion of methane, the thermochemical 
equations are 


H,0() —> H,0(s) AH = —6.01 kJ 
CO,(g) + 2H,0(1) —> CH,(g) + 202(g) AH = 890.4 kJ 


and what was an endothermic process now becomes exothermic, and vice versa. 
if we multiply both sides of a thermochemical equation by a factor n, then AH — Enthalpy is an extensive 


must also change by the same factor. Thus, for the melting of ice, if n = 2, then Property; that is, its magnitude 
depends on the amount of 


2H,0(s) —> 2H,0() AH = 2(6.01 kJ) = 12.0 kJ substance. 
and if n = 4, then 
4H,0(s) —> 4$H,0(/) AH = 3(6.01 kJ) = 3.01 kJ 


When writing thermochemical equations, we must always specify the physical 
states of all reactants and products, because they help determine the actual en- 
thalpy changes. For example, in the equation for the combustion of methane, if 
we show water vapor rather than liquid water as a product, 


CH4(g) + 202(g) —> CO2(g) + 2H20(g) 


the enthalpy change is —802.4 kJ rather than —890.4 kJ because 88.0 kJ of 
energy are needed to convert 2 moles of liquid water to water vapor; that is, 


2H,0(1) —> 2H20(g) AH = 88.0 kJ 


@ The enthalpy of a substance increases with temperature, and the enthalpy change 
for a reaction also depends on the specified temperature. We will see shortly that 
enthalpy changes are usually expressed for a reference temperature of 25°C. This 
convention may seem to present a problem for reactions such as combustion. 
During the burning of methane, for example, the temperature of the reacting 
system is considerably higher than 25°C. However, temperature changes during 
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such a reaction should present no problem. We are concerned only with the 
enthalpy change when we convert | mole of methane and 2 moles of oxygen gas 
at 25°C to 1 mole of carbon dioxide and 2 moles of water at the same tempera- 
ture. If the products form at a temperature higher than 25°C, they eventually cool 
down to 25°C, and the heat evolved upon cooling simply becomes | of the 


overall enthalpy change. 


Reactions with large heat changes find many applications in homes and ii ry, as 
the following two Chemistry in Action boxes show. 


| CHEMISTRY IN ACTION 


CANDLES, BURNERS, AND TORCHES 


=< mt 
Combustion reactions are all highly exothermic. Here __ in the luminous parts of the flame of hot, solid | les 
we will discuss three types of combustions that are [Figure 4.6(a)]. These particles, which are mo le- 
commonly seen in homes, laboratories, and industry: mental carbon, can be collected by placing a 1s 
candles, burners, and torches. blade in the flame. The wax of a candle is 1 of 
We burn candles today mostly for aesthetic reasons. high-molar-mass hydrocarbons. (A hydrocar! Sa 
The candle’s incandescence comes from the presence compound that contains only carbon and h en 


(b) 


FIGURE 4.6 (a) A 
burning candle. (b) A 
Bunsen burner with a yel- 
low flame. (c) A Bunsen 
burner with a blue flame. 
(d) An  oxygen/methane 
flame. 


CHEMISTRY IN ACTION/CANDLES, BURNERS, AND TORCHES 


.) The heat of the candle’s flame melts the wax, 
is drawn up the wick. The additional heat then 
| vaporizes the wax from the wick. Some of the wax 
| apor burns to form carbon dioxide and water, and 
| 


of it is broken down to form smaller hydrocarbon 
ules, fragments of molecules, and carbon. Even- 
many of these intermediates are also converted to 
| dioxide and water in the combustion process. 
ure 4.7 shows a Bunsen? burner, which is com- 
ised in the chemical laboratory. The gas used in 
nbustion is methane or propane. For a constant 
w, the temperature of the flame depends on how 
\ir is premixed with the methane gas before com- 
When the air inlet valve at the bottom is 
the flame has a yellow color, which indicates 

» combustion process is incomplete [Figure 
(Incomplete combustion means that not all the 

\¢ gas is converted to carbon dioxide; some of it 
erted to elemental carbon as in the case of a 

: candle.) With the air inlet valve fully open, the 
ie gas is largely converted to carbon dioxide and 


CH,4(g) + 202(g) —> CO2(g) + 2H20(/) 


astment screw 


ERE 


FIGURE 4.7 Schematic diagram of a Bunsen burner. The 
amount of air premixed with methane gas can be controlled 
by turning the top part of the burner. The lower screw adjusts 
the amount of methane used in the combustion. 


+Robert Wilhelm Bunsen (1811-1899). German chemist. Bunsen 
did important work in chemical analysis, mostly by spectroscopic 
methods. He discovered cesium and rubidium and invented the gas 
burner that now bears his name. 
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FIGURE 4.8 An oxyacetylene torch used to weld metals. 


More heat is released in this process, so the tempera- 
ture of the flame is higher and the color of the flame 
changes from yellow to blue [Figure 4.6(c)]. The gas 
used in domestic cooking (methane or propane) is usu- 
ally premixed with air to make the flame blue. 

We can obtain even more complete combustion of 
methane by premixing it with pure oxygen gas instead 
of air. An oxygen/methane torch is used in scientific 
glassblowing; its flame is hot enough to melt quartz 
(the melting point of quartz is about 1600°C) [Figure 
4.6(d)]. 

Industrially, higher-temperature flames are needed 
to cut and weld metals. The oxyhydrogen torch 
premixes hydrogen and oxygen gases prior to combus- 
tion: 

2H2(g) + O2(g) —~> 2H20(/) 
Typically a flame temperature of 2500°C can be ob- 
tained from this process. The reaction between acety- 
lene (C2H>) and oxygen is even more exothermic: 
2CH2(g) + 502(g) —> 4CO2(g) + 2H20(/) 
AH = —2598.8 kJ 
An oxyacetylene torch has a flame temperature as high 


as 3000°C; it is used extensively in construction work 
(Figure 4.8). 
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Some scientists feel that, in the long run, solar energy 
may provide the best alternative to energy generated by 
a dwindling supply of fossil fuel. At present, many 
ways of harnessing solar energy are being developed. 
In one method, based on thermochemistry, light energy 
from the sun is converted into heat energy by the high- 
temperature endothermic dissociation of a gas and the 
Subsequent exothermic reaction of the gas mixture 
(Figure 4.9). The reaction is 


2SO3(g) —> 2SOx(g) + Ox(g) AH = 198 kJ 


The SO; molecules dissociate endothermically into 
SO, and O3. The reaction mixture is then transferred to 
a heat exchanger where, in the presence of a metal 
catalyst, such as platinum, the reverse exothermic reac- 
tion occurs: 


2SO2(8) + Ox(g) —> 2803(¢) AH = 198 kJ 


The heat generated can be used to produce steam, 
which can then be used to drive turbogenerators to pro- 
duce electricity. 

This method of utilizing solar energy has several 
advantages. It is designed as a closed system and, 
therefore, does not need a Constant supply of reactant 
molecules and removal of product molecules. Addi- 
tionally, since the exothermic reaction takes place only 
in the presence of the platinum catalyst, the setup is 
essentially an energy Storage system (a mixture of SO, 
and Op» gases can be kept for a long time without 


4.4 Calorimetry 
In this secti 
tion. Our di 


consider them first. 


CHEMISTRY IN ACTION 


A CHEMICAL STORAGE SYSTEM FOR SOLAR ENERGY 


ee 
| 
change). Thus when the need for energy arises, the 
Operator simply places the catalyst in | reaction 
chamber to start the reaction and obtain th: nergy re- 
leased through the heat-exchange system. «moval of 
the catalyst quickly stops the formation of )3. 
¥ 280, +0, 280, > | iat 
Hest > 280, 2SO, + °, liation 
Reaction Reaction 
chamber chamber 
a 
FIGURE 4.9 Harnessing solar energy by means of an en- 
dothermic reaction. This is a closed system, so no addition or 


removal of substances is necessary. Further, the exothermic 
reaction (that is, the formation of SO3) can be made to take 
place at any desired site by placing the catalyst at that site. 


Thus there is no need to insulate the entire apparatus against 
heat loss. 


ion we will consider experimental methods for measuring the heat of reac- 
Scussion of calorime 


depend on understanding the c 


try—that is, the measurement of heat changes—will 
Oncepts of specific heat and heat capacity, so let us 


4.4 CALORIMETRY 
Specific Heat and Heat Capacity 


The specific heat (p) of a substance is the amount of heat required to raise the temper- 
ature of one gram of the substance by one degree Celsius. The heat capacity (C) of a 
substance is the amount of heat required to raise the temperature of a given quantity of 
the substance by one degree Celsius. The relationship between the heat capacity and 
specific heat of a substance is 


C=mp (4.2) 


mis the mass of the substance in grams. For example, the specific heat of water 
|. 184 J/g-+°C, and the heat capacity of 60.0 g of water is 


(60.0 g)(4.184 J/g -°C) = 251 JC 


vat specific heat has the units J/g - °C and heat capacity has the units J/°C. Table 
yws the specific heats of some common substances. 

na knowledge of the specific heat or the heat capacity, the heat, q, that is 
ed or released in a given process can be calculated from the equations 


q = mp At (4.3) 
q=Cat (4.4) 


where m is the mass of the system and At is the temperature change: 


At = trina — finitial 


The sign convention for q is the same as that for enthalpy change; q is positive for 
endothermic processes and negative for exothermic processes. 
\» application of Equation (4.3) is shown below in Example 4.1. 


i 


HXAMPLE 4.1 
A 466-g sample of water is heated from 8.50°C to 74.60°C. Calculate the amount of heat 
absorbed by the water. 


Answer 


Using Equation (4.3), we write 
q=mp At 
= (466 g)(4.184 J/g °C)(74.60°C — 8.50°C) 
1.29 x 10° J 
129 kJ 


Similar problems: 4.21, 4.22. 
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p is the Greek letter rho. 


The dot between g and °C 
reminds us that both g and °C 
are in the denominator. 


TABLE 4.1 The Specific 
Heats of Some Common 


Substances 
SSS SSS SSS SSS 
Specific 
Heat 
Substance (J/g *°C) 
SSS ee ee 
Al 0.900 
Au 0.129 
C(graphite) 0.720 
C(diamond) 0.502 
Cu 0.385 
Fe 0.444 
Hg 0.139 
H,0 4.184 


C,HsOH (ethanol) 2.46 
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Constant volume refers to the 
volume of the container, which 
does not change during the 
reaction. Note that the 
container remains intact after 
the measurement. The term 
bomb calorimeter connotes the 
explosive nature of the 
reaction (on a small scale) in 
the presence of excess oxygen 
gas. 


FIGURE 4.10 A constant- 
volume bomb calorimeter. The 
calorimeter is filled with oxygen 
gas before it is placed in the 
bucket. The sample is ignited 
electrically, and the heat pro- 
duced by the reaction can be 
accurately determined by meas- 
uring the temperature increase in 
the known amount of surround- 
ing water. 
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Constant-Volume Calorimetry 


Heats of combustion are usually measured by placing a known mass of the compound 


under study in a steel container, called a constant-volume bomb calorimeiv 


filled with oxygen at about 30 atm of pressure. The closed bomb is in 


known amount of water, as shown in Figure 4.10. The sample is ignited 


and the heat produced by the combustion can be calculated accurately by 

rise in temperature of the water. The heat given off by the sample is abs 
water and the calorimeter. The special design of the bomb calorimete: 

safely assume that no heat (or mass) is lost to the surroundings during the 
to make measurements. Therefore we can call the bomb calorimeter anc 
which it is submerged an isolated system. Because there is no heat enteri 
the system throughout the process, we can write 


system = water a8 bomb at Iexn 
=0 


where Qyaters bomb» ANd G,xn are the heat changes for the water, the bo 
reaction, respectively. Thus 


Yexn = —(Qwater + Gbomb) 
The quantity qyaer is obtained by 
q=mp At 
water = (Myater)(4.184 J/g + °C) At 


The product of the mass of the bomb and its specific heat is the heat ca; 
bomb, which remains constant for all experiments carried out in the bomb 


Coomb = Momb * Poomb 
Hence 


Qoomb = Crom At 


Thermometer 


Ignition wire 
a 


Calorimeter bucket 


Insulated jacket 


r, which is 
versed in a 
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(4.5) 
and the 


(4.6) 


y of the 
»rimeter: 
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Note that because reactions in a bomb calorimeter occur under constant-volume 
rather than constant-pressure conditions, the heat changes do not correspond to the 
enthalpy change AH (see Section 4.3). It is possible to correct the measured heat 
changes so that they correspond to AH values, but the corrections usually are quite 
so we will not concern ourselves with the details of the correction procedure. 

. calculation based on data obtained from a constant-volume bomb calorimeter 
experiment is shown in the following example. 


sme 


ETN 


JMPLE 4.2 


| iantity of 1.435 g of naphthalene (CjoHg) was burned in a constant-volume bomb 
| imeter. Consequently, the temperature of the water rose from 20.17°C to 25.84°C. If 
| jvantity of water surrounding the calorimeter was exactly 2000 g and the heat capacity 
| © bomb calorimeter was 1.80 kJ/°C, calculate the heat of combustion of naphthalene 
| molar basis; that is, find the molar heat of combustion. 


wer 


{ we calculate the heat changes for the water and the bomb calorimeter. 


q = mp At 
water = (2000 g)(4.184 J/g - °C)(25.84°C — 20.17°C) 
= 4.74 x 10*J 
bomb = (1.80 X 1000 J/°C)(25.84°C — 20.17°C) 
= 1.02 X10' 4 


e that we changed 1.80 kJ/°C to 1.80 x 1000 J/°C.) Next, from Equation (4.6) we 


Gen = —(4.74 X 10* J + 1.02 x 10* J) 
= -5.76 x 10*J 

© molar mass of naphthalene is 128.2 g, so the heat of combustion of 1 mole of 
phthalene is 
—5.76 x 10* J : 128.2 g CioHs 
1.435 g CioHg 1 mol CyjoHg 
—5.15 x 10° J/mol 
—5.15 x 10° kJ/mol 


molar heat of combustion = 


Similar problems: 4.26, 4.27. 


Finally, we note that the heat capacity of a bomb calorimeter is usually determined 
by burning in it a compound with an accurately known heat of combustion value. From 
the mass of the compound and the temperature rise, we can calculate the heat capacity 
of the calorimeter (see Problem 4.27). ; ; 

The bomb calorimeter is ideally suited for measuring the energy content in foods 


(see Chemistry in Action on p. 150). 
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| Thermometer 


|—_— Stirrer 


“a Styrofoam 
: aioe 


Reacting 
mixture 


FIGURE =4.11. A constant- 
pressure calorimeter made of 
two Styrofoam coffee cups. The 
outer cup helps to insulate the 
reacting mixture from the sur- 
roundings. Two solutions of 
known volume containing the 
reactants at the same tempera- 
ture are carefully mixed in the 
calorimeter. The heat produced 
or absorbed by the reaction can 
be determined by measuring the 
temperature change. 


Because the density of the 
solution is 1.00 g/mL, the mass 
of a 100-mL solution is 100 g. 
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Constant-Pressure Calorimetry 


A simpler device for determining heats of reactions for other than combustion reactions 
is a constant-pressure calorimeter. In its most basic form, it can be constructed from 
two Styrofoam coffee cups, as shown in Figure 4.11. Such a calorimeter can be used to 
measure the heat effect for a variety of reactions, such as acid—base neutralization 
reactions, as well as heats of solution and heats of dilution. Because the measurements 
are carried out under constant atmospheric pressure conditions, the heat change for the 


Process (q,xn) is equal to the enthalpy change (AH). The measurements are similar to 
those of a constant-volume calorimeter—we need to know the heat capacity of the 
calorimeter, as well as the temperature change of the solution. Table 4.2 lists some 


reactions that have been studied with the constant-pressure calorimeter. 
The following example deals with heat of neutralization. 


LS a) 


EXAMPLE 4.3 
A quantity of 1.00 x 10? mL of 0.500 M HCI is mixed with 1.00 x 10° mL of 
0.500 M NaOH in a constant-pressure calorimeter having a heat capacity of 335 J/°C. 


The initial temperature of the HC] and NaOH solutions is the same, 22.50°C, and the final 
temperature of the mixed solution is 24.90°C. Calculate the heat change for the neutraliza- 
tion reaction 

NaOH(aq) + HCl(aq) —> NaCl(aq) + H3O(/) 


Assume that the densities and specific heats of the solutions are the same as for water 
(1.00 g/mL and 4.184 J/g -°C, respectively). 


Answer 


Assuming that no heat is lost to the surroundings, we write 


Ysystem = Ysoin + calorimeter + xn 


=0 : 
or 
xn = —(Gsom + calorimeter) 
where 
Ysom = (1.00 X 10? ¢ + 1.00 x 102 £)(4.184 J/g - °C)(24.90°C — 22.50°C) 
= 2.01 x 10°) 
Calorimeter = (335 J/°C)(24.90°C — 22.50°C) 

= 804 J 

Hence 


Inn = (2.01 X 10° J + 804 J) 
~2.81 x 103 J 
—2.81 kJ 


i] 


From the molarities given, we know there is 9.0500 mole of HCI in 1.00 x 10? g of the 
HCI solution and 0.0500 mole of NaOH in 1.00 X 10? g of the NaOH solution, Therefore 


4.5 HESS’S LAW 


the heat of neutralization when 1.00 mole of HCI reacts with 1.00 mole of NaOH is 


heat of neutralization = ee 56.2 kJ/mol 
0.0500 mol 


Note that because the reaction takes place at constant pressure, the heat given off is equal 
to the enthalpy change. 


Sinailar problem: 4.28, 


TAR 4.2 Heats of Some Typical Reactions Measured at Constant 
Pressure 
of Reaction Example AH (kJ) 
)f neutralization HCl(aq) + NaOH(aq) ——> NaCl(aq) + H20(/) =56:2 


de ionization H,O(/) —> H*(aq) + OH (aq) 56.2 
Heat of fusion H,0(s) —> H,0(/) 6.01 
Heat of vaporization H,0(/) —> H20(g) 44.0* 
Heat of reaction MgCl,(s) + 2Na(/) ——> 2NaCl(s) + Mg(s) —180.2 


wane es 
*Measured at 25°C. At 100°C, the value is 40.79 kJ. 


ome, a 


4 jess’s Law 


ists sometimes encounter experimental difficulties when they try to determine the 
ilpies of reactions in the laboratory. In many cases either the reactions occur too 

to be studied or undesired side reactions produce substances other than the 
sound of interest. Application of Hess’s lawt permits indirect determination of the 
enthalpy change in such cases. Hess’s law can be stated as follows: When 
reaciants are converted to products, the change in enthalpy is the same whether the 
reaction takes place in one step or in a series of steps. 

Consider graphite and diamond, the two allotropes of carbon. Under atmospheric 
conditions graphite is the more stable form, but diamond owners do not worry about 
their precious stones becoming no more valuable than pencils because it takes millions 
of years for the following process to be completed: 


Ch 


C(diamond) —> C(graphite) 


+Germain Henri Hess (1802-1850). Swiss chemist. Hess was born in Switzerland, but spent most of his life 
in Russia. For formulating Hess’s law, he is called the founder of thermochemistry. 
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Recall that different forms of 
the same element are called 
allotropes. 
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CHEMISTRY IN ACTION 
FUEL VALUES OF FOODS AND OTHER SUBSTANCES 


The food we eat is broken down in a series of steps by a 
group of complex biological molecules called en- 
zymes. Most of the energy released at each Step is cap- 
tured for function and growth. This process is called 
metabolism. One interesting aspect of metabolism is 
that the overall change in energy is the same as it is in 
combustion. For example, the total enthalpy change for 
the conversion of glucose (CsH;20¢) to carbon dioxide 
and water is the same whether we burn the substance in 
air or digest it in our bodies: 


Co6H120¢(s) + 602(g) —> 6CO(g) + 6H2O(/) 
AH = —2801 kJ 


The important difference between metabolism and 
combustion, however, is that the latter is usually a one- 
step, high-temperature process. Consequently, much of 
the energy released is lost to the surroundings. 


FIGURE 4.12 ‘any 
labels on food »ack- 


Various foods have different compositions and ages show the © orie 
hence different energy contents. We often speak of the content of the ‘ood. 
calorie content of the foods we eat (Figure 4.12). The 
calorie (cal) is a non-SI unit of energy where TABLE 4.3 Fuel Values of Foods and Some Commor: | sels 

, cal E ts 1s J Substance PAH Ccabuistion (kJ/g) 
In the context of nutrition, however, the calorie we ete 
speak of (sometimes called a “big calorie’’) is actually oF ie me 
equal to a kilocalorie; that is, it 8 
eer —1.5 
1 Cal = 1000 cal = 4184 J Bread Si 
c Butter —34 
Note that we have used capital C to indicate the “‘big Cheese ~18 
calorie’’ unit used in food. The bomb calorimeter de- Eggs &6 
scribed in Section 4.4 is ideally suited for measuring Milk -3 
the energy content or ‘‘fuel value’? of foods. Fuel val- Potatoes 3 
ues are just the enthalpies of combustion, listed in 
Table 4.3. The foods analyzed this way must be dried, Charcoal —35 
because most of them contain considerable amounts of Coal —30 
water. Since the composition of particular foods is Gasoline —34 
often not known, fuel values are expressed in terms of pecan ~37 
kJ/g rather than kJ/mol. ny ee BE ~50 
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It certainly would not be practical to try to measure the enthalpy of this reaction 
because of the time it would take. Hess’s law provides a way around this difficulty. We 
know that the enthalpy changes for the following two reactions can be measured: 


(a) C(diamond) + O(g) —> CO,(g) AH = —395.4 kJ 
(b) C(graphite) + O.(g) —> CO,(g) AH = —393.5 kJ 
Reversing Equation (b), we get 
(c) CO.(g) —> C(graphite) + O2(g) AH = +393.5 kJ 
Ne ve add Equations (a) and (c) to get the desired equation: 
C(diamond) + O.(g) —~+ CO2(g) AH = —395.4 kJ 
+ CO,(g) —> C(graphite) + Ox(g) | AH = +393.5 kJ 
(d) C(diamond) ——> C(graphite) AH= -1.9kJ 
Thi e conversion of diamond to graphite is an exothermic process. Notice that in 
ad the two thermochemical equations, we treated the formulas like algebraic ex- 
pres. ons. Since | mole of O2 and 1 mole of CO) appear on both the left and right sides 
of ‘he final equation [Equation (d)], they can be canceled out. 
nother example, let us suppose that we want to determine the enthalpy change 
for formation of carbon monoxide (CO) from its elements carbon and oxygen: 


(a) C(graphite) + 30.(g) —> CO(g) AH=? 


However, it would be impossible to burn carbon in oxygen gas without forming some 
co addition to the desired product, CO. If the reaction is not ‘‘clean,”’ that is, if 
sic ictions yield one or more other products, the experimentally determined en- 
tha vhange cannot be attributed solely to the formation of CO. 

~sin, Hess’s law comes to our rescue. We know that the following two reactions 
car oe cleanly and easily carried out to completion in the laboratory: 


(b CO(g) + 402(g) —> CO.(g) AH = —283.0 kJ 


iS C(graphite) + O2(g) —> CO2(g) AH = —393.5 kJ 
Reversing Equation (b) we write 
(d) CO»(g) —> CO(g) + 402(g) AH = +283.0 kJ 
We ©on now add Equations (c) and (d) to obtain the desired equation for the formation 
ol 
C(graphite) + O2(g) —> CO2(g) AH = —393.5 kJ 

es CO(g) —> CO(g) + 202(g) AH = +283.0 kJ 

2) C(graphite) + 402(g) —~ CO(g) AH = —110.5 kJ Equation (e) is the same as 


Equation (a). 
Thus when 1 mole of CO is synthesized from its elements, 110.5 kJ of heat is given 
off to the surroundings. 
Again, in adding the two thermochemical equations to get Equation (e), we treated 
the formulas like algebraic expressions. Since 1 mole of CO, would appear on both the 
left and right sides of the final equation, it can be removed (canceled out) from this 
expression. Likewise, the + mole of O2 on the right side of the second equation cancels 
out the $ mole of O, on the left side of the first equation, leading to the final thermo- 
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FIGURE 4.13 How enthalpy 
changes in the formation of car- 
bon dioxide from graphite and 
molecular oxygen. The overall 
enthalpy change [Equation (c), 
see text] is equal to the sum of 
the individual steps [Equations 
(a) + (b)], in accordance with 
Hess’s law. 
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chemical expression, that is, Equation (e). Since the two equations add up to the 
desired equation, it follows that the two enthalpy changes can be added to give the 
desired enthalpy change. 

Looking back, we see that Equation (c) represents the complete combustion of 
graphite to CO2. Equations (a) and (b) can be regarded as two separate steps leading to 
the overall combustion process. Figure 4.13 shows the relationship between the two 
individual steps and the overall formation of CO. 

We apply Hess’s law in the following example. 


"ae 
EXAMPLE 4.4 

From the following equations and the enthalpy changes, 

(a) C(graphite) + O.(g) —> CO,(g) AH = —393.5 kJ 

(b) H2(g) + 302(g) —> H,0(I) AH = —285.8 kJ 

(c) 2C2Ha(g) + 502(g) —> 4CO,(g) + 2H,O(2) AH = —2598.8 kJ 
calculate the enthalpy change for the formation of acetylene (C,H>) from its elements: 


2C(graphite) + H3(g) —> CH2(g) 


Answer 

Since we want to obtain one equation containing only C, H>, and C)H>, we need to 
eliminate 07, CQ>, and HO from the first three equations. We note that (c) contains 5 
moles of O>, 4 moles of CO}, and 2 moles of H,0. First we reverse (c) to get CH, on the 


product side: 
(d) 4CO2(g) + 2H,O(/) —> 2C>Ho(g) + 502(g) AH = +2598.8 kJ 
Next, we multiply (a) by 4 and (b) by 2 and carry out the addition of 4(a) + 2(b) + (d): 


4C(graphite) + 40,() —+ 4C0,(g) AH = ~1574.0 k) 
+ 2H2(g) + Ox(g) —> 2H,0(I) AH= —571.6 kJ 
+ 4CO.(g) + 2H,0() —+ 2C)Hj(g) + 50g) AH = +2598.8 ki 
4C(graphite) + 2H>(g) —, 2C>H2(g) AH= +453.2 kJ 
or 
2C(graphite) + H>(g) —> C,H,(g) AH = +226.6 kJ 


This example should convince you of the usefulness of Hess’s law. It is normally not 
Possible to form acetylene by heating graphite in hydrogen gas : 


Similar problems: 4.31, 4.32, 4.34, 


ee 


In the following Chemistry 
fascinating biological process. 


in Action we see the application of Hess’s law to a 


CHEMISTRY IN ACTION/HOW A BOMBARDIER BEETLE DEFENDS ITSELF 152 


foe 


CHEMISTRY IN ACTION 


HOW A BOMBARDIER BEETLE DEFENDS ITSELF 


Survival techniques of insects and small animals in a 
fiercely competitive environment take many forms. For 

mple, chameleons have developed the ability to 
e color to match their surroundings; other crea- 
tures, like the butterfly Limenitis, have evolved into a 
form that mimics the poisonous and unpleasant-tasting 
march butterfly Danaus. A less passive defense 
echanism is employed by the bombardier beetles 
‘rachinus). They fight off predators with a ‘‘chemical 


lhe bombardier beetle has a pair of glands that open 
at the tip of its abdomen. Each gland consists basically 
wo compartments. The inner compartment contains 
eous solution of hydroquinone and hydrogen 
yxide, and the outer compartment contains a mix- 
of enzymes. (Enzymes are biological molecules 
an speed up a reaction.) When threatened, the 
squeezes some fluid from the inner compartment 
1e outer compartment, where, in the presence of 
he enzymes, an exothermic reaction takes place: 


C5H4(OH)2(aq) + H.02(aq) —> CeH4O2(aq) + 2H20(/) 


hydroquinone quinone 


To estimate the heat of reaction, let us consider the 
following steps: 


(b) C6H4(OH)x(aq) —> CeH402(aq) + Ho(g) 


AH = 177kJ 
(c) H,0(aq) ——> H2O(l) + 402(g) 

AH = —94.6 kJ 
(d) H2(g) + 302(g) —> H,0(/) 

AH = —286 kJ 


Recalling Hess’s law, we find that the heat of reaction 


eee eT rs 


for (a) is simply the sum of those for (b), (c), and (d). 
Therefore, we write 


AH, = AH, + AH, + AHg 
= (177 — 94.6 — 286) kJ 
= —204 kJ 


The large amount of heat generated is sufficient to heat 
the mixture to its boiling point. By rotating the tip of its 
abdomen, the beetle can quickly discharge the vapor in 
the form of a fine mist toward an unsuspecting predator 
(Figure 4.14). In addition to the thermal effect, the qui- 
nones also act as a repellant to other insects and ani- 
mals. An average bombardier beetle carries enough 
reagents in its body to produce about 20 to 30 dis- 
charges in quick succession, each with an audible deto- 
nation. 


FIGURE 4.14 A bombardier beetle discharging a chemical 
spray. 
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4.6 Standard Enthalpies of Formation and Reaction 


So far we have seen that the enthalpy change of a reaction can be obtained from the 
heat absorbed or released in the reaction (at constant pressure). From Egution (4.1) 
we see that AH can also be calculated if we know the actual enthalpies of a’! reactants 
and products. Unfortunately there is no way to determine the absolute v!\e of the 


enthalpy of any substance. Only values relative to an arbitrary reference cay. se given, 
This is similar to the problem geographers faced in expressing the elevation: specific 
mountains or valleys. Rather than trying to devise some type of ‘‘absolut: levation 
scale (perhaps based on distance from the center of Earth?), by common ay. > ment all 
geographic heights and depths are expressed relative to sea level, an arbitra) ference 
with a defined elevation of ‘‘zero’’ meters or feet. Similarly, chemists hay reed on 
an arbitrary reference point to which all enthalpies are compared. 

The ‘‘sea level’’ reference point for all enthalpy expressions is based \ mplica- 
tions of the term enthalpy of formation (also called the heat of formation). T' nthalpy 
of formation of a compound is the heat change (in kJ) when one mole of the mpound 
is synthesized from its elements under constant-pressure conditions. This quentity can 
vary with experimental conditions (for example, the temperature and pressure at which 


the process is carried out). Therefore, we define the standard enthalpy of for ation of 
a compound (AH?) to be the heat change that results when one mole of the «-mpound 


is formed from its elements in their standard states. Standard state refers to condi- 
tion of I atm. The superscript ° denotes that the measurement was carried ot under 
standard state conditions (1 atm), and the subscript y denotes formation, Alt ugh the 


standard state does not specify what the temperature should be, we will alway» use AH? 
values measured at 25°C. 


By convention, the standard enthalpy of formation of any element in its m + stable 
form is zero. Take oxygen as an example. Of the three elemental forms (ato ic Oxy- 
gen, O; molecular oxygen, O.; and ozone, O3), O» is the most stable form at m and 
25°C. Thus we can write AH#(O>) = 0, but AH;(O) # 0 and AH?(O3) # 0. S -nilarly, 
graphite is a more stable allotropic form of carbon than diamond at 1 atm and .3°C , SO 


AAC, graphite) = 0 and AH;(C, diamond) ¥ 0, 
Consider the exothermic reaction 


C(graphite) + O3(g) —, CO.(g) AHS, = —393.5 kJ 


This equation represents the synthesis of carbon dioxide from its elements. The stan- 


dard enthalpy of reaction, AH?..,,, is the enthalpy change when the reaction i: arried 
out under standard state condition 


are converted to products in their Standard states. The quantity AH?,,, can be expressed 
as the standard enthalpy of formation of the product minus the sum of the standard 


AHixn = AH(CO;, g) — [AH?(C, graphite) + AH#(O>, g)] (4.7) 


that is, the standard enthal 
CO3. Note that AA ren is given in kilojoules (kJ) and 
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mole (kJ/mol). Thus, if AH? = —393.5 kJ for the combustion of graphite to form 
COz, then 393.5 kJ of thermal energy is given off for every mole of CO, formed from 
its elements. Therefore, AH?(CO>, g) = —393.5 kJ/mol. In Equation (4.7), all AH? 
terms are multiplied by the stoichiometric coefficient of 1 mole so that the units (kJ) are 
the same on both sides of the equation. 

This example shows how we can determine the standard enthalpy of formation of 
compounds in general. Note that our arbitrarily assigning zero AH? for each element in 


its most stable form at the standard state does not affect our calculations in any way. In 
ther ochemistry we are interested only in the changes of enthalpies because they can 
be -‘srmined experimentally but their absolute values cannot. The choice of a zero 


‘reerence level’? for enthalpy makes calculations easier to handle. 
» 4.4 lists standard enthalpies of formation of a number of elements and com- 


por (A more complete list of AH? values is given in Appendix 1.) Note that in 
Tab! }, as you may have expected, the AH? value for one form of each element is 
ze ‘s a good rule of thumb, compounds with positive standard enthalpies of forma- 
tior usually less stable than those with negative standard enthalpies of formation. 
TAD. 4.4 Standard Enthalpies of Formation of Some Inorganic Sub- 


stances at 25°C 


AH; AH; 
Ry (kJ/mol) Substance (kJ/mol) 


ubstance 
0 H,0,(/) — 187.6 
—127.04 Hg(/) 0 
0 1L(s) 0 
— 1669.8 HI(g) 25.94 
2 0 Mg(s) 0 
IBr(g) —36.2 MgO(s) —601.8 
‘(graphite)(s) 0 MgCO;(s) —1112.9 
‘(diamond)(s) 1.90 N2(g) 0 
CO(g) —110°5 NH3(g) —46.3 
CO3(g) =393.5 NO(g) 90.4 
Ca(s) 0 NO,(g) 33.85 
CaO(s) —635.6 N204(g) 9.66 
CaCO,(calcite)(s) —1206.9 N2O0(g) 81.56 
Clh(g) 0 O(g) 249.4 
HC\(g) —92.3 O2(g) 0 
Cu(s) 0 O3(g) 142.2 
CuO(s) iby. 74 S(rhombic)(s) 0 Rhombic and monoclinic are 
F3(g) 0 S(monoclinic)(s) 0.30 wd sg allotropic forms 
HE(g) —268.61 $O2(g) ~296.1 . 
H(g) 218.2 SO3(g) —395.2 
H(g) 0 H2S(g) —20.15 
H,0(g) —241.8 ZnO(s) —347.98 
H,0(/) —285.8 


ES gS 
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Equation (4.1) is a simplified 
form of Equation (4.9). 
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With a set of the AH? values in hand, we can calculate the standard enthalpy 
changes of a large number of reactions. For a hypothetical reaction of the type 


aA + bB —> cC + dD 


we can express the standard enthalpy of reaction as 


AHixn = [¢ AHj(C) + d AHf(D)] — [a AH#(A) + b AH?(B)] (4.8) 
where a, b, c, and d, the stoichiometric coefficients, all have the unit mo!. We can 
generalize Equation (4.8) as 

AH rx = =n AH}(products) — Sm AH;(reactants) (4.9) 
where n and m are the stoichiometric coefficients and ¥ (sigma) means “‘the sum of.” 


In all calculations based on AH®, we assume that the temperature is 2 


The following example calculates the enthalpy change of a reaction usine standard 
enthalpy of formation values, 


EXAMPLE 4.5 


Calculate the standard enthalpy change for the decomposition of magnesiure oxide 
(MgO): 


2MgO(s) —> 2Mg(s) + 02(g) 
Answer 


Substituting in Equation (4.9), we write 


AMfrxn = [2 AHA(Mg) + AH%(0,)} — [2 AH;(Mg0)] 


To pia deuce notation, the physical states of the reactants and products in the 
equation have been omitted. In Table 4.4 we see that AH7(Mg) = 0, AH3(O,) = ‘j. and 
AH}(MgO) = —601.8 kJ/mol. Therefore a 


AHfxn = [(2 mol) + (1 mol)(0)] — [(2 mol)(—601.8 kJ/mol)] 
= 1204 ky 


The decomposition is an endothe: 


reverse of this process is the Teaction of Mg with Oxygen gas, an exothermic reaction that 


value correspond iG 2 
moles of MgO. Thus for 1 mole of MgO, we get Me gy an pe emcrinon of 


4.7 HEAT OF SOLUTION AND DILUTION 


EXAMPLE 4.6 


Methanol (CH3OH) is an organic solvent and is also used as a fuel in some automobile 
engines. From the following data, calculate the standard enthalpy of formation of metha- 
nol: 


2CH30H(/) + 302(g) —> 2COs(g) + 4H,0(2) — AH®,, = — 1452.8 kJ 
Answer 


From Equation (4.9), we write 
AHixn = [2AH#(CO2) + 4 AH?(H20)] — [2 AH;(CH3OH) + 3 AH7(O>)] 
= —1452.8 kJ 


In Table 4.4 we see that AH7(CO2) = —393.5 kJ/mol, AH;(H20) = —285.8 kJ/mol, and 
AH(Oo) = 0.. Therefore, 


(2 mol) AH7(CH30H) = —1452.8 kJ — [(2 mol)(—393.5 kJ/mol) 
+ (4 mol)(—285.8 kJ/mol)] 


= 477.4 kJ 


477.4 kJ 
AH}(CH30H) = -———— = —238.7 kJ/mol 
2 mol 


The procedure shown in this example is commonly used to obtain the standard enthalpies 
of formation of compounds. 


Similar problem: 4.45. 


What if we are interested in the AH?,, value for the metabolism of glucose at | atm 
and 37°C, which is normal human body temperature? Since standard enthalpy of for- 
mation values increase with temperature, the AH?,, value at 37°C will very likely be 
different from that at 25°C. Equations that allow us to calculate AH?,, at 37°C (or any 
other temperature) are available. However, as temperature increases, the enthalpies of 
formation of both products and reactants also increase. These effects tend to cancel to 
a certain extent [see Equation (4.9)], so AH;x, itself may remain fairly constant over a 
moderate temperature range (about 50°C). Thus, except for very accurate work, we can 
often use the AH? values at 25°C for reactions carried out at other temperatures. 


4.7 Neat of Solution and Dilution 


So far we have focused mainly on thermal energy effects resulting from chemical 
reactions. Many physical processes (for example, the melting of ice or the condensa- 
tion of a vapor) also involve the absorption or release of heat. Enthalpy changes are 
also involved when a solute dissolves in a solvent or when a solution is diluted. Let us 
look more closely at these two related physical processes, involving heat of solution 
and heat of dilution. 
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Lattice energy is a positive 
quantity. 


FIGURE 4.15 Jon—solvent in- 
teractions of Na* and Cl” ions 
in water. Each ion is surrounded 
by a number of water molecules 
in a specific way and is said to be 
hydrated. 
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Heat of Solution 


In the vast majority of cases, dissolving a solute in a solvent produces measi: 


effects. At constant pressure, the quantity of heat change is equal to () 
change. The heat of solution (also called enthalpy of solution), AH oi, 
generated or absorbed when a certain amount of solute dissolves in a ceri 
of solvent. The quantity AH,.in represents the difference between the ent!) 
final solution and the enthalpies of its original components (that is, solute : 
before they are mixed. Thus 


AH goin = H, soln — H, components 


Neither H,,), nor A components Can be measured, but their difference, AH 
readily determined. Like other enthalpy changes, AH,oi, is positive for « 
(heat-absorbing) processes and negative for exothermic (heat-generating 
Consider the heat of solution involving ionic compounds as solute ai 
solvent. For example, what happens when solid NaCl dissolves in water? \ 
is a solid, the Na* and Cl” ions are held together by strong positive—negati 
Static) forces, but when a small crystal of NaCl dissolves in water, the t! 
sional network of ions breaks into its individual units. (The structure of so 
shown in Figure 2.10.) The separated Na* and Cl” ions are stabilized in 
their interaction with water molecules (Figure 4.15). These ions are said « 
ted. Hydration describes the process in which an ion or molecule is sur 


water molecules arranged in a specific manner. Here water plays a role sim 


of a good electrical insulator. Water molecules shield the ions (Na* and 
each other and effectively reduce the electrostatic attraction that held them 
the solid state. The heat of solution is defined by the process 


NaCi(s) 2° Na*(ag) + CI-(aq) AH goin = ? 


Dissolving an ionic compound such as NaCl in water involves complex in 


among the solute and solvent species. At first glance it might seem such an i 
involved process that no clear account could be given in terms of the energy 


However, for the sake of energy analysis we can imagine that the solution 
takes place in only two Separate steps. First, the Na* and CI™ ions in the sol. 


are separated from each other in a gas phase (Figure 4.16): 
energy + NaCl(s) —> Na*(g) + Cl (g) 
The energy required for this process is called lattice energy (U), 


rable heat 
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Na* and CI” ions in the gaseous state 


Heat of solution 


€ @ Dion = 4 kJ/mol 


Na Cl” ions 
in solid state 


Hydrated Na* and CI” ions 


FIGURE 4.16 The solution process of NaCl. The process may be imagined to occur in two separate steps, (1) separation of ions 
from the crystal state to the gaseous state; and (2) hydration of the gaseous ions. The heat of solution is equal to the energy changes 


for these two steps, MH som = U + SA jyar- 


completely separate one mole of a solid ionic compound into gaseous ions. The lattice 
energy of NaCl is 774 kJ/mol. In other words, we would need to supply 774 kJ of 
energy to break 1 mole of solid NaCl into | mole of Na* ions and | mole of Cl” ions. 

Next, the ‘‘gaseous”’ Na* and Cl~ ions enter the water and become hydrated: 


Na*(g) 1225 Na*(aq) + energy 


ci-(g) 222 Cl(aq) + energy 
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TABLE 4.5 Heats of So- 
lution of Some Ionic Com- 
pounds 


Compound AH son (kJ/mol) 


LiCl =37.1 ‘ 
CaCl, ~32.8 } exothermic 
NaCl 4.0 
a 1 = endothermic 
NH4NO; 26.2 
ee 


Generations of chemistry 
students have been urged to 
remember this procedure by 
the venerable saying, “Do as 
you oughter, add acid to 
water.” 
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The sum of these two equations is 


H,0 


Na*(g) + Cl (g) => Na*(aq) + Cl-(aq) + energy 


The enthalpy change associated with the hydration process is called the heat of hydra- 


tion (AH pyar). (Heat of hydration is a negative quantity for cations and anions. ) Apply- 
ing Hess’s law, it is possible to consider AHsoin as the sum of two related G\antities, 
lattice energy (U) and heat of hydration (AA pyar): 
NaCl(s) ——> Na*(g) + Cl-(g) U=714k) 
+ Na*(g) + Cl(g) Y°, Nat(ag) + CI-(ag) — AHlyyar = —770 ki 
NaCi(s) 2°, Nat(aq) + CI-(aq) — AHyyin = 4 KI 
or, Summing up the enthalpy changes, 
AA coin SUG AA yar 
= 774 kJ/mol — 770 kJ/mol 
= 4 kJ/mol 
We see that the solution process for NaCl is slightly endothermic. When | mole of 
NaCl dissolves in water, 4 kJ of heat will be absorbed from the immediate surround- 


ings. We would observe this effect by noting that the beaker containing the solution 
becomes slightly colder. Table 4.5 lists the AA goin Of several ionic compounds. De- 
pending on the nature of the cation and anion involved, AH,,j, for an ionic c: mpound 
may be either negative (exothermic) or positive (endothermic). 

Heat of solution has some interesting applications in medicine, discussed 
Chemistry in Action on p. 161. 


in the 


Heat of Dilution 


When a previously prepared solution is diluted, that is, when more solvent is added to 
lower the overall concentration of the solute, additional heat is usually given off or 
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s often use instant cold packs and hot packs as 
devices to treat injuries. These devices operate 
lizing the heat of solution concept discussed in 
section. The typical pack consists of a plastic bag 
ining a pouch of water and a dry chemical (Figure 
). Striking the pack causes the pouch to break and 
ihe temperature of the pack will either be raised or low- 

i, depending on whether the heat of solution of the 

hemical is exothermic or endothermic. 

Generally, calcium chloride or magnesium sulfate is 
usec in hot packs, and ammonium nitrate in cold packs. 
T eactions are 


P1COURE 4.17 Commercially 
available cold pack and hot 


CHEMISTRY IN ACTION 


INSTANT COLD AND HOT PACKS 


pears S| 


CaCl,(s) $22, Ca?* (aq) + 2CI- (aq) 
AH goin = —82.8 kJ 
HO ‘6 us 
NH4NO3(s) —>» NHi (aq) + NO3 (aq) 
AH goin = 26.2 kJ 


Experiments show that the addition of 40 g of CaCl, 
(0.36 mole) to 100 mL of water raises the temperature 
from 20°C to 90°C. Similarly, when 30 g of NH4NO; 
(0.38 mole) is dissolved in 100 mL of water at 20°C, 
the temperature will be lowered to 0°C. A typical hot or 
cold pack works for about 20 minutes. 


pi The cold pack contains 
ammonium nitrate and water, 
ana the hot pack contains cal- 
cium chloride and water. 
ewes 
SUMMARY 


1. Energy is the capacity to do work. There are many forms of energy that are inter- 
convertible. The law of conservation of energy states that although energy can be 
converted from one form to another, it cannot be created or destroyed. 

2. Any process that gives off heat to the surroundings is called an exothermic process; 
any process that absorbs heat from the surroundings is an endothermic process. 
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KEY WORDS 


Calorimetry, p. 144 
Chemical energy, p. 137 
Closed system, p. 136 
Endothermic process, p. 138 
Enthalpy, p. 139 

Enthalpy of reaction, p. 139 
Enthalpy of solution, p. 158 
Exothermic process, p. 138 
Heat, p. 137 

Heat capacity, p. 145 

Heat content, p. 139 


EXERCISES 
DEFINITIONS 
REVIEW QUESTIONS 


4.1 Define the following terms: system, surroundings, open 
system, closed system, isolated s 
chemical energy, potential energ 


conservation of energy. 


ystem, thermal energy, 
y, kinetic energy, law of 
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- The change in enthalpy (AH, usually given in kilojoules) is a measure of ‘he heat of 


reaction (or any other process) at constant pressure. 


- Constant-volume and constant-pressure calorimeters are used to m: -sure heat 


changes of physical and chemical processes. 


. Hess’s law states that the overall enthalpy change in a reaction is equal te sum of 
enthalpy changes for the individual steps that make up the overall re: on, 

. The standard enthalpy of reaction can be calculated from the standard « ilpies of 
formation of reactants and products. 

- The heat of solution of an ionic compound in water is the sum of the |: energy 
and the heat of hydration. The relative magnitudes of these two quantiti: termine 
whether the solution process is endothermic or exothermic. The heat 01 lution is 
the heat absorbed or evolved when a solution is diluted. 

Heat of dilution, p. 160 Potential energy, p. 137 

Heat of hydration, p. 160 Specific heat, p. 145 

Heat of solution, p. 158: Standard enthalpy of forma p. 154 
Hess’s law, p. 149 Standard enthalpy of react p. 154 


Hydration, p. 158 

Isolated system, p. 136 

Kinetic energy, p. 137 

Lattice energy, p. 158 

Law of conservation of energy, p. 138 
Open system, p. 136 


Standard state, p. 154 
Surroundings, p. 136 

System, p. 136 

Thermal energy, p. 136 
Thermochemical equation, 40 
Thermochemistry, p. 138 


4.7 Describe the interconversions of forms of enc occur- 
ring in the following processes: (a) You throw « softball 
up into the air and catch it. (b) You switch on a flashlight. 
(c) You ride the ski lift to the top of the hill and then ski 
down. (d) You strike a match and let it burn down. 


ENERGY CHANGES AND CHEMICAL REACTIONS 


4.2 What is heat? How does heat differ from thermal energy? 
Under what condition is heat transferred from one system 


to another? 


4.3. What are the units for energ: 


chemistry? 


4.4 Give a few examples of mechanical work. 

4.5 A truck initially traveling at 60 kilometers per hour is 
brought to a complete stop at a traffic light. Does this 
change violate the law of conservation of energy? Ex- 


plain. 


4.6 The following are various forms of energy: chemical, 
heat, light, mechanical, and electrical. Suggest ways of 
interconverting these forms of energy. 


REVIEW QUESTIONS 


YY commonly employed in 


4.8 Define the following terms: thermochemistry, exother- 
mic process, endothermic process. 

4.9 Stoichiometry is based on the law of conservation of 
mass. On what law is thermochemistry based? 

4.10 Describe two exothermic Processes and two endothermic 
processes, 

4.11 Decomposition reactions are usually endothermic, 
Whereas Combination reactions are usually exothermic. 
Give a qualitative explanation for these trends. 


ENTHALPY AND ENTHALPY CHANGES 
REVIEW QUESTIONS 


4.12 Define the following terms: enthalpy, enthalpy of reac- 
fon. 

4.13 Under what condition is the heat of a reaction equal to the 

halpy change of the same reaction? 

4.14 in writing thermochemical equations, why is it important 
indicate the physical state (that is, gaseous, liquid, 
d, or aqueous) of each substance? 

4.1! jain the meaning of the following thermochemical 

juation: 


13(g) + 502(g) —> 4NO(g) + 6H20(g) 
AH = —905 kJ 
PR Mi 
4.1¢ ider the following reaction: 


{,OH(1) + 302(g) —> 4H2O(/) + 2CO2(g) 
AH = —1452.8 kJ 


hat is the value of AH if (a) the equation is multiplied 
ughout by 2; (b) the direction of the reaction is re- 
ed so that the products become the reactants and vice 
1; (C) water vapor instead of liquid water is formed as 
product? 


SP iG HEAT AND HEAT CAPACITY 
REV QUESTIONS 


4.1 ine the following terms: specific heat, heat capacity. 
‘iat are the units for these two quantities? 
4.18 sider two metals A and B, each of mass 100 g and 


{, at an initial temperature of 20°C. A has a larger 
ific heat than B. Under the same heating conditions, 
ich metal would take longer to increase its temperature 


SC} 
PRO} MS 
4.19 \ piece of silver of mass 362 g has a heat capacity of 


‘5.7 J/°C. What is the specific heat of silver? 
4.20 Lxplain the cooling effect experienced when ethanol is 
rubbed on your skin. Given that 


CsH;OH() —> CoH;OH(g) AH = 42.2 KJ 


4.21 A piece of copper metal of mass 6.22 kg is heated from 
20.5°C to 324.3°C. Calculate the heat absorbed (in kJ) by 
the metal. 

4.22 Calculate the amount of heat liberated (in kJ) from 366 g 
of mercury when it cools from 77.0°C to 12.0°C. 

4.23 A sheet of gold weighing 10.0 g and at a temperature of 
18.0°C is placed flat on a sheet of iron weighing 20.0 g 
and at a temperature of 55.6°C. What is the final temper- 


EXERCISES 163 


ature of the combined metals? Assume that no heat is lost 
to the surroundings. (Hint: The heat gained by gold must 
be equal to the heat lost by iron.) 


CALORIMETRY 
REVIEW QUESTIONS 


4.24 Define calorimetry and describe two commonly used cal- 
orimeters. 

4.25 In a calorimetric measurement, why is it important that 
we know the heat capacity of the calorimeter? 


PROBLEMS 


4.26 A 0.1375-g sample of solid magnesium is burned in a 
constant-volume bomb calorimeter that has a heat capac- 
ity of 1769 J/°C. The calorimeter contains exactly 300 g 
of water and the temperature increases by 1.126°C. Cal- 
culate the heat given off by the burning Mg, in kJ/g and 
in kJ/mol. 

4.27 The enthalpy of combustion of benzoic acid 
(CgHsCOOH) is commonly used as the standard for cali- 
brating constant-volume bomb calorimeters; its value has 
been accurately determined to be —3226.7 kJ/mol. When 
1.9862 g of benzoic acid is burned, the temperature rises 
from 21.84°C to 25.67°C. What is the heat capacity of 
the calorimeter? (Assume that the quantity of water sur- 
rounding the calorimeter is exactly 2000 g.) 

4.28 A quantity of 2.00 x 10° mL of 0.862 M HCI is mixed 
with 2.00 x 10? mL of 0.431 M Ba(OH), in a constant- 
pressure calorimeter having a heat capacity of 453 J/°C. 
The initial temperature of the HCI and Ba(OH), solutions 
is the same at 20.48°C. Given that the heat of neutraliza- 
tion for the process 


H*(aq) + OH (aq) —> H,0(/) 


is —56.2 kJ, what is the final temperature of the mixed 
solution? 


HESS’S LAW 
REVIEW QUESTION 


4.29 Define Hess’s law. Explain, with one example, the use- 
fulness of Hess’s law in thermochemistry. 


PROBLEMS 
4.30 From these data, 


S(rhombic) + O.(g) ——> SO,(g) AH = —296.06 kJ 
S(monoclinic) + O(g) ——> SO,(g) AH = —296.36 kJ 


calculate the enthalpy change for the transformation 
S(rhombic) ——> S(monoclinic) 


(Monoclinic and rhombic are different allotropic forms of 
elemental sulfur.) 
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4.31 From the following data, 
C(graphite) + O2(¢) —+> CO,(g) 


AH = —393.5 kJ 
Ho(g) + 202(g) —> H,0(/) 
AH = —285.8 kJ 
2C2H6(g) + 702g) —> 4CO.(g) + 6H,0()) 
AH = —3119.6 kJ 


calculate the enthalpy change for the reaction 
2C(graphite) + 3H»(g) —> CH¢(g) 
4.32 From the following heats of combustion, 


CH30H(!) + 302(g) —> CO2(g) + 2H,0(/) 


AH = —726.4 kJ 

C(graphite) + O2(g) —> CO.(g) 
AH = —393.5 kJ 

H2(g) + 202(g) —> H,O(i) 
AH = —285.8 kJ 


calculate the enthalpy of formation of methanol (CH;OH) 
from its elements: 


C(graphite) + 2H>(g) + 402(g) —> CH;OH(/) 
4.33 Calculate the standard enthalpy change for the reaction 
2Al(s) + Fe2O3(s) —> 2Fe(s) + Al,O3(s) 
given that 
2Al(s) + 302(¢) —> Al,0,(s) AH = —1601 kJ 
2Fe(s) + $02(g) —> Fe,0,(s) AH = —821 kJ 


4.34 Calculate the standard enthalpy of formation of carbon 
disulfide (CS) from its elements, given that 


C(s) + Oo(g) —> CO3(g) AH = —393.5 kJ 
S(s) + O2(g) —> SOn(g) AH = —296.1 kJ 

CS2(1) + 302(g) —> CO,(g) + 2S0,(g) 
AH = —1072 kJ 


4.35 The standard enthalpy of formation at 25°C of HF(aq) is 
—320.1 kJ/mol; of OH (aq), it is —229.6 kJ/mol; of 
F’(aq), it is —329.1 kJ/mol; and of H,0(/), it is 
—285.8 kJ/mol. 

(a) Calculate the standard enthalpy of neutralization of 
HF(aq): 


HF(aq) + OH” (aq) —> F (aq) + H,0(/) 


(b) Using the value of —56.2 kJ as the standard enthalpy 
change for the reaction 


H* (aq) + OH(ag) —> H,0(/) 
calculate the standard enthalpy change for the reaction 


HF(aq) —> H* (aq) + F-(aq) 


STANDARD ENTHALPIES OF FORMATION’ 


REVIEW QUESTIONS 


4.36 What is meant by the standard-state condition? 

4,37 Define standard enthalpy of formation. 

4.38 Which of the following standard enthalpy of formation 
values is not zero at 25°C? Na(s), Ne(g), CH4(g), Sg(s), 
Hg(/), H(g) 

4.39 The AHP values of the two allotropes of oxygen, O> and 
O3, are 0 and 142.2 kJ/mol at 25°C. Which is the more 
stable form at this temperature? 

4.40 Which is a greater negative quantity at 25°C 
H,0(/) or AH? for H,O(g)? Explain. 

4.41 Consider the halogens chlorine, bromine, and iodine, 
Predict the value of AH? (greater than, less than, or equal 
to zero) for these elements present in the follow ing physi- 
cal states at 25°C: (a) Cl(g), (b) Cl(/), (c) Bro(g), 
(d) Bro(/), (e) hg), () Ls). 

4.42 In general, compounds with negative AH? values are 

more stable than those with positive AH? values. From 

Table 4.4 we see that H,0,(/) has a negative A//?. Why, 

then, does H,0,(/) have a tendency to decompose to 

H,O(/) and O2(g)? 

Suggest ways (with appropriate equations) that would 

allow you to measure the AH? values of Ag,‘ 

PCI,(s) from their elements. No calculations are 

sary. 


AH? for 


4.4 


Ww 


PROBLEMS 


4.44 The standard enthalpy of formation of Fe 0 (s) is 
—823 kJ/mol. How much heat (in kJ) is evolved when 
762 g of FeO; is formed in its standard state from its 
elements? 

4.45 From the following data, calculate AH; for ethane 
(CoH): 


2C2H6(g) + 703(g) —> 4C0,(g) + 6H,O(/) 
Aes; raatae 


4.46 The convention of arbitrarily assigning a zero enthalpy 
value for the most stable form of each element in the 
Standard state at 25°C is a convenient way of dealing with 
enthalpies of reactions, Explain why this convention can- 
not be applied to nuclear reactions. (In a nuclear reaction, 
the identity of elements may be altered.) 


ENTHALPIES OF REACTION 


3119.4 kJ 


REVIEW QUESTIONS 


4.47 Define standard enthalpy of reaction. 


4.48 Write the equation for calculating the enthalpy of a reac- 
tion. Define all the terms. 


PROBLEMS 


4.49 Calculate the heat of decomposition for this process at 
constant pressure and 25°C: 


CaCO3(s) —> CaO(s) + CO,(g) 


(Look up the standard enthalpy of formation of the reac- 
tant and products in Table 4.1.) 
4.50 The standard enthalpies of formation of H* and OH~ 
ions in water are zero and —229.6 kJ/mol, respectively, 
st 25°C. Calculate the enthalpy of neutralization when | 
mole of a strong monoprotic acid (such as HCl) is titrated 


by 1 mole of a strong base (such as KOH) at 25°C. 

4.51 Calculate the heats of combustion of the following from 
the standard enthalpies of formation listed in Appendix 1: 

(a) 2H2(g) + Or(g) —> 2H,0(1) 

(5) 2C2H2(g) + 502(g) —> 4CO2(g) + 2H20(1) 
(c) CoH4(g) + 302(g) —> 2CO,(g) + 2H,O(/) 
(d) 2H)S(g) + 302(g) —> 2H,O(/) + 2S0,(g) 

4.52 Methanol, ethanol, and n-propanol are three common 
alcohols. When 1.00 g of each of three alcohols is burned 
in air, heat is liberated as follows: 

(a) Methanol (CH3OH): —22.6 kJ 
(b) Ethanol (C;H;OH): —29.7 kJ 

(c) n-Propanol (C3H7OH): —33.4 kJ 

Calculate the heat of combustion of these alcohols in 

nol. 

53 How much heat (in kJ) is given off when 1.26 x 10* g of 

‘mmonia is produced according to the equation 


AH® = —92.6 kJ 


No(g) + 3H2(g) —> 2NH3(g) 


Assume the reaction to take place under standard-state 
conditions and 25°C. 
he standard enthalpy change for the reaction 


H2(g) —> H(g) + H(g) 


is 436.4 kJ. Calculate the standard enthalpy of formation 
of atomic hydrogen (H). 

4.55 \rom the standard enthalpies of formation, calculate AH® 
for the reaction 


rs 


4.5 
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CoHi2(l) + 902(g) —> 6CO,(g) + 6H2O(/) 
AH? for C6H)2(/) = —151.9 kJ/mol 


4.56 Industrially, the first step in the recovery of zinc from the 
zinc sulfide ore is roasting, that is, the conversion of ZnS 
to ZnO by heating: 


2ZnS(s) + 302g) 4+ 2Zn0(s) + 2S03(g) 
AH? = —879 kJ 


Calculate the heat evolved (in kJ) per gram of ZnS 
roasted. 

4.57 At 850°C, CaCO; undergoes substantial decomposition 
to yield CaO and CO). Assuming that the AH? values of 
the reactant and products at 850°C are the same as those 
at 25°C, calculate the enthalpy change (in kJ) if 66.8 g of 
CO), is produced in one reaction. 


HEAT OF SOLUTION 
REVIEW QUESTIONS 


4.58 Define the following terms: enthalpy of solution, hydra- 
tion, heat of hydration, lattice energy, heat of dilution. 

4.59 Why is the lattice energy of a solid always a positive 
quantity? Why is the hydration of ions always a negative 
quantity? 

4.60 Consider two ionic compounds A and B. A has a larger 
lattice energy than B. Which of the two compounds is 
more stable? 

4.61 Mg?* is a smaller cation than Na* and also carries more 
positive charge. Which of the two species has a larger 
hydration energy (in kJ/mol)? Explain. 

4.62 Consider the dissolution of an ionic compound such as 
potassium fluoride in water. Break the process into the 
following steps: separation of the cations and anions in 
the vapor phase and the hydration of the ions in the aque- 
ous medium. Discuss the energy changes associated with 
each step. How does the heat of solution of KF depend on 
the relative magnitudes of these two quantities? On what 
law is the relationship based? 

4.63 Why is it dangerous to add water to a concentrated acid 
such as sulfuric acid in a dilution process? 
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The Gaseous State 


The turbulence in air created by heat from passing cars and cross winds. This 
motion demonstrates the effect of heat on the velocity of gases. 


THE THREE STATES OF MATTER 
SUBSTANCES THAT EXIST AS GASES 
PRESSURE OF A GAS 

THE GAS LAWS 


The Pressure-Volume Relationship: Boyle’s 
Law / The Temperature-Volume Relationship: 
Charles and Gay-Lussac’s Law / The Volume- 
Amount Relationship: Avogadro’s Law 


THE IDEAL GAS EQUATION 
Density Calculations / The Molar Mass of a 
Gaseous Substance 


STOICHIOMETRY INVOLVING GASES 


5.7 


5.10 


DALTON’S LAW OF PARTIAL 
PRESSURES 

CHEMISTRY IN ACTION / SCUBA DIVING AND 
THE GAS LAWS 

THE KINETIC MOLECULAR THEORY 
OF GASES 

Application to the Gas Laws / Distribution of 
Molecular Speeds / Mean Free Path 
GRAHAM’S LAW OF DIFFUSION AND 
EFFUSION 

Diffusion / Effusion 

CHEMISTRY IN ACTION / SEPARATION OF 
ISOTOPES BY GASEOUS EFFUSION 


DEVIATION FROM IDEAL BEHAVIOR 
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5 / THE GASEOUS STATE 


nder appropriate conditions most substances can exist in any one of the three siates 

of matter: solid, liquid, or gas. Water, for example, exists in the solid state as ice, in 

the liquid state as water, and in the gaseous state as steam or water vapor. The phys- 
ical properties of a substance often depend on the state of the substance. In this chapter we 
will look at the behavior of gases. In many ways, gases are much simpler than liquids or 
Solids. Molecular motion in gases is totally random, and the forces of attraction between 
molecules are so small that each molecule moves freely and essentially independently of 
other molecules. A gas subjected to changes in temperature and pressure behaves according 
to much simpler laws than do solids and liquids. The laws that govern this behavior have 
played an important role in the development of the atomic theory of matter and the kinetic 


| ee theory of gases. 


. 


5.1 The Three States of Matter 


All substances, at least in principle, can exist in one of the three states: solid. liquid, 
and gas. As Figure 5.1 shows, the difference among these states of matter is the 
distance of separation between the molecules. In a solid, molecules are held close 
together in an orderly fashion with little freedom of motion. Molecules in a liquid are 


not held so rigidly in position, so they can move past one another but not totally break 
loose. In a gas the molecules are separated by distances that are large compared to 
molecular dimensions. Gas molecules can move essentially independently of one an- 
other. These three states can be interconverted, Upon heating, a solid will melt to form 


a liquid. Further heating will convert the liquid into a gas. On the other hand cooling a 
gas will condense it into a liquid. When the liquid is cooled further, it will freeze into 
the solid form. 

In this chapter we will discuss the physical properties of gases. In Chapter 10 we 
will study the liquid and solid states. 


Liquid 


FIGURE 5.1 A molecular view of the differences among a solid, a liquid, and a gas. 


5.2 SUBSTANCES THAT EXIST AS GASES 
5.2 Substances That Exist as Gases 


Before we explore the physical behavior of gases, we will briefly survey substances 
that might be expected to occur as gases (rather than liquids or solids) under normal 
conditions of pressure and temperature (that is, 1 atm and 25°C). Once we are able to 
recognize substances that usually exist as gases, we can infer their characteristic physi- 
cal behavior from our understanding of this distinct state of matter. You should note 
that “normal conditions’? really represent a rather narrow range of temperature and 
pressure. In the laboratory we can create unusual conditions of temperature or pres- 
sure, as we did in the last chapter by using a bomb calorimeter. Unusually high or low 
temperatures or pressures may make the physical state of a substance quite different 
from what it would be under ‘‘normal conditions.’’ 

in Chapter 2 we learned that compounds can be classified into two categories: ionic 
and molecular. Ionic compounds do not exist as gases at 25°C and 1 atm, because 
cations and anions in an ionic solid are held together by very strong electrostatic forces. 
To overcome these attractions we must apply a large amount of energy, which in 
practice means strongly heating the solid. Under normal conditions, all we can do is 
melt the solid; for example, NaCl melts at the rather high temperature of 801°C. In 
order to boil NaCl, we would have to raise the temperature to well above 1000°C. 

The behavior of molecular compounds is more varied. Some—for example, CO, 
CO>, HCl, NH3, and CH, (methane)—are gases, but the majority of molecular com- 
pounds are liquids or solids at room temperature. However, by heating they can be 
converted to gases much more easily than ionic compounds can. In other words, 
molecular compounds usually boil at much lower temperatures than ionic compounds. 
There is no simple rule to help us determine if a certain molecular compound is a gas 
under normal atmospheric conditions. To make such a determination we would need to 
understand the nature and magnitude of the attractive forces among the molecules. In 
general, the stronger these attractions, the less likely that the compound can exist as a 
gas at ordinary temperatures. 

Figure 5.2 shows the elements that are gases under normal atmospheric conditions. 
Note that the elements hydrogen, nitrogen, oxygen, fluorine, and chlorine exist as 
gaseous diatomic molecules: Hz, Nz, Oz, F2, and Cl). An allotrope of oxygen, ozone 
(Qs), is also a gas at room temperature. All of the elements in Group 8A, the noble 
gases, are monatomic gases: He, Ne, Ar, Kr, Xe, and Rn. | 

Table 5.1 lists the common gases we will use in our study of the physical behavior 
of gases. Of these, only O, is essential for our survival. Hydrogen sulfide (H2S) and 
hydrogen cyanide (HCN) are deadly poisons. Several others, such as CO, NOo, O3, 
and SO,, are somewhat less toxic. The gases He, Ne, and Ar are chemically inert; that 
is, they do not react with any other substance. Most gases are colorless. Of the gases 
listed in Table 5.1, only NO) is dark brown; its color is sometimes visible in polluted 
air, 

At this point, it is useful to distinguish between a “‘gas’’ anda “vapor, ”” two terms 
that are often used interchangeably but do not have exactly the same meaning. A gas is 
a substance that is normally in the gaseous state at ordinary temperatures and pressures, 
a vapor is the gaseous form of any substance that is a liquid or a solid at normal 
temperatures and pressures. Thus, at 25°C and | atm pressure, we speak of water 


vapor and oxygen gas. 
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—_ 58) 
FIGURE 5.2 Elements that exist as 8ases at 25°C and 1 atm. The noble gases (the Group 8A elements) are monatomic ies; the 
other elements exist as diatomic molecules. Ozone (O3) is also a 8as at room temperature. 
TABLE 5.1 Some Substances Found as Gases at 1 atm and 25°C 
Elements Compounds 
— 
H2 (molecular hydrogen) HF (hydrogen fluoride) 
N>2 (molecular nitrogen) HCl (hydrogen chloride) 
O> (molecular oxygen) HBr (hydrogen bromide) 
O; (ozone) HI (hydrogen iodide) 
F, (molecular fluorine) CO (carbon monoxide) 
Cl, (molecular chlorine) CO) (carbon dioxide) 
He (helium) NH; (ammonia) 
Ne (neon) NO (nitric oxide) 
Ar (argon) NO) (nitrogen dioxide) 
Kr (krypton) N,0O (nitrous oxide) 
Xe (xenon) SO) (sulfur dioxide) 
Rn (radon) H2S (hydrogen sulfide) 


HCN (hydrogen cyanide)* 


CH, (methane) 
*The boiling point of HCN is 26°C, but it is close enough to qualify as a gas at ordinary atmospheric 


conditions. 


5.3 PRESSURE OF A GAS 


very dense near the surface of Earth and much less dense at higher altitudes. (The air 
outside the pressurized cabin of an airplane at 30,000 feet is too thin to breathe.) In 
fact, the density of air decreases very rapidly with increasing distance from Earth 
(Figure 5.3). Measurements show that about 50 percent of the atmosphere lies within 4 
miles (6.4 km) of Earth’s surface, 90 percent within 10 miles (16 km), and 99 percent 
within 20 miles (32 km). 

One of the most readily measurable properties of a gas is its pressure. Gases exert 


pressuye on any surface with which they come into contact, because the gas molecules 
are Constantly in motion and collide with the surface. We humans have adapted so well 
physiologically to the pressure of the air around us that we are usually unaware of its 
exis! », perhaps as fish are unconscious of the water’s pressure on them. There are 
many ways to demonstrate the existence of atmospheric pressure. One example is our 
abili*» ‘o drink a liquid through a straw. Sucking air out of the straw creates a vacuum, 
whic! «s filled quickly as the fluid in the container is pushed up into the straw by 
atrr eric pressure. 

uvometer is an instrument that measures atmospheric pressure. A simple ba- 
rom¢ ‘an be constructed by filling a long glass tube, closed at one end, with mer- 
cur} | then carefully inverting the tube in a dish of mercury, making sure that no air 
enters ‘ie tube. Some mercury in the tube will flow down into the dish, creating a 
vacu at the top (Figure 5.4). The weight of the mercury column remaining in the 
tube upported by atmospheric pressure acting on the surface of the mercury in the 
dist © standard atmospheric pressure (1 atm) is equal to the pressure that supports a 
colt »/ mercury exactly 760 mm (or 76 cm) high at 0°C at sea level. The standard 
atm re thus equals a pressure of 760 mmHg, where mmHg represents the pressure 
exerfuc by a column of mercury 1 mm high. The mmHg unit is also called the torr, 
afte {talian scientist Evangelista Torricelli,t who invented the barometer. Thus 

1 torr = 1 mmHg 

and 


1 atm = 760 mmHg 
= 760 torr 


‘ollowing example shows the conversion between mmHg and atm. 


EXAMPLE 5.1 

The pressure outside a jet plane flying at high altitude falls considerably below atmos- 
evic pressure at sea level. The air inside the cabin must therefore be pressurized to 

‘ect the passengers. What is the pressure in atmospheres in the cabin if the barometer 

is 688 mmHg? 


Answer 


The pressure in atmospheres is calculated as follows: 


Evangelista Torricelli (1608-1647). Italian mathematician. Torricelli was supposedly the first person to 
Tecognize the existence of atmospheric pressure. 
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Density = mass/volume. 


Upper 
atmosphere 


— 


Sea level ——> =~ 


FIGURE 5.3 A column of air 
extending from sea level to the 
upper atmosphere. 


Atmospheric 
pressure 


FIGURE 5.4 A barometer for 
measuring atmospheric _ pres- 
sure. Above the mercury in the 
tube is a vacuum. The column of 
mercury is supported by the at- 
mospheric pressure. 
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See Section 1.6 to review the 
definition of a newton. 


This equation gives the SI 
definition of 1 atm. 
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1 atm 


= Bee 
pressure = 688 mmHg 760 7 


= 0.905 atm 


Similar problem: 5.13. 


In SI units, pressure is measured in pascals (Pa), defined as 1 newton per square 
meter: ; 
force 
pressure = 
area 
N 
1 Pa= a 
m 


The relation between atmospheres and pascals (see Appendix 2) is 


1 atm = 101,325 Pa 
= 1.01325 x 10° Pa 


and since 1000 Pa = 1 kPa (kilopascal) 
1 atm = 1.01325 x 10? kPa 


Example 5.2 shows the conversion between kPa and mmHg. 


EXAMPLE 5.2 


The atmospheric pressure in San Francisco on a certain day was 732 mmHg. W i:at was 
the pressure in kPa? 


Answer 


The conversion equations show that 


1 atm = 1.01325 x 105 pa = 760 mmHg 
which allows us to calculate the atmospheric pressure in kPa: 


pressure = 732 ex 1.01325 x 10° Pa 
760 mmHg 
= 9.76 x 104 Pa 


= 97.6 kPa 


Similar problem: 5.12. 


» 4 water barometer is impractical 
gh. 


because the column of the liquid would be too hi 


5.4 THE GAS LAWS 


EXAMPLE 5.3 


Calculate the height in meters of the column in a barometer for 1 atm pressure if water 
were used —— of mercury. The density of water is 1.00 g/cm? and that of mercury is 
13.6 g/cm’. 


Answer 


The difference in heights here is the result of the different densities. Therefore 


density of Hg 
density of H,O 
13.6 g/cm? 

1.00 g/cm? 
= 1.03 x 10* mm 
= 10.3m 


The calculation in Example 5.3 shows that there is a limit to how deep an old-fash- 
ioned farmyard well can be. Drawing water from such a well by using a suction pump 
is analogous to drinking soda with a straw. Strictly speaking, only the air in the pipe is 
pumped up. Water is then pushed up by atmospheric pressure. However, since this 
operation depends entirely on atmospheric pressure, we cannot get water from more 
than 10.3 m (or 34 ft) below the surface. Motorized pumps must be used to get water 
from greater depths. 


height of H,O = height of Hg x 


= 760 mm X 


5.4 Gas Laws 


The gas laws we will study in this chapter can be regarded as useful summaries of the 
results of countless experiments on the physical properties of gases that were. carried 
out over several centuries. The gas laws are important generalizations regarding the 
macroscopic behavior of gaseous substances. They have played a major role in the 
development of many ideas in chemistry. 


The Pressure-Volume Relationship: Boyle’s Law 


In the seventeenth century, Robert Boyle+ studied the behavior of gases systematically 
and quantitatively. In one series of studies, Boyle investigated the pressure-volume 
relationship of a gas sample using an apparatus like that shown in Figure 5.5. In Figure 
5.5(a) the pressure exerted on the gas is equal to atmospheric pressure. In Figure 5.5(b) 
there is an increase in pressure due to the added mercury and the resulting unequal 
levels in the two columns; consequently, the volume of the gas decreases. Boyle 


tRobert Boyle (1627-1691). British chemist and natural philosopher. Although Boyle is commonly associ- 
ated with the gas law that bears his name, he made many other significant contributions in chemistry and 
physics. He was often at odds with contemporary scientists. His book, The Skeptical Chymist (1661), 


influenced generations of chemists. 
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The pressure applied on the 
gas is equal to the gas 
pressure. 
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FIGURE 5.5 Apparatus for studying the relationship between pressure and vol of a gas 
sample. In (a) the pressure of the gas is equal to the atmospheric pressure. The pre e exerted 
on the gas increases from (a) to (d) as the mercury is added, and the volume © gas de- 
creases, as predicted by Boyle’s law. The extra pressure exerted on the gas is vn by the 
difference in the mercury levels (h mmHg). The temperature of the gas is kept « fant. 

noticed that when temperature is held constant, the volume (V) of a given unt of a 


gas decreases as the total applied pressure (P)—atmospheric pressure plus pressure 
due to the added mercury—is increased. This relationship between pressu* and vol- 
ume is shown pictorially in Figure 5.5(b), (c), and (d). Conversely, if applied 
pressure is decreased, the gas volume becomes larger. The results of sever “neasure- 
ments are given in Table 5.2. 

The P-V data actually recorded for such an experiment are consistent \ ith these 
mathematical expressions showing an inverse relationship: 


1 
Va— 
P 
or 
1 
VH=kx— (5. 1a) 
P 


where the symbol « means proportional to and k, is the proportionality constant. 
Equation (5.1a) is an expression of Boyle’s law, which states that the volume of a fixed 
amount of gas maintained at constant temperature is inversely proportional to the gas 
pressure. Rearranging Equation (5.1a), we obtain 


PV=k, (5. 1b) 


TABLE 5.2 Typical Pressure-Volume Relationships Obtained by Boyle 


P (mmHg) 
V (arbitrary units) 


PY 


1.0910? 1.1610? 1.16 x 103 116x108 1 


2x10 12x10? 11x10 


724 869 951 998 1230 1893 2250 
L. 1.33 1.22 1.16 0.94 0.61 0.51 


5.4 THE GAS LAWS 


Equation (5.1b) is another form of Boyle’s law. 

The concept of one quantity being proportional to another, and the use of a propor- 
tionality constant, can be clarified through the following analogy. The daily income of 
a movie theater depends on the number of people who buy tickets. Thus we say that the 


income 


or 


is proportional to the number of tickets sold: 


income © number of tickets sold 


fer, since income is measured in dollars, it cannot be equated directly to the 


of tickets sold. Instead, we must write 
income = C X number of tickets sold 


is the proportionality constant. It should be clear that C is the price (in dollars) 


ct; that is, it has the units of dollars/ticket. (We assume here that the theater has 


price for all tickets.) 

» 5.6 shows two conventional ways of representing Boyle’s findings graphi- 
gure 5.6(a) is a graph of the equation PV = k,; Figure 5.6(b) is a graph of the 
it equation, P = k, X 1/V. 

ugh the individual values of pressure and volume can vary greatly for a given 
»f gas, as long as the temperature is held constant and the amount of the gas 
change, P times V is always equal to the same constant. Therefore, for a given 
‘f gas under two different sets of conditions, we can write ; 


PiV, = ky = P2V2 


PiV, — P2V2 (5.2) 


, and V2 are the volumes at pressures P; and P>, respectively. 


common application of Boyle’s law is to use Equation (5.2) to predict how the 


FIGURE 5.6 Graphs showing variation of a gas sample with the pressure exerted on the gas, 
at constant temperature. (a) P versus V; (b) P versus IIV. Since P is proportional to 1IV, 
Equation (5.1) can be written as P = k,(1/V). Therefore, a plot of P versus 1/V yields a straight 


line. 
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volume of a gas will be affected by a change in pressure, or how the pressure exerted 
by a gas will be affected by a change in volume. 


| aa Ee 
EXAMPLE 5.4 

An inflated balloon has a volume of 0.55 L at sea level (1.0 atm) and is allowed * rise to 
a height of 6.5 km, where the pressure is about 0.40 atm. Assuming that the ter »crature 
Temains constant, what is the final volume of the balloon? 

Answer 


We use Equation (5.2) 


P,V, = P2V2 
where 
P, = 1.0 atm P, = 0.40 atm 
V, = 0.55 L vy, =? 
Therefore 
P, 
V2 = V; geek 
P, 
1.0 atm 
=G55 bx 
0.40 atm 
=14L 
Similar problem: 5.20. 


See lf | 


It always makes sense to think about the reasonableness of your answer. Since the 
balloon is rising from a high-pressure region to a low-pressure one, we expect it to 
expand. 


-Me-Eec——_— 


EXAMPLE 5.5 


A sample of chlorine gas occupies a volume of 946 mL at a pressure of 726 mmHg. 
Calculate the pressure of the gas if the volume is reduced to 154 mL. Assume that the 
temperature remains constant. 

Answer 


Since 


P\V, = PV, 
where 


P, = 726 mmHg P,=? 
V, = 946 mL V> = 154 mL 
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we continue with 


154 mL 
= 4.46 x 10° mmHg © 


Sixailar problems: 5.21, 5.22. 


»yle’s law can also be written as P « 1/V. Thus as the volume of the gas de- 
creases, its pressure will increase. 


The Yemperature-Volume Relationship: Charles and Gay-Lussac’s 
Law 


Boyle’s law depends on the temperature of the system remaining constant. But suppose 
the temperature changes: How does a change in temperature affect the volume and 
e of a gas? Let us begin with the effect of temperature on the volume of a gas. 
arliest investigators of this relationship were French scientists, Jacques Charlest 
Joseph Gay-Lussac.¢ Their studies showed that, at constant pressure, the volume 
sample expands when heated and contracts when cooled (Figure 5.7). This 
n may seem almost self-evident, and the quantitative relations involved in 
changes in temperature and volume turn out to be remarkably consistent. For 
ple, we observe an interesting phenomenon when we study the temperature- 
volume relationship at various pressures. At any given pressure, the plot of volume 
versus temperature yields a straight line. By extending the line to zero volume, we find 
the intercept on the temperature axis to be —273.15°C. At any other pressure, we 
obtain a different straight line for the volume-temperature plot, but we get the same 
zero-volume temperature intercept at —273.15°C (Figure 5.8). (In practice, we can 
measure the volume of a gas over only a limited temperature range, because all gases 
condense at low temperatures to form liquids.) 

In 1848 Lord Kelvin§ realized the significance of this behavior. He identified the 
temperature —273.15°C as theoretically the lowest attainable temperature, called ab- 
solute zero. With absolute zero as a starting point, he set up an absolute temperature 
scale, now called the Kelvin temperature scale. One degree Celsius is equal in magni- 
tude to 1 kelvin (K). (Note that the absolute temperature scale has no degree sign, so 
25 K is called twenty-five kelvins.) The only difference between the absolute tempera- 


Hacques Alexandre Cesar Charles (1746-1823). French physicist. He was a gifted lecturer, an inventor of 
scientific apparatus, and the first person to use hydrogen to inflate balloons. 


: i ici i -Lussac was also 
toseph Louis Gay-Lussac (1778-1850). French chemist and physicist. Like Charles, Gay f 
a falloan anit at Once he ascended to an altitude of 20,000 feet to collect air samples for analysis. 


§William Thomson, Lord Kelvin (1824-1907). Scottish mathematician and physicist. Kelvin did important 
work in almost every branch of physics. 
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FIGURE 5.7 Variation of the 
volume of a gas sample with tem- 
perature, at constant pressure. 
The pressure exerted on the gas 
is the sum of the atmospheric 
pressure and the pressure due to 
the weight of the mercury. 
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Under special experimental 
conditions, scientists have 
succeeded in approaching 
absolute zero to within a small 
fraction of a kelvin. 
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FIGURE 5.8 Variation of the volume of a gas sample with temperature, at consi yressure, 
Each line represents the variation at a certain pressure. These pressures increase { P) to P4, 
All gases ultimately condense (become liquids) if they are cooled to sufficiently fempera- 
tures; the solid portions of the lines represent the temperature region above the lensation 
point. When these lines are extrapolated, or extended (the dashed portions), they a ersect at 


the point representing zero volume and temperature of —273.15°C. 


ture scale and the Celsius scale is that the zero position is shifted. Importan: oints on 
the scales match up as follows: 


Absolute zero: 0 K = —273.15°C 
Freezing point of water: 273.15 K = 0°C 
Boiling point of water: 373.15 K = 100°C 


The relationship between °C and K is 
T(K) = t(°C) + 273.15°C (5.3) 


Equation (5.3) shows that to convert a temperature reading in degrees Celsi.s to kel- 
vins we have to add 273.15 to the reading. This equation can be rewritten °s 


K=(C+ 273.15%)(—¥) 
iC 

The unit factor (1 K/1°C) is there to make the units consistent on both sides of the 
equation. In most calculations we will use 273 instead of 273.15 as the term r lating K 
and °C. By convention we use T to denote absolute (kelvin) temperature and f¢ to 
indicate temperature on the Celsius scale. Figure 5.9 shows Corresponding tempera- 
tures on the Celsius and Kelvin scales for a number of systems. 

With the development of an absolute temperature scale, it becomes possible to 


express the temperature-volume relationship in simple mathematical terms. For a given 
amount of gas at constant pressure, 


VaT 
V=khT 
or 
V 
Fmhk (5.4) 


or 


where 
respex 
In all subsequent calculations we assume that the temperatures given in °C are 
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Celsius Kelvin 
Scale: scale 


Temperature at im 
5727°C |—| << the surface of —————_ |_| 6000 K 
the sun 


Melting point 


° 
rs 
1064°C of gold 


1 1337 K 


= Boiling point 
4} <<—_—$_—___ ral 
100°C Oi. =a ie REE 


37°C || <—Body temperature ————_> |_] 310 K 


Melting point 
of ice 


el <—<—<$<$— —————> | 273.15 K 


-196°C | <————Boiling point of NX> | 77 K 


—268.95°C C <+— Boiling point of Hk ————_> C 4.2K 


-273.15°C 4 <—— Lowest temperature ————> | 0 K 
(absolute zero) 


‘3.9 Relationship between the Celsius temperature scale and the Kelvin temperature 
"he distances between the temperature marks are not drawn accurately. 


» is the proportionality constant. Equation (5.4) is known as Charles and 


/ussac’s law, or simply Charles’ law. Charles’ law states that the volume of a 
cmount of gas maintained at constant pressure is directly proportional to the 


e temperature of the gas. 
as we did for pressure-volume relationships at constant temperature, we can 
» two sets of conditions for a given sample of gas at constant pressure. From 


n (5.4) we can write 


V V. 
Wore eds 
q, T, 
V. 
Wa 3 V2) (5.5) 
T, yj 


V, and V> are the volumes of the gas at temperatures T; and T> (both in kelvins), 
tively. Figure 5.10 shows a straight-line plot of V versus 7 at constant pressure. 


exact, so that they do not affect the number of significant figures. 
The following two examples illustrate the use of Charles’ law. 


EXAMPLE 5.6 


Argon is an inert gas used in light bulbs. In one experiment, 452 mL of the gas is heated 
from 22°C to 187°C at constant pressure. What is its final volume? 
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The constant k, is not the 
same as the constant kK, in 
Equation (5.1). 


FIGURE 5.10 Volume of a gas 
sample plotted versus tempera- 
ture, at constant pressure. 
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Answer 


We use Equation (5.5), 


Vy, a ve 
Tl T 
where 
Remember to convert °C to K V, = 452 mL V,2=? 
when solving gas problems. T, = (22 + 273) K = 295K Tp = (187 + 273) K = 460 K 
Hence 
T, 
V2 =V, xX — 
2 1 T; 
460 K 
= 452 mL x 
295 K 
= 705 mL 


Similar problem: 5.26. 


As you can see, when the gas is heated at constant pressure, it expands 


EXAMPLE 5.7 


A sample of carbon monoxide, a poisonous £4, occupies 3.20 L at 125°C, Calculate the 
temperature at which the gas will occupy 1.54 L if the Pressure remains constant 
Answer 
Since 
Vie Vo 
ere alan 
where 
V, = 3.20 L V2 = 1.54 L 
T; = (125 + 273) K = 398 K T=? 
Hence 
V: 
T, =T, x 
Vy 
= 398 K 1.541. 
3.20 L 
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or, from Equation (5.3), 


°C = T2 — 273 = 192 — 273 
=r Ole 


Similar problem: 5.27. 


The above example shows that when a gas is cooled at constant pressure, it con- 
tracts. 


The Volume-Amount Relationship: Avogadro’s Law 


york of the Italian scientist Amedeo Avogadro complemented the studies of 
Bo Charles, and Gay-Lussac. In 1811 he published a hypothesis that stated that at 
temperature and pressure, equal volumes of different gases contain the same 
»f molecules (or atoms if the gas is monatomic). It follows that the volume of 
any given gas must be proportional to the number of molecules present; that is 


Van 
V =kgn (5.6) 


where m represents the number of moles and k; is the proportionality constant. 
Equation (5.6) is the mathematical expression of Avogadro’s law, which states that 
at constant pressure and temperature, the volume of a gas is directly proportional to 
the number of moles of the gas present. From Avogadro’s law we learn that when two 
eact with each other, their reacting volumes have a simple ratio to each other. If 
product is a gas, its volume is related to the volume of the reactants by a simple 
a fact demonstrated earlier by Gay-Lussac). For example, consider the synthesis 
of ammonia from molecular hydrogen and molecular nitrogen: 


3H2(g) + No(g) —> 2NH3(g) 
3 mol 1 mol 2 mol 


Since at the same temperature and pressure, the volumes of gas are directly propor- 
tional to the number of moles of the gases present, we can now write 


3H2(g)  +N2(g) —> 2NH3(g) 
3 volumes 1 volume 2 volumes 


The ratio of volumes for molecular hydrogen and molecular nitrogen is 3:1, and that 
for ammonia (the product) and for molecular hydrogen and molecular nitrogen (the 
reactants) is 2:4, or 1:2 (Figure 5.11). 

5.5 The Ideal Gas Equation 


Let us summarize the various gas laws we have discussed so far: 


1 
Boyle’s law: Vo a (at constant n and T) 
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Amedeo Avogadro also gave us 
Avogadro's number (see 
Section 2.3). 


Because the hypothesis has 
been verified experimentally, it 
is now called a law. 
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3H2(g) + N2(g) oar 2NH3(g) 
3 molecules or 1 molecule —_ 2 molecu! 
3 moles ot 1 mole —_ 2 moles 


2 volumes 


1 volume 


3 volumes 


x 
7 


FIGURE 5.11 Volume relationship of gases in a chemical reaction. The ratio of \ umes for 
molecular hydrogen and molecular nitrogen is 3:1 and that for ammonia (the | wt) and 
molecular hydrogen and molecular nitrogen combined (the reactants) is 2:4, or 


Charles’ law: V « T (at constant n and P) 
Avogadro’s law: V « n (at constant P and 7) 


We can combine all three expressions to form a single master equation for the »ehavior 
of gases: 
nT 
V I 
ti 
nT 
= R— 
P 
or 
PV = nRT (5.7) 


where R, the proportionality constant, is called the gas constant. Equation (5.7), 
which describes the relationship among the four experimental variables P, V, 7. and n, 
is called the ideal gas equation. An ideal as is a hypothetical gas whose pressure- 
volume-temperature behavior can be completely accounted for by the ideal gas equa- 
tion. The molecules of an ideal gas do not attract or tepel one another, and their volume 
is negligible compared to the volume of the container. Although there is no such thing 
in nature as an ideal gas, discrepancies in the behavior of real gases over reasonable 
temperature and pressure ranges do not significantly affect calculations. Thus we can 
safely use the ideal gas equation to solve many gas problems. 

Before we can apply Equation (5.7) to a real System, we must evaluate the gas 
constant R. At 0°C (273.15 K) and 1 atm pressure, many real gases behave like an 
ideal gas. Experiments show that under these conditions, 1 mole of an ideal gas occu- 


pies 22.414 L (Figure 5.12). Figure 5.13 compares this molar volume with that of a 
basketball. The conditions 0°C and 1 atm are called standard 


: d pres- 
sure, often abbreviated STP. From Equation (S.7) we can relate’ 


write 


5.5 THE IDEAL GAS EQUATION 


| mol He 1 mol O2 1 mol CHy 
1,008 g He 32.00 g O2 16.04 g CHy 


a 
PIG 5.2 At STP, one mole of an ideal gas, regardless of whether it is atomic or molecu- 
lai upies 22.414 L. 
_ Pv 
nT 
(1 atm)(22.414 L) L-atm 
= ——___——_ = 0.082057 
(1 mol)(273.15 K) K- mol 
= 0.082057 L- atm/K - mol 
Th ts (between L and atm and between K and mol) remind us that both L and atm 
arc ©» the numerator and both K and mol are in the denominator. For most calculations, 
wo “ill round off the value of R to three significant figures (0.0821 L- atm/K - mol) 
ane ose 22.41 L for the molar volume of a gas at STP. 


© \MPLE 5.8 
‘for hexafluoride (SFg) is a colorless, odorless, very unreactive gas. Calculate the 
cure (in atm) exerted by 1.82 moles of the gas in a steel vessel of volume 5.43 L at 
SC 


FIGURE 5.13 A compari- 
son of the molar volume at 
STP (22.414 L) with a bas- 
ketball. 
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The gas constant can also be 
expressed in other units (see 
Appendix 2). 
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Answer 


From Equation (5.7) we write 


_ nRT 
aay 
(1.82 meot)(0.0821 £: atm/K - met)(69.5 + 273) & 
Ka 5.434 
= 9.42 atm 


Similar problem: 5.37. 


EXAMPLE 5.9 
Calculate the volume (in liters) occupied by 7.40 g of CO, at STP. 


Answer 


Recognizing that 1 mole of an ideal gas occupies 22.41 L at STP, we write 


4Limet€65 22.41 L 


{='0. 60 
** 44.01.¢60;  Lmeb+€Os 


= ately 


Similar problem: 5.38. 


Equation (5.7) is useful for problems that do not involve changes among the varia- 
bles P, V, T, and n for a gas sample. At times, however, we need to deal with changes 
in pressure, volume, and temperature, or even the amount of a gas. When pressure, 
volume, temperature, and amount change, we must employ a modified form of Equa- 


tion (5.7) that involves initial and final conditions. We derive it as follows. From 
Equation (5.7), 


c PV, 
The subscripts 1 and 2 denote R= Bel 
the initial and final states of nT, en ener) 
the gas. 
and 
R P V2 nee 
= el 
mT r change) 
so that 
PiV; _ P2V> 
nT, NT 


If n; = ng, as is usually the case because the amount 


2 t of gas normally does not change, 
the equation then becomes . y 


5.5 THE IDEAL GAS EQUATION 


eV ie P2V>2 (5.8) 
T, T> : 


Applications of Equation (5.8) are the subject of the following two examples. 


Ey 


EXAMPLE 5.10 


A, small bubble rises from the bottom of a lake, where the temperature and pressure are 
°C and 6.4 atm, to the water’s surface, where the temperature is 25°C and pressure is 
|. atm. Calculate the final volume (in mL) of the bubble if its initial volume was 
2.4 mL. 


Answer 


The initial and final conditions are 


Py = 6.4 atm 
V; = 2.1 mL 
T, = (8 + 273)K = 281 K 


P, = 1.0 atm 
vy,= ? 
Tp = (25 + 273)K = 298 K 


The amount of the gas in the bubble remains constant, so that n; = no. By rearranging 
Equation (5.8) we write 


(ges oo o3 
V,=V, X — X 
Peo T¢ 

6.4atm 298K 

= 2.1 mL See 


x ——_ x 
1.0atm 281K 
= 14mL 


Thus, the bubble’s volume increases from 2.1 mL to 14 mL because of the decrease in 
water pressure and the increase in temperature. 


Similar problems: 5.41, 5.44. 


mez? tt | 


EXAMPLE 5.11 


A steel bulb contains xenon (Xe) gas at 2.64 atm and 25°C. Calculate the pressure of the 
gas when the temperature is raised to 436°C. Assume that the volume of the bulb remains 


constant. 


Answer 


The volume and amount of the gas are unchanged, so V; = V2 and ny = no. Equation 
(5.8) can therefore be written as 
Prehe: 


TEE IGS 


The initial and final conditions are 


185 


We can use any appropriate 
units for volume (or pressure), 
as long as we use the same 
units on both sides of the 
equation. 


186 


One practical consequence of 


this relationship is that 
automobile tire pressures 
should be checked only when 
the tires are at normal 
temperatures. After a long 
drive (especially in the 
summer), tires become quite 
hot, leading to a higher air 
pressure. 
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P2 =? 
T> = (436 + 273)K = 709 K 


P, = 2.64 atm 
T, = (25 + 273)K = 298 K 


The final pressure is given by 


fore 
AEE AG 
ey 09 K 
Fee a 
= 6.28 atm 
We see that at constant volume, the pressure of a given amount of gas is direct ropor- 
tional to its absolute temperature. 
Similar problem: 5.42. 
| 
Density Calculations 
If we rearrange the ideal gas equation, we can use it to calculate the densi. of a gas: 
iy oP, 
V RT 
The number of moles of the gas, n, is given by 
m 
ee 
M 
where m is the mass of the gas in grams and Ml is its molar mass. The! 
Mm IP 
MV = RT 
Since density, d, is mass per unit volume, we can write 
m PM 
d=— = — (5.9) 
Val—ORT: 


Unlike molecules in condensed matter 
cules are separated by distances that are 
the density of gases is very low under atm 
for gas density are usually expressed as 
milliliter (g/mL). 


(that is, in liquids and solids), gaseous mole- 
large compared to their size. Consequently, 
spheric conditions. For this reason, the units 
grams per liter (g/L) rather than grams per 


EXAMPLE 5.12 


Calculate the density of ammonia (NH) in grams per liter (g/L) at 752 mmHg and 55°C. 


5.5 THE IDEAL GAS EQUATION 


Answer 


To conyert the pressure to atmospheres, we write 


Beene 
760 mmHg 
(222) 
= (—) atm 
760 
- Equation (5.9) and T = 273 + 55 = 328 K, we have 
PML 
d=— 
RT 


_ _ (752/760) atm (17.03 g/mol) 
(0.0821 L + atm/K - mol)(328 K) 


= 0.626 g/L 


av problem: 5.55. 


The Volar Mass of a Gaseous Substance 


From what we have said so far, you may have gathered the impression that the molar 
mass of a substance is found by examining its formula and summing the molar masses 
ot ‘mponent atoms. However, this procedure works only if the actual formula of 
the tance is known. In practice, chemists often deal with substances of unknown or 
on tially defined composition. If the unknown substance is gaseous, its molar 
ma .n nevertheless be found, thanks to the ideal gas equation. All that is needed is 
an rimentally determined density value (or mass and volume data) for the gas at a 
know» temperature and pressure. By rearranging Equation (5.9) we get 

M = ae (5.10) 

P 

In a (ypical experiment, a bulb of known volume is filled with the gaseous substance 


under study. The temperature and pressure of the contained gas sample are recorded, 
and the total mass of the bulb plus gas sample is determined (Figure 5.14). The bulb is 
then evacuated (emptied) and weighed again. The difference in mass is the mass of the 
gas. The density of the gas is equal to its mass divided by the volume of the bulb. Then 
we can calculate the molar mass of the substance using Equation (5.10). Example 5.13 


shows this calculation. 


EXAMPLE 5.13 
2°C. 


The gas sulfur hexafluoride has a density of 20.8 g/L measured at 3.57 atm and 3 
What is the molar mass of this substance? 
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In units of grams per milliliter, 
the gas density would be 
6.26 x 1077 g/mL. 


Under atmospheric conditions, 
100 mL of Fi 
0.12 g, an easily measured 
quantity. 
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FIGURE 5.14 An apparatus 
for measuring the density of a 
gas. The bulb of known volume is 
filled with the gas under study at 
a certain temperature and pres- 
sure. First the bulb is weighed, 
and then it is emptied (evacu- 
ated) and weighed again. The 
difference in masses gives the 
mass of the gas. Knowing the 
volume of the bulb, we can cal- 
culate the density of the gas. 


Similar problems: 5.50, 5.57. 
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Answer 


We substitute in Equation (5.10): 
dRT 
cor 
(20.8 g/L)(0.0821 L - atm/K : mol)(32 + 273) K 
i 3.57 atm 


= 146 g/mol 


The molecular formula for sulfur hexafluoride (as its name implies) is SFs. The actual 
molar mass of this compound, which you can calculate from the known molar asses of 
S and F, is 146.1 g/mol. Thus the experimental and actual values are in good agreement. 


Similar problem: 5.52. 


| 

Since Equation (5.10) is derived from Equation (5.7), we can also calculate the 

molar mass of a gaseous substance using the ideal gas equation. The following two 
examples illustrate this approach. 

sess — 


EXAMPLE 5.14 


Calculate the molar mass of methane (CH,) if 279 mL of the gas measured at 31°C and 
492 mmHg has a mass of 0.116 g. 


Answer 


From Equation (5.7) we write 


PV 
Pes 
RT 
where 
1 atm 
P = 492 mmHg x = 
ig 760 5 0.647 atm 
V = 279 mL = 0.279 L 
T = (31 + 273) K = 304K 
Therefore 


_ (0.647 atmy0,279 L) j 
(0.0821 L- atm/K - mol)(304 K) — "23 * 10°? mol 


. 3 . 
Since 7.23 x 10-3 mol of CH, weighs 0.116 g, the molar mass of CH, must be 


of reactants and products to so) 


5.6 STOICHIOMETRY INVOLVING GASES 


EXAMPLE 5.15 


Chemical analysis of a gaseous compound showed that it contained 33.0 percent silicon 
and 67.0 percent fluorine by mass. At 35°C, 0.210 L of the compound exerted a pressure 
of 1.70 atm. If the mass of 0.210 L of the compound was 2.38 g, calculate the molecular 
formula of the compound. 


Answer 


First we determine the empirical formula of the compound. 


1 mol Si 


ns = 33.0 g Si X ———— = 1.17 mol Si 

” or 8.09 g Si aaa 
1 mol F 

np = 67.0 g F X ———— = 3,53 mol F 
19.00 g F 


Therefore, the formula is Si, 17F3,53, or SiF3;. Next, we calculate the number of moles 
contained in 2.38 g of the compound. From Equation (5.7), 


(1.70 atm)(0.210 L) 


= — 0.0141 mol 
(0.0821 L- atm/K - mol)(308 K) 


Therefore, the molar mass of the compound is 


e282 
0.0141 mol 
= 169 g/mol 
‘The empirical molar mass of SiF; (empirical formula) is 85.09 g. Therefore the molecular 
formula of the compound must be SijF¢, because 2 X 85.09, or 170.2 g is very close to 
169 g. 


Similar problem: 5.56. 


5.6 Stoichiometry Involving Gases 


In Chapter 3 we used relationships between amounts (in moles) and masses (in grams) 
Ive stoichiometry problems. When the reactants and/or 


products are gases, we can also use the relationships between amounts (moles, 7) and 
volume (V) to solve such problems. The following examples show how the gas laws 
are used in these calculations. 


EXAMPLE 5.16 


Calculate the volume of O; (in liters) at STP required for the complete combustion of 


2.64 L of acetylene (C2H2) at STP: 
2C>Ho(g) + 50x(g) —> 4CO2(8) + 2H,0(/) 
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Section 2.6 provides a 
procedure for determining the 
empirical formula of a 
compound. 


190 


5 / THE GASEOUS STATE 


Answer 


Since both CH) and O> are gases measured at the same temperature and press», accord- 
ing to Avogadro’s law their reacting volumes are related to their coefficien’ » the bal- 
anced equation; that is, 2 L of C,H) react with 5 L of Op. Knowing this > we can 
calculate the volume of O, that will react with 2.64 L of CjH). 


LO, 


= 2.64 L C,H, x ———— 
volume of O5 2H2 2L GH 


= 6.60 LO, 


Similar problem: 5.67. 


EXAMPLE 5.17 


Calculate the volume of CO; (in liters) measured at 0°C and 1 atm that could } obtained 
by allowing 45.0 g of CaCO; to react with an excess of hydrochloric acid: 


CaCO;(s) + 2HCl(ag) ——> CaCl,(aq) + H20() + CO2(g) 
The molar mass of CaCO; is 100.1 g. 


Answer 


From the balanced equation we see that 1 mol CaCO; = | mol CO). The ber of 
moles of CaCO; present in 45.0 gis 


1 
moles of CaCO; = 45.0 g CaCO, x Os 
100.1 g CaCO; 


= 0.450 mol CaCO, 


Therefore 0.450 mole of CO, is produced. Since 1 mole of CO), occupies 22.4! |. « STP, 
the volume occupied by 0.450 mole is 


volume of CO, = 0.450 mol CO, x 22.41 L CO> 
1 mol CO, 
= 10500 


Similar problems: 5.60, 5.66. 


EXAMPLE 5.18 


The first step in the industrial preparation of nitric acid (HNO) is the production of nitric 
oxide (NO) from ammonia (NH3) and oxygen (O,): 


4NH3(g) + 502(g) —> 4NO(g) + 6H30(g) 


If 3.00 L of NH; at 802°C and 1.30 atm completely reacts with oxygen, how many liters 
of steam measured at 125°C and 1.00 atm are formed? 


5.6 STOICHIOMETRY INVOLVING GASES 


Answer 


Onur first step is to find the volume that would be occupied by the NH; at 125°C and | atm. 
“once my = M2, we can use Equation (5.8): 


PV, _ PoV2 
TT 
P; = 1.30 atm P> = 1.00 atm 
V; = 3.00 L V=? 


T, = (802 + 273) K = 1075 K Tz = (125 + 273) K = 398 K 


anging Equation (5.8) gives 


T; 
Via Vix xe 
a. Ty 
1.30 atm 398 K 
= OO = 1.444L 
1.00 atm 1075 K 


‘owing the procedure in Example 5.16, the volume of gaseous H3O (steam) is given by 


6LH,0 
4L NH; 


volume of H,O = 1.444 L NH; x 
= 2.17L H,0 


\ternative approach to this problem is first to calculate the number of moles of 


NE. that react, using Equation (5.7). Next calculate the number of moles of H,O 
pre d from the relationship 4 mol NH; = 6 mol H,0. Finally, calculate the vol- 
ume of H,O at 125°C and 1.00 atm, again using Equation (5.7). 


\MPLE 5.19 
‘lask of volume 0.85 Lis filled with carbon dioxide (CO>) gas at a pressure of 1.44 atm 


od a temperature of 312 K. A solution of lithium hydroxide (LiOH) of negligible volume 
troduced into the flask. Eventually the pressure of CO2 is reduced to 0.56 atm be- 


cause some CO) is consumed in the reaction 
CO3(g) + 2LiOH(aqg) —> Li2CO3(aq) + H,0(/) 


How many grams of lithium carbonate are formed by this process? Assume that the 
temperature remains constant. 


Answer 


First we calculate the number of moles of COz consumed in the reaction. The drop in 
pressure, which is 1.44 atm — 0.56 atm, or 0.88 atm, corresponds to the consumption of 


CO). From Equation (5.7) we write 
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The ability of LiOH to react 
with CO, makes it useful as an 
air pur in space vehicles 
and submarines, 
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As mentioned earlier, gas 
pressure results from the 
impact of gas molecules 
against the walls of the 
container. 


The result shows that Py 
depends only on the total 
number of moles of gas 
present, not on the nature of 
the gas molecules. 
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ns (0.88 atm)(0.85 L) 
~ (0.0821 L- atm/K - mol)(312 K) 
From the equation we see that 1 mol CO) = 1 mol Li,CO3, so the amount of Li,CO, 


formed is also 0.0292 mole. Then, with the molar mass of LixCO; (73.89 g) we calculate 
its mass: 


= 0.0292 mol 


73.89 g LizCO3; 


i = 0.0292 mol Li,CO; x 
mass of LizCO; formed = 0.0292 mol Li,CO; 1 mol Li,CO, 


=2.2 gz Li,CO; 


5.7 Dalton’s Law of Partial Pressures 


Thus far we have concentrated on the behavior of pure gaseous substances. However, 
experimental studies are very often based on mixtures of gases. For example, we may 
be interested in the pressure-volume-temperature relationship of a sample of air, which 
contains several gases. In considering a gaseous mixture, we need to understand how 
the total gas pressure is related to the pressures of individual gas components in the 
mixture, called partial pressures. In 1801 Dalton formulated a law, now known as 
Dalton’s law of partial pressures, which states that the total pressure of a mixture of 
gases is just the sum of the pressures that each gas would exert if it were present alone. 

Consider a case in which two gaseous substances, A and B, are in a container of 
volume V. The pressure exerted by gas A, according to Equation (5.7), is 


naRT 
V 


A= 


where 7a is the number of moles of A present. Similarly, the pressure exerted by gas B 
is 


ngRT 


Pe 
ny 


Now, in a mixture of gases A and B, the total pressure Py is the result of the collisions 
of both types of molecules, A and B, with the walls. Thus, according to Dalton’s law, 


ed ING wis (5.11) 
nyRT 
— JA 4 MeRT 
V Vv 


RT 
= oy a + np) 


_ mRT 


V 


where n, the total number of moles of Sases present, is given by n = na + mp, and Pa 


5.7 DALTON'’S LAW OF PARTIAL PRESSURES 


and Py are the partial pressures of gases A and B, respectively. In general, the total 
pressure of a mixture of gases is given by 


Pr=P\+P,+P3+... 


where P;, Pz, P3, . . . are the partial pressures of components 1, 2, 3,.... 
There is a simple relation between total pressure and individual partial pressures. 
Consider again the case of a mixture of gases A and B. Dividing P, by Pr, we obtain 


Pa oy naRT/V 
Pr (a + np)RTIV 
= Na 
z na + ng 
=e 


where X, is called the mole fraction of gas A. The mole fraction is a dimensionless 
quantity that expresses the ratio of the number of moles of one component to the 
number of moles of all components present. It is always smaller than 1, except when A 
is the only component present. In that case, ng = 0 and X, = na/na = 1. We can now 
express the partial pressure of A as 


Pa = XpPy 
Similarly, 
Pg = XpPr 
Note that the sum of mole fractions must be unity. If only two components are present, 
then “ 
tr ee eo 


na + Np na + np 
If a system contains more than two gases, then the partial pressure of the ith component 
is related to the total pressure by 
Pi =XiPr | (5.12) 
where X; is the mole fraction of substance 1. 


From mole fractions and total pressure, we can calculate the partial pressures of 
individual components, as Example 5.20 shows. 


EXAMPLE 5.20 


‘Assume that 1 mole of air molecules contains 0.78 mole of molecular nitrogen, 0.21 mole 
of molecular oxygen, and 0.010 mole of argon. Calculate the partial pressures of these 


gases when the total air pressure is 1.0 atm. 


Answer 


The total pressure of the air is given by 


nRT = 
i msg b> 0 deal V 


193 


194 


5 / THE GASEOUS STATE 


where ny, No,, and na; are the numbers of moles of the gases present. The partia! pressure 
of nitrogen gas is 
RT 
Py, = Ny 
Taking the ratio of Py,/Pair, We get 
0.78 mol 
Ei ee = 0.78 
Par nN, + No, + Nar 1 mol 


where Xv, is the mole fraction of nitrogen gas in the air. Thus 


Py, = 0.78 X 1.0 atm 


= 0.78 atm 
Similarly, 
Po, ms Xo, x 1.0 atm 
= 0.21 atm 
and 
Pa, = Xa, X 1.0 atm 
= 0.010 atm 
Similar problems: 5.72, 5.74. 
SCL“ LLU Eee 
Dalton’s law of partial pressures has a practical application in calculatin: /olumes 
of gases collected over water, for example, oxygen. When potassium chlorate | <C1O3) 


is heated, the products are KCI and QO): 


2KC10,(s) ++ 2KCI(s) + 302(g) 


The evolved oxygen gas can be collected over water, as shown in Figure 5.15. Ini- 
tially, the inverted bottle is completely filled with water. As oxygen gas is generated, 
the gas bubbles rise to the top and water is pushed out of the bottle. Note that this water 
displacement method for collecting a gas is based on the assumptions that the gas does 
not react with water and that it is not appreciably soluble in it. These assumptions are 
valid for oxygen gas, but the procedure will not work for gases such as NH;, which 
dissolves readily in water. The oxygen gas collected in this way is not pure, however, 
because water vapor is also present in the same space. The total gas pressure is equal to 
the sum of the pressures exerted by the oxygen gas and the water vapor: 


Pr = Po, + Pao 


Consequently, we must allow for the Pressure caused by the presence of water vapor 
when we calculate the amount of O, generated. Table 5.3 shows the pressure of water 
vapor at various temperatures. These data are plotted in Figure 5.16 

Example 5.21 shows that we can use Dalton’s law toc he 2 


f a gas 
collected over water. eae weamonmtors & 


5.7 DALTON’S LAW OF PARTIAL PRESSURES 


Bottle being filled 
with oxygen gas 


KCIO3 and 
MnO) 


Bottle filled with water Bottle full 
ready to be placed in Otte culL OB Gx een Eas 


the plastic basin 


©YGURE 5.15 An apparatus for collecting gas over water. The oxygen generated by heating 
»tassium chlorate (KCIO3) in the presence of a small amount of manganese dioxide (MnO>, to 

speed up the reaction) is bubbled through water and collected in a bottle as shown. Water 
-ieinally present in the bottle is pushed into the trough by the oxygen gas. 


Pressure (mmHg) 


0 20 40 60 80 100 
Temperature (°C) 


FIGURE 5.16 The pressure of water vapor as a function of temperature. Note that at the 
boiling point of water (100°C) the pressure is 760 mmHg, which is exactly equal to one atmos- 


phere of pressure. 
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TABLE 5.3 Pressure of 
Water Vapor at Various 
Temperatures 


Temperature Pressure (mmHg) 


(°C) 


of Water Vapor 


4.58 
6.54 
9.21 
12.79 
17.54 
23.76 
31.82 
42.18 
55.32 
71.88 
92.51 
118.04 
149.38 
187.54 
233.7 
289.1 
355.1 
433.6 
525.76 
633.90 
760.00 
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fo SS 
EXAMPLE 5.21 


Oxygen gas generated in the decomposition of potassium chlorate is collected as shown in 
Figure 5.15. The volume of the gas collected at 24°C and atmospheric pressure of 


762 mmHg is 128 mL. Calculate the mass (in grams) of oxygen gas obtained. ‘The pres- 
sure of the water vapor at 24°C is 22.4 mmHg. 


Answer s 


Our first step is to calculate the partial pressure of O2. We know that 
Py Ss Po, on Pu, 


therefore 


Po, = Pr = Pro 
= 762 mmHg — 22.4 mmHg 
= 740 mmHg 
“i “Tatm 
oe eb vanity 


= 0.974 atm 


From the ideal gas equation we write 
PV = nRT = RT 
M 
where m and JL are the mass of O; collected and the molar mass of O, respectively. 
Rearranging the equation we get 


PVA ie (0.974 atm)(0.128 L)(32.00 g/mol) 


RT (0.0821 L- atm/K - mol)(273 + 24) K 
= 0.164 g 


1 


Similar problem: 5.77, 
eee 


The following Chemistry in Action describes Some interesting applications of the 
gas laws. 


CHEMISTRY IN ACTION/SCUBA DIVING AND THE GAS LAWS 


CHEMISTRY IN ACTION 


SCUBA DIVING AND THE GAS LAWS 
a SS SS 


The gas laws discussed in this chapter are vitally im- 
portant to scuba divers like Jacques Costeau (Figure 
5.17). (*Scuba’’ is an acronym for Self-Contained 
Underwater Breathing Apparatus.) Two examples of 
how these laws are applied in scuba diving will be 
given here. 

Seawater has a slightly higher density than fresh 
water—about 1.03 g/cm?, compared to 1.00 g/em>— 
therefore, the pressure exerted by a column of 33 ft of 
seawater is equivalent to 1 atm pressure. Pressure in- 
creases with increasing depth, so at a depth of 66 ft the 
pressure will be 2 atm, and so on. 

What would happen if a diver rose to the surface 
rather quickly without breathing? If the ascent started at 
20 ft under water, the total decrease in pressure for this 
change in depth would be (20 ft/33 ft) x 1 atm, or 
0.6 atm. When the diver reached the surface, the vol- 
ume of air trapped in the lungs would have increased by 
a factor of (1 + 0.6) atm/1 atm, or 1.6 times. This sud- 
den expansion of air can fatally rupture the membranes 
of the lungs. Another serious possibility is that an air 
embolism might develop. As air expands in the lungs, it 
is forced into blood vessels and capillaries. Air bubbles 
formed in this manner can prevent normal blood flow 
to the brain. When this happens, a diver may lose con- 


FIGURE 5.17 A scuba diver. 
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sciousness before reaching the surface. The only cure 
for air embolism is recompression. The victim is placed 
in a chamber filled with compressed air. Here bubbles 
in the blood can be slowly squeezed down to harmless 
size. This painful process may take as long as a day to 
complete. 

Dalton’s law also has a direct application to scuba 
diving. The partial pressure of oxygen gas in air is 
about 0.20 atm. Because oxygen is so essential for our 
survival, it is hard to believe that it could be harmful if 
we breathe more than our normal share. Nevertheless, 
the toxicity of excess oxygen is well established, al- 
though the mechanisms involved are not yet fully un- 
derstood. For example, newborn infants placed in oxy- 
gen tents often develop retrolental fibroplasia (damage 
of the retinal tissue), which can cause partial or total 
blindness. 

Our bodies function best when oxygen gas has a 
partial pressure of about 0.20 atm. The oxygen partial 
pressure is given by 


No, 
Po, = XoPr = ———P; 
No, ed nN, 


where Pr is the total pressure. However, since volume 
is directly proportional to the number of moles of gas 
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present (at constant temperature and pressure), we can 
now write 


Po, = —2—P. 
* Yet he 


Thus the composition of air is 20 percent oxygen gas 
and 80 percent nitrogen gas by volume. When a diver is 
submerged, the composition of the air he or she 
breathes must be changed. For example, at a depth 
where the total pressure is 2.0 atm, the oxygen content 
in air should be reduced to 10 percent by volume to 
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or 
Vo,  _ 0.20 atm 
Vo, + Vn, 2.0 atm 
or 10 percent. 

Although nitrogen gas may seem to be the obvious 
choice to mix with oxygen gas, there is a serious prob- 
lem with it. When the partial pressure of nitrog. gas 
exceeds | atm, a sufficient amount of the gas © dis- 
solved in the blood to cause a condition known as | //tro- 
gen narcosis. The effects on the diver resemble ‘hose 
associated with alcohol intoxication. Divers su’ >ring 
from nitrogen narcosis have been known to do singe 


0.10 


apn, : : things, such as dancing on the sea floor and © sing 
maintain the same partial pressure of .20 atin, that 18, sharks. For this reason, helium is often used to “‘ilute 
oxygen gas. Helium is an inert gas, much less «~ uble 
Po, = 0.20 atm = Vo; x 2.0 atm in blood than nitrogen, and does not produce an nar- 

Vo, + Vn, cotic effects. 


5.8 The Kinetic Molecular Theory of Gases 


The gas laws help us to predict the behavior of gases, but they do not expla’. at the 
molecular level, the changes in volume, pressure, or temperature when cond: ons are 
altered. For example, why does the volume of a gas expand upon heating? Sting in 
the 1850s, a number of physicists, notably Ludwig Boltzmann in Germany 2’ James 
Clerk Maxwell in England, found that the physical properties of gases © ld be 
satisfactorily explained in terms of the motions of individual molecules. This © »proach 
serves to illustrate what we mean by observing phenomena in the macroscoy iv world 
(pressure, volume, temperature changes) and interpreting the behavior in th micro- 
scopic world (properties of molecules), as discussed in Section 1.2. Boltzm mn and 
Maxwell’s work subsequently laid the foundation for the kinetic molecular (cory of 
gases. 

The kinetic molecular theory of gases (sometimes called simply the kinetic ‘)\cory of 
gases) is based on the following assumptions: 


1. A gas is composed of molecules that are separated from each other by distances far 
greater than their own dimensions. The molecules can be considered to be 
points’’; that is, they possess mass but have negligible volume. 


eS ee Se ee 
Cee aioe Bela (1844-1906). Austrian physicist. One of the greatest theoretical physicists of 

Fr, nS work was not recognized by other scientists in hi ifeti g oF 
health and great depression, he committed suicide in 1906. — 
James Clerk Maxwell (1831-1879). Scottish 
teenth century, his work covered many areas in 
and electricity and magnetism. 


physicist. One of the great theoretical physicists of the nine- 
physics, including kinetic theory of gases, thermodynamics, 


5.8 THE KINETIC MOLECULAR THEORY OF GASES 


2. Gas molecules are in constant motion in random directions and they frequently 
collide with one another. Collisions among molecules are perfectly elastic. Al- 
though energy may be transferred from one molecule to another as a result of a 
collision, the total energy of all the molecules in a system remains the same. 


3. Gas 


molecules exert neither attractive nor repulsive forces on one another. 


‘ic average kinetic energy of the molecules is proportional to the temperature of 


ie gas in kelvins. Any two gases at the same temperature will have the same 


vorage kinetic energy. The average kinetic energy of a molecule is written 


KE = dmc 
re mis the mass of the molecule and c is its speed. The horizontal bar denotes 


‘verage value. According to the kinetic molecular theory: 


KE«r 
4mc? « T 
= kT (5.13) 


where k is the proportionality constant. 


bety 
collis 
prov 
abso 
cule 
mole 
son, 


is rele 


cording to the kinetic molecular theory, gas pressure is the result of collisions 
-2 molecules and the walls of the container. It depends on the frequency of 
)0 per unit area and how ‘“‘hard’’ the molecules strike the wall. The theory also 
‘es a molecular interpretation of temperature. According to Equation (5.13), the 
© temperature of a gas is a measure of the average kinetic energy of the mole- 
4 other words, the absolute temperature is an index of the random motion of the 
‘es—the higher the temperature, the more energetic the motion. For this rea- 
om molecular motion is sometimes referred to as thermal motion, because it 
d to the temperature of the gas sample. 


App!cation to the Gas Laws 


Alth« 
cal dé 


apply 


uvh the kinetic theory of gases is based on a rather simple model, the mathemati- 


tails involved are very complex. However, on a qualitative basis, it is possible to 


1c theory to account for the general properties of substances in the gaseous state. 


The following examples illustrate the range of its usefulness and applicability: 


Compressibility of gases. Since molecules in the gas phase are separated by large 
distances (Assumption 1), gases can be compressed easily to occupy smaller 
volumes. ; . 

Boyle’s law. The pressure exerted by a gas results from the impact of its mole- 
cules on the walls of the container. The rate, or the number of molecular colli- 
sions with the walls per second, is proportional to the number density (that is, 
number of molecules per unit volume) of the gas. Decreasing the volume of a 
given amount of gas increases its number density and hence its collision rate. For 
this reason, the pressure of a gas is inversely proportional to the volume it 


occupies. 
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Another way of stating 
Avogadro’s law is that at the 
same pressure and 
temperature, equal volumes of 
gases, whether they are the 
same or different gases, 
contain equal numbers of 
molecules. 
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@ Charles’ law. Since the average kinetic energy of gas molecules is proportional 
to the sample’s absolute temperature (Assumption 4), raising the temperature 
increases the average kinetic energy. Consequently, molecules will collide with 
the walls of the container more frequently and with greater impact if the gas is 
heated, and thus the pressure increases. The volume of gas will expand until the 
gas pressure is balanced by the constant external pressure (see Figure 5.7), 

@ Avogadro's law. We have shown that the pressure of a gas is directly propor- 
tional to both the density of the gas (m/V) and the temperature of the gas. Since 
the mass of the gas is directly proportional to the number of moles (”) of the gas, 
we can represent density by n/V. Therefore 


n 
Po—T 
4 
For two gases, 1 and 2, we write 
ay 
pigeaie gts 
Yi Vv; 
P, ¥ NT = NT 2 
V2 V2 


Thus, for two gases under the same conditions of pressure, volume, and tempera- 
ture (that is, when P; = Po, T; = T2, and V, = V2), it follows that nm, = m, 
which is a mathematical expression of Avogadro’s law. 

@ Dalton’ s law of partial pressures. If molecules do not attract or repel one another 
(Assumption 3), then the pressure exerted by one type of molecule is unaffected 
by the presence of another gas. Consequently, the total pressure is given by the 
sum of individual gas pressures. 


Distribution of Molecular Speeds 


The kinetic theory of gases allows us to investigate molecular motion in more detail. 
Suppose we have a large number of molecules of a gas, say, one mole, in a container. 
As you might expect, the motion of the molecules is totally random and unpredictable. 
As long as we hold the temperature constant, however, the average kinetic energy and 
the average molecular speed (c) will remain unchanged as time passes. The characteris- 
tic that is of interest to us here is the spread, or distribution, of molecular speeds. Ata 
given instant, how many molecules are moving at a particular speed? An equation to 
solve this problem was formulated by Maxwell in 1860. The equation, which incorpo- 
rates the assumptions we have mentioned (p. 198), is based on a statistical analysis of 
the behavior of the molecules. 

Figure 5.18 shows typical Maxwell speed distribution curves for nitrogen gas at two 
different temperatures. At a given temperature, the distribution curve tells us the num- 
ber of molecules moving at a certain speed. The peak of each curve gives the most 
probable speed, that is, the speed of the largest number of molecules. Note that at the 
higher temperature the most probable speed is greater than at the lower temperature. 
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Number of molecules 
Number of molecules 


cy 3 
Molecular speed c Molecular speed c 


(a) (b) 


“URE 5.18 Maxwell’s speed distribution for Nz gas at (a) temperature T; and (b) a higher 
temperature T. Note that the curve flattens out at the higher temperature. The shaded areas 
resent the number of molecules traveling at a speed equal to or greater than a certain speed 
The higher the temperature, the greater the number of molecules moving at high speed. 


Comparing parts (a) and (b) of Figure 5.18, we see that as temperature increases, not 
only does the peak shift toward the right, but the curve also flattens out, indicating that 
larger numbers of molecules are moving at greater speeds. 

The average speed, c, is defined as 


sum of all molecular speeds 


total number of molecules present 
Cy bien +++ + cK 
N 


[2.55 RT 
C= 2.55 RT (5.14) 
M 


where R is the gas constant, T is the temperature in kelvins, and Jl is the molar mass of 
be gas. From Equation (5.14) you can see that the average speed of a gas increases 
vith the square root of its absolute temperature. Because J appears in the denomina- 
‘or, it follows that the heavier the gas, the more slowly its molecules move. If we use 
8.314 /K- mol for R (see Appendix 2) and convert the molar mass to kg/mol, then c 
will be calculated in m/s. This procedure is used in Example 5.22. 


Maxwell showed that 


EXAMPLE 5.22 
Calculate the average speeds of helium atoms and nitrogen molecules (in meters per 
second) at 25°C. 
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Answer 


We need Equation (5.14) for this calculation. For He the molar mass is 4.003 » nol, or 


4.003 x 10> kg/mol: 
5 eee 
ae ea 
ace) BLS Gi 
5 4.003 x 10° kg/mol 
= V1.58 x 10° Vkg 


Using the conversion factor (see Section 1.6) 


1J=1 kg m/s? 


we get 


¢ = V1.58 X 10° kg m*/kg - s 
= V1.58 X 10° m*/s? 
= 1.26 x 10° m/s 


13 ieee cL Ly 
ee 2.802 x 10-2 kg/mol 

= V2.255 x 10° m2/s? 

= 475 m/s 


Similarly for No, 


Because of its smaller mass, a helium atom, on the average, moves about 2} tim: fast 
as a nitrogen molecule at the same temperature (1260 + 475 = 2.65). 


Similar problems: 5.87, 5.88. 


The calculation in Example 5.22 has an interesting relationship to the cor position 
of Earth’s atmosphere. Earth, unlike, say, Jupiter, does not have appreciable «mounts 


of gases such as hydrogen or helium in its atmosphere. Why is this the case’? smaller 
planet, Earth has a weaker gravitational attraction for these lighter molecules. A fairly 
straightforward calculation shows that to escape Earth’s gravitational field, a molecule 


must possess a speed equal to or greater than 1.1 X 10° m/s. This is usually called the 
escape velocity. Because the average speed of helium is considerably greater than that 
of molecular nitrogen or molecular oxygen, more helium atoms escape from Earth’s 
atmosphere into outer space. Consequently, only a trace amount of helium is present in 
our atmosphere. Jupiter, on the other hand, with a mass about 320 times greater than 
that of Earth, is able to retain both heavy and light gases in its atmosphere. 


Mean Free Path 


We have seen that the molecules in a gas sample are continually colliding with one 
another or with the walls of the container. If we could follow a particular molecule 
from one side of a room to the other, we would find that its motion is entirely random— 


5.9 GRAHAM’S LAW OF DIFFUSION AND EFFUSION 


[C22 5.19 The distances traveled by a molecule between successive collisions. 


its -oth constantly changing as a result of collisions. The average distance traveled by 


ay ecule between successive collisions is called the mean free path (Figure 5.19). 
The ~can free path of a gas is inversely proportional to its density; the higher the 
di the smaller the mean free path. Calculations based on the kinetic molecular 
the show that the mean free path of air molecules at sea level is about 6 x 10°° cm. 
In te upper atmosphere, say, 100 km above sea level, where the air density is much 
lov ‘he mean free path is on the order of 10 cm. In intergalactic space, where there 


are only about one hundred molecules per cubic centimeter, the mean free path is 
3 )2 om or 2 X 107 miles! 


5. Graham’s Law of Diffusion and Effusion 


Di fasion 

Gas “fusion, the gradual mixing of molecules of one gas with molecules of another by 
vive. of their kinetic properties, provides a direct demonstration of random motion. 
Des: ‘te the fact that molecular speeds are very great, the diffusion process itself takes a 
rele: vely long time to complete. For example, when a bottle of concentrated ammonia 
solu on is opened at one end of a lab bench, it takes some time before a person at the 
other end of the bench can smell it. The reason is that in moving from one end of the 
benc® to the other, a molecule experiences numerous collisions, as shown in Figure 
5.19. Thus, diffusion of gases always happens gradually, and not instantly as molecu- 
lar speeds seem to suggest. Furthermore, because the average speed of a light gas is 
greater than that of a heavy gas (see Example 5.22), a lighter gas will diffuse through a 
ceriain space more quickly than will a heavier gas. 


iy 1832 the Scottish chemist Thomas Graham+ found that under the same condi- 
tions of temperature and pressure, rates of diffusion for gaseous substances are in- 
versely proportional to the square roots of their molar masses. This statement, now 
known as Graham’s law of diffusion, is expressed mathematically as 


pac pa (5.15) 
By M 


where r; and rz are the diffusion rates of gases | and 2, and MM and M, are the molar 


+ Thomas Graham (18051869). Scottish chemist. Graham did important work on osmosis and characterized 


a number of phosphoric acids. 
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Vacuum 


Gas 


FIGURE 5.20 Gaseous effu- 
sion. Gas molecules move from a 
high-pressure region (left) to a 
low-pressure region through a 
pinhole. 


Flow of gas 


Porous barrier 


oLight gas 
@Heavy gas 


FIGURE 5.21 Rates of effusion 
of a heavy gas (solid circles) and 
a light gas (open circles) through 
a porous barrier. A porous bar- 
rier contains many tiny holes 
suitable for effusion. Light gases 
effuse more rapidly than heavy 
gases. 
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masses, respectively. Equation (5.15) is based on experimental observation, but it can 
also be deduced from the kinetic theory of gases as follows. Consider two gases, | and 
2. We apply Equation (5.14) as follows: 


2 DSSIRD A ee DSIRE: 
is ENTE, 


where ¢; and @ are the average speeds of gas | and gas 2, respectively. The ratio of 
the two average speeds is 
2.55 RT 
cl M, 
C 2.59 RT 
_ [2.55 RT Mo 
My 2.55 RT 
At 
Since the rate of diffusion is proportional to the average speed, this equation \~ equiva- 
lent to Equation (5.15). 
Effusion 
Whereas diffusion is a process by which one gas gradually mixes with ano‘! er, effu- 
ston is the process by which a gas under pressure escapes from one compar’ ent of a 
container to another by passing through a small opening. Figure 5.20 si:ows the 
effusion of a gas into a vacuum. Although effusion differs from diffusion in pure, the 
rate of effusion of a gas is also given by Graham’s law of diffusion [(Equation (5.15)]. 
As in the case of diffusion, we see that at a given temperature lighter gases ef! ise faster 


than heavier gases (Figure 5.21). A practical demonstration of gaseous ci/usion is 
shown in Figure 5.22. 
The following example compares the effusion rates of two gases. 


el 


EXAMPLE 5.23 


Compare the effusion rates of helium and molecular oxygen at the same temperature and 
pressure. 


Answer 
From Equation (5.15) we write 
at 32.00 g/mo! 
= yy E™ = 2 807 
Thus helium effuses 2.827 times faster than oxygen. 


Similar problem: 5.98. 
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(a) (b) 
F 5.22 (a) A porous cup fitted with glass tubing and stopper is attached to a washbottle 
fi h water. (b) An inverted beaker filled with hydrogen gas is placed over the porous cup. 
B nolecular hydrogen is lighter than air, it effuses through the cup into the bottle faster 
th ir in the bottle can effuse out. The difference in the effusion rates results in a greater 
2 sure inside the bottle. Consequently, water is squirted out of the bottle. 


ractice, the rate of effusion of a gas is inversely proportional to the time it takes 
fo sas to effuse through a barrier—the longer the time, the slower the effusion 
rate. From Equation (5.15) we can write 
Ey earie2 


(5.16) 


te ns 


wi and f are the times for effusion for gases | and 2, respectively. 
uple 5.24 shows that measuring effusion rates can help us identify gases. 


an | 


\MPLE 5.24 
. flammable gas made up only of carbon and hydrogen is generated by certain anaerobic 
bacterium cultures in marshlands and areas where sewage drains. A pure sample of this 
5 was found to effuse through a certain porous barrier in 1.50 min. Under identical 
conditions of temperature and pressure, it takes an equal volume of bromine gas (the 
molar mass of Bry is 159.8 g) 4.73 min to effuse through the same barrier. Calculate the 
molar mass of the unknown gas, and, suggest what this gas might be. 


Answer 


From Equation (5.16) we write 


1.50 min___| M 
159.8 g/mol 


4.73 min 
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where Ml is the molar mass of the unknown gas. Solving for 1, we obtain 


1.50 min 
a (stain 


Since the molar mass of carbon is 12.01 g and that of hydrogen is 1.008 g, 


methane (CH,). 


Similar problems: 5.96, 5.97. 


The following Chemistry in Action shows that gaseous effusion playc 
portant role in the development of the atomic bomb. 


Graham’s law finds an important application in the sep- 
aration of isotopes. Based on Equation (5.15), we de- 
fine a quantity called the separation factor (s) such that 


Thus the value of s indicates how well gases 1 and 2 
can be separated from each other in a one-stage effu- 
sion process; the larger the separation factor, the more 
efficient the separation process. The minimum value of 
sis one, which indicates the gases are inseparable. (We 
assume that AM, > M).) 

Let us consider the separation of two gases: the light 
and heavy isotopes of hydrogen, H> and D>. We have 


4.0 
=\—=14 
2.0 


On the other hand, if we want to separate the two iso- 
topes of neon, *°Ne and 7*Ne, the separation factor 
becomes 


Because 7°Ne and 7*Ne differ little in mass, this separa- 
tion process is less efficient than that of Hy and D5. 
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CHEMISTRY IN ACTION 


SEPARATION OF ISOTOPES BY GASEOUS EFFUSION 


Oe 


2 
) x 159.8 g/mol 


4.73 min 
= 16.1 g/mol 


> gas is 


—a 


very im- 
— 

During the Second World War, scientists ¢ -overed 
that a particular isotope of uranium, 7°U, «. lergoes 
nuclear breakdown when bombarded wit! itrons. 
The amount of energy released in the pri is so 
enormous that even a relatively small ani of the 
substance, about 500 g, could be used to br bomb 
with a capacity for destruction unparalleled — human 
history. An intensive effort was launched rd en- 
tiching uranium with this isotope. The nat abun- 
dance of the two uranium isotopes 2°5U anv © °U are 
0.72 percent and 99.28 percent, respecti Since 
isotopes of the same element do not differ | »m each 
other in chemical properties, the problem of arating 
“°U from the more abundant 23%U isotope wus formi- 
dable indeed. The separation method final!) chosen 
was gaseous effusion. Uranium can be converted into 
uranium hexafluoride, UF., which is easily vaporized 
above room temperature. The advantage of this com- 
pound is that fluorine consists of a single stable iso- 
oe so the ‘separation involves only two species: 
mae and ““UFs. Note that 25UF, differs from 
6 by less than 1 percent by mass! The separation 

factor for these two substances is given by 

. [28.05 FX 18.998) 
s= V>=- = 1.0043 
235.04 + (6 x 18.998) 


5.10 DEVIATION FROM IDEAL BEHAVIOR 


‘OURE 5.23 The uranium enrichment process involves thousands of stages. This photo 
| »ws what each individual unit in the separation apparatus looks like. Uranium hexafluo- 
e is cycled through the apparatus—consisting of large motors, compressors, valves, dif- 
| er tanks, and pipes—to achieve separation of *°U from 7°U. Note that although the 

sration is brought about by gaseous effusion, both the scientific community and the public 
! the plant a gaseous diffusion plant. 


s is a very small separation factor, but the situation uranium with about 99 percent enrichment of the 7*°U 

s not entirely hopeless. After a second effusion proc- _ isotope. This is essentially what happened. A large- 

the overall separation factor becomes 1.0043 x scale effusion plant was built at Oak Ridge, Tennessee. 

043, or 1.0086, a slight improvement. In the partic- | A sample of the gas was passed through a long series of 

© case of uranium hexafluoride, then, the separation porous barriers (Figure 5.23), and at last 7°°UF, was 

or for an n-stage process is 1.0043”. If nis a large obtained with the desired isotopic purity. With this fuel 
imber, say 2000, then it is indeed possible to obtain _ scientists created the atomic bomb. 


5. © Deviation from Ideal Behavior 


So far our discussion has assumed that molecules in the gaseous state do not exert any 
force, either attractive or repulsive, on one another. Further, we have assumed that the 
volume of the molecules is negligibly small compared to that of the container. A gas 
that satisfies these two conditions is said to exhibit ideal behavior. 

These would seem to be fair assumptions, although we cannot expect them to hold 
under all conditions. For example, without intermolecular forces, gases could not 
condense to form liquids. The important question is: Under what conditions will gases 
most likely exhibit nonideal behavior? : 

Figure 5.24 shows the PV/RT versus P plots for three real gases at a given tempera- 
ture. These plots offer a test of ideal gas behavior. According to the ideal gas equation 
(for 1 mole of the gas), PV/RT equals one, regardless of the actual gas pressure. For 
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When n = 1, PV = nRT becomes 
PV = RT or PV/RT = 1. 


208 


5 / THE GASEOUS STATE 


CH, 
2.0 — H, 
NH, 
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FIGURE 5.24 Plot of PV/RT versus P of one mole of a gas at 0°C. For one mole of an ideal 
gas, PV/RT is equal to one, no matter what the pressure of the gas is. For real gases observe 
various deviations from ideality at high pressures. Note that at very low pressures. «ll gases 
exhibit ideal behavior; that is, their PV/RT values all converge to one as P appro: § zero. 
real gases, this is true only at moderately low pressures (= 10 atm); significo.' devia- 


tions are observed as pressure increases. The attractive forces among molecu ‘es oper- 
ate at relatively short distances. For a gas at atmospheric pressure, the molecules are 
relatively far apart and these attractive forces are negligible. At high press res, the 


density of the gas increases; the molecules are much closer to one anot!)-’. Then 
intermolecular forces can become significant enough to affect the motion of \< mole- 
cules, and the gas will no longer behave ideally. 

Another way to observe the nonideality of gases is to lower the temperatu’. Cool- 
ing a gas decreases the molecules’ average kinetic energy, which in a sense ‘‘2prives 
molecules of the drive they need to break away from their mutual attractive in| sences. 


The nonideality of gases can be dealt with mathematically by modifying !quation 
(5.7), taking into account intermolecular forces and finite molecular volumes. Such an 
analysis was first made by the Dutch physicist J. D. van der Waals} in 1873. Sesides 
being mathematically simple, van der Waals treatment provides us with an in:erpreta- 
tion of real gas behavior at the molecular level. 

Consider the approach of a particular molecule toward the wall of a container 
(Figure 5.25). The intermolecular attractions exerted by its neighbors tend to soften the 
impact made by this molecule against the wall. The overall effect is a lowered gas 
pressure, as compared to a gas with no such attractive forces present. Van der Waals 


suggested that the pressure exerted by an ideal gas, Pigeal, is related to the experimen- 
tally measured pressure, Prox, by 


an 
Pideat = Pret + = — 
v2 

observed correction 
pressure term 


+Johannes Diderick van der Waals (1837-1923). Dutch physici ize i 
f ‘i 5 # f cist. V. i E Q a 
physics in 1910 for his work on the properties of ic a Tiquids. ee 
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where a is a constant and n and V are the number of moles and volume of the gas, 
respectively. The correction term for pressure (an?/V*) can be understood as follows. 
The interaction between molecules that gives rise to nonideal behavior depends on how 
frequently any two molecules approach each other closely. The number of such ‘‘en- 
;’’ increases as the square of the number of molecules per unit volume, (nlV), 
se the presence of each of the two molecules in a particular region is proportional 
to n/V. The quantity Pigeai is the pressure we would measure if there were no intermo- 
Jecular attractions. The quantity a, then, is just a proportionality constant in the correc- 
tion term for pressure. 

other correction concerns the volume occupied by the gas molecules. The quan- 
Vv in Equation (5.7) represents the volume of the container. However, each mole- 

joes occupy a finite, although small, intrinsic volume, so the effective volume of 

becomes (V — nb), where n is the number of moles of the gas and b is a 

wot. The term nb represents the volume occupied by n moles of the gas. 

ving taken into account the corrections for pressure and volume, we can rewrite 

ion (5.7) as 


> 
an™ 


(P + a Juv — nb) = nRT 


—>——S "+ 


(5.17) 


corrected corrected 
pressure volume 


sn (5.17) is known as the van der Waals equation. The van der Waals constants 
|b are selected for each gas to give the best possible agreement between the 
on and actually observed behavior. 
foble 5.4 lists the values of a and b for a number of gases. The value of a is an 
ession of how strongly a given type of gas molecule attracts one another. We see 
se helium atoms have the weakest attraction for one another, because helium has 
allest a value. There is also a rough correlation between molecular size and b. 
lly, the larger the molecule (or atom), the greater b is, but the relationship 
en b and molecular (or atomic) size is not a simple one. 


& 5.4 Van der Waals Constants of Some Common Gases 


BS 
Gas a (atm: L7/moP) b (Limol) 

BR 
He 0.034 0.0237 
Ne 0.211 0.0171 
Ar 1.34 0.0322 
Kr 2.32 0.0398 
Xe 4.19 0.0266 
H 0.244 0.0266 
N> 1.39 0.0391 
O> 1.36 0.0318 
Ch 6.49 0.0562 
CO, 3.59 0.0427 
CH, 2.25 0.0428 
ech 20.4 0.138 
NH; 4.17 0.0371 
H,0 5.46 0.0305 


mr _ 1 << 
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FIGURE 5.25 Effect of inter- 
molecular forces on the pressure 
exerted by a gas. The speed of a 
molecule that is moving toward 
the container wall (solid circle) 
is reduced by the attractive 
forces exerted by its neighbors 
(open circles). Consequently, the 
impact this molecule makes with 
the wall is less than it would be if 
no intermolecular forces were 
present. In general, the meas- 
ured gas pressure is always 
lower than the pressure the gas 
would exert if it behaved ideally. 
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EXAMPLE 5.25 


A quantity of 3.50 moles of NH3 occupies 5.20 L at 47°C. Calculate the pressur> of the 
gas (in atm) using (a) the ideal gas equation and (b) the van der Waals equa’. on. 


Answer 


(a) We have the following data: 


V=5.20L 
T = (47 + 273) K = 320K 
n = 3.50 mol 


R = 0.0821 L- atm/K: mol 
which we substitute in the ideal gas equation: 
nRT 
= —— 
V 
_ (3.50 mol)(0.0821 L : atm/K - mol)(320 K) 
. 5.20 L 
= 17.7 atm 
(b) From Table 5.4, we have 


a= 4.17 atm: L’/mol? 
b = 0.0371 L/mol 


It is convenient to calculate the correction terms first, for Equation (5.17) are 


an? _ (4.17 atm: L/mol?)(3.50 mol)? 


v2 (5.20 L)? 
nb = (3.50 mol)(0.0371 L/mol) = 0.130 L 


= 1.89 atm 


Finally, substituting in the van der Waals equation, we write 


(P + 1.89 atm)(5.20 L — 0.130 L) = (3.50 mol)(0.0821 L- atm/K - mol)(320 “) 


P= 16.2 atm 
Note that the actual pressure measured under these conditions is 16.0 atm. Thus, the 
pressure calculated by the van der Waals equation (16.2 atm) is closer to the actua! value 


than that calculated by the ideal gas equation (17.7 atm). 


SUMMARY 


I. Gases exert pressure because their molecules collide with any surface with which 


they make contact. Gas pressure units include millimeters of mercury (mmHg), 
torr, pascals, and atmospheres. One atmosphere equals 760 mmHg, or 760 tort. 


KEY WORDS 


in 


Under atmospheric conditions, ionic compounds exist as solids rather than as 
gases. The behavior of molecular compounds is more varied. A number of ele- 
mental substances occur as gases: Hj, N2, O02, 03, Fo, Clo, and the Group 8A 
elements (the noble gases). 

The pressure-volume relationships of ideal gases are governed by Boyle’s law: 

Volume is inversely proportional to pressure (at constant T and n). 
rhe temperature-volume relationships of ideal gases are described by Charles and 
jay-Lussac’s law: Volume is directly proportional to temperature (at constant 12 

ad n). 

psolute zero (—273.15°C) is the lowest theoretically attainable temperature. The 
-ivin temperature scale takes 0 K as absolute zero. In all gas law calculations, 
mperature must be expressed in kelvins. 

he amount-volume relationships of ideal gases are described by Avogadro’s law: 
sual volumes of gases contain equal numbers of molecules (at the same 7 and P). 
1c ideal gas equation, PV = nRT, combines the laws of Boyle, Charles, and 

ogadro. This equation describes the behavior of an ideal gas. 

alton’s law of partial pressures states that in a mixture of gases each gas exerts 
= same pressure as it would if it were alone and occupied the same volume. 
ue kinetic molecular theory, a mathematical way of describing the behavior of 
os molecules, is based on the following assumptions: Gas molecules are sepa- 

-aied by distances far greater than their own dimensions, they possess mass but 

ave negligible volume, they are in constant motion, and they frequently collide 
‘th one another. The molecules neither attract nor repel one another. 
1 Maxwell speed distribution curve shows how many gas molecules are moving at 
vious speeds at a given temperature. As temperature increases, more molecules 
yve at greater speeds. 

1] 1c mean free path is the average distance traveled by a molecule between succes- 

ve collisions. It is inversely proportional to the density of the gas. 

| diffusion, two gases gradually mix with each other. In effusion, gas molecules 

vve through a small opening under pressure. Both processes demonstrate ran- 
»m molecular motion and are governed by the same mathematical laws (Gra- 
im’s laws of diffusion and effusion). 

I se van der Waals equation is a modification of the ideal gas equation that takes 
‘o account the nonideal behavior of real gases. It corrects for the fact that real 
s molecules do exert forces on each other and that they do have volume. The van 

er Waals constants are determined experimentally for each gas. 
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5 / THE GASEOUS STATE 


EXERCISES 
PRESSURE 
REVIEW QUESTIONS 


5.1. Define pressure and give the common units for pressure. 
How is the SI unit for pressure related to the standard 
atmosphere? 

5.2. Describe how a barometer is used to measure atmos- 
pheric pressure. 

5.3. Why is mercury a more suitable substance to use in a 
barometer than water? 

5.4 Explain why the height of mercury in a barometer is 
independent of the cross-sectional area of the tube. 

5.5 Would it be easier to drink water with a straw on the top 
or at the foot of Mt. Everest? Explain. 

5.6 Is the atmospheric pressure in a mine that is 500 m 
below sea level greater or less than 1 atm? 

5.7. What is the difference between a gas and a vapor? At 
25°C, which of the following substances in the gas 
phase should be properly called a gas and which should 
be called a vapor? molecular nitrogen (N>), mercury 

5.8 If the maximum distance that water may be brought up a 
well by using a suction pump is 34 ft (10.4 m), explain 
how it is possible to obtain water and oil from hundreds 
of feet below the surface of Earth. 

5.9 How does a vacuum cleaner work? 

5.10 Why do astronauts have to wear protective suits when 
they are on the surface of the moon? 

PROBLEMS 

5.11 Calculate the pressure (in mmHg) of the gas in the ar- 


rangements shown in the illustration below. The liquid 
is mercury. 


latm 
AF Vacuum 


25.0 cm 
20.0 cm 


Convert 562 mmHg to kPa and 2.0 kPa to mmHg. 
The atmospheric pressure at the summit of Mt. McKin- 
ley is 606 mmHg on a certain day. What is the pressure 
in atm? 


SUBSTANCES THAT EXIST AS GASES 
REVIEW QUESTIONS 


5.14 


5.15 


5.16 


Name five elements and five compounds ‘at exist as 
gases at room temperature. 

In terms of energy considerations, explain » y, in prin- 
ciple at least, all substances can be conyeried to the 


gaseous state by heating. 
Explain why ionic compounds never exis! “is gases at 
room temperature. 


THE GAS LAWS 
REVIEW QUESTIONS 


5.17 State the following gas laws in words and “\so in the 
form of an equation: Boyle’s law, Charles , Avoga- 
dro’s law. In each case indicate the cond:t ons under 
which the law is applicable and also give units for 
each quantity in the equation. 

5.18 Explain why a helium weather balloon exponds as it 
rises in the air. Assume that the temperaty remains 
constant. 

5.19 Define absolute zero and absolute zero scale. Write the 
relationship between °C and K. 

PROBLEMS 

5.20 A gas occupying a volume of 725 mL at a »essure of 
0.970 atm is allowed to expand at constant '-: :perature 
until its pressure becomes 0.541 atm. What. its final 
volume? 

5.21 At 46°C a sample of ammonia gas exerts a; essure of 
5.3 atm. What is the pressure when the volume of the 
gas is reduced to one-tenth (0.10) of the origin»! value at 
the same temperature? 

5.22 The volume of a gas is 5.80 L, measured at 1.00 atm. 
What is the pressure of the gas in mmHg if the volume is 
changed to 9.65 L? (The temperature remains constant.) 

5.23 A sample of air occupies 3.8 L when the pressure is 
1.2 atm. (a) What volume does it occupy at 6.6 atm? 
(b) What pressure is required in order to compress it to 
0.075 L? (The temperature is kept constant.) 

5.24 A diver ascends quickly to the surface of the water from 
a depth of 4.08 m without exhaling gas from his lungs. 
By what factor would the volume of his lungs increase 
by the time he reaches the surface? Assume the density 
of seawater to be 1.03 g/cm? and the temperature to 
remain constant. (1 atm = 1.01325 x 10° N/m? and 
acceleration due to gravity is 9.8067 m/s?.) (Hint: See 
Appendix 2.) 

5.25 


at the following temperatures to kelvin: 0°C, 
37°C, 100°C, =225°C. (b) Convert the following tem- 


wv 


Aa wm 


wu 


wn 


wn 


5.40 


peratures to degrees Celsius: 77K, 4.2K, 6.0 x 
10° K. 

A quantity of 36.4 L of methane gas is heated from 
25°C to 88°C at constant pressure. What is its final vol- 
ume? 

Under constant-pressure conditions a sample of hydro- 
gen gas initially at 88°C and 9.6 L is cooled until its 
final volume is 3.4 L. What is its final temperature? 
A dented (but not punctured) Ping-Pong ball can often 
be restored to its original shape by immersing it in very 
hot water. Why? 

Ammonia burns in oxygen gas to form nitric oxide (NO) 
wnd water vapor. How many volumes of NO are ob- 
ained from one volume of ammonia at the same tem- 
yerature and pressure? 

Violecular chlorine and molecular fluorine combine to 
form a gaseous product. Under the same conditions of 
emperature and pressure it is found that one volume of 
Cl, reacts with three volumes of F) to yield two volumes 
vf the product. What is the formula of the product? 


/DEAL GAS EQUATION 


SW QUESTIONS 


What is an ideal gas? 

Why must we use the absolute temperature scale (in- 
stead of the Celsius scale) in gas law calculations? 
Write the ideal gas equation and also state it in words. 
Give the units for each term in the equation. 

What are standard temperature and pressure (STP)? 
What is the significance of STP in relation to the volume 
of one mole of an ideal gas? 

Why is the density of a gas much lower than that of a 
liquid or solid under atmospheric conditions? What are 
the units normally used to express the density of gases? 


BLEMS 


\ sample of nitrogen gas kept in a container of volume 
2.3 L and at a temperature of 32°C exerts a pressure of 
\.7 atm. Calculate the number of moles of gas present. 
A sample of 6.9 moles of carbon monoxide gas is pres- 
ent in a container of volume 30.4 L. What is the pres- 
sure of the gas (in atm) if the temperature is 62°C? 
What volume would 5.6 moles of sulfur hexafluoride 
(SF,) gas occupy if the temperature and pressure of the 
gas are 128°C and 9.4 atm? 

Nitrous oxide (NO) can be obtained by the thermal de- 
composition of ammonium nitrate (NH4NO3). (a) Write 
a balanced equation for the reaction. (b) In a certain 
experiment, a student obtains a 0.340 L of the gas at 
718 mmHg and 24°C. If the gas weighs 0.580 g, calcu- 
late the value of the gas constant. 


A certain quantity of gas at 25°C and at a pressure of 


5.41 


5.42 


5.43 


5.44 


5.45 


5.54 
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(.800 atm is contained in a glass vessel. Suppose that 
the vessel can withstand a pressure of 2.00 atm. How 
high can you increase the temperature of the gas without 
bursting the vessel? 

A gas-filled balloon having a volume of 2.50 L at 
1.2 atm and 25°C is allowed to rise to the stratosphere 
(about 30 km above the surface of Earth), where the 
temperature and pressure are —23°C and 3.00 X 
10-3 atm, respectively. Calculate the final volume of 
the balloon. 

The temperature of 2.5 L of a gas initially at STP is 
increased to 250°C at constant volume. Calculate the 
final pressure of the gas in atm. 

The pressure of 6.0 L of an ideal gas in a flexible con- 
tainer is decreased to one-third of its original pressure 
and its absolute temperature is decreased by one-half. 
What is the final volume of the gas? 

A gas evolved during the fermentation of glucose (wine 
making) has a volume of 0.78 L when measured at 
20.1°C and 1.00 atm. What was the volume of this gas 
at the fermentation temperature of 36.5°C and 1.00 atm 
pressure? 

An ideal gas originally at 0.85 atm and 66°C was al- 
lowed to expand until its final volume, pressure, and 
temperature were 94 mL, 0.60 atm, and 45°C, respec- 
tively. What was its initial volume? 

The volume of a gas at STP is 488 mL. Calculate its 
volume at 22.5 atm and 150°C. 

A gas at 772 mmHg and 35.0°C occupies a volume of 
6.85 L. Calculate its volume at STP. 

Dry Ice is solid carbon dioxide. A 0.050-g sample of 
Dry Ice is placed in an evacuated vessel of volume 
4.6 L at 30°C. Calculate the pressure inside the vessel 
after all the Dry Ice has been converted to CO? gas. 
A sample of neon gas occupies 566 cm* at 10°C and 
772 mmHg pressure. Calculate its volume at 15°C and 
754 mmHg. 

A quantity of gas weighing 7.10 g at 741 torr and 44°C 
occupies a volume of 5.40 L. What is its molar mass? 
The ozone molecules present in the stratosphere absorb 
much of the harmful radiation from the sun. Typical 
temperature and pressure of ozone in the stratosphere 
are 250K and 1.0 X 10~* atm, respectively. How 
many ozone molecules are present in 1.0 L of air under 
these conditions? 

A 2.10-L vessel contains 4.65 g of gas at 1.00 atm and 
27.0°C. (a) Calculate the density of the gas in g/L. 
(b) What is the molar mass of the gas? 

It is quite easy to achieve a pressure as low as 1.0 x 
10°° mmHg using a diffusion pump. How many mole- 
cules of an ideal gas are present in 1.0 L at 25°C under 
this condition? 

Calculate the volume in liters of the following at STP: 
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RESP) 


5.56 


GAS 
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(a) 0.681 g of No, (b) 7.4 moles of SOs, (c) 0.58 kg of 
CH4. 

Calculate the density of hydrogen bromide (HBr) gas in 
g/L at 733 mmHg and 46°C. 

A certain anesthetic contains 64.9 percent C, 13.5 per- 
cent H, and 21.6 percent O by mass. 1.00 L of the gase- 
ous compound measured at 120°C and 750 mmHg 
weighs 2.30 g. What is the molecular formula of the 
compound? 

A volume of 0.280 L of a gas at STP weighs 0.400 g. 
Calculate the molar mass of the gas. 

Assuming that air contains 78 percent No, 21 percent 
O,, and | percent Ar, all by volume, how many mole- 
cules of each type of gas are present in 1.0 L of air at 
STP? 


STOICHIOMETRY 


PROBLEMS 


3359 


5.60 


5.61 


5.63 


Propane (C3Hg) burns in oxygen to produce carbon di- 
oxide gas and water vapor. (a) Write a balanced equa- 
tion for this reaction. (b) Calculate the number of liters 
of carbon dioxide measured at STP that could be pro- 
duced from 7.45 g of propane. 

Some commercial drain cleaners contain two compo- 
nents: sodium hydroxide and aluminum powder. When 
the mixture is poured down a clogged drain, the follow- 
ing reaction occurs: 


2NaOH(aq) + 2Al(s) + 6HO0(1) —> 
2NaAl(OH)4(aq) + 3H2(g) 


The heat generated in this reaction helps melt away ob- 
structions such as grease, and the hydrogen gas released 
stirs up the solids clogging the drain. Calculate the vol- 
ume of H, formed at STP if 3.12 g of Al is treated with 
excess NaOH. 

The equation for the metabolic breakdown of glucose 
(C6H120¢) is the same as that for the combustion of 
glucose in air: 


CoH 206(s) + 602(g) —> 6CO2(g) + 6H20() 


Calculate the volume of CO produced at 37.0°C and 
1.00 atm when 5.60 g of glucose is used up in the reac- 
tion. 

A compound of P and F was analyzed as follows: Heat- 
ing 0.2324 g of the compound in a 378-cm? container 
turned all of it to gas, which had a pressure of 
97.3 mmHg at 77°C. Then the gas was mixed with cal- 
cium chloride solution, which turned all of the F to 
0.2631 g of CaF,. Determine the molecular formula of 
the compound. 

The volume of a sample of pure HCI gas was 189 mL at 
25°C and 108 mmHg. It was completely dissolved in 


5.64 


5.65 


5.66 


5.67 


5.68 


about 60 mL of water and titrated with a NaOH soly- 
tion; 15.7 mL of the NaOH solution was required to 
neutralize the HCI. Calculate the molarity of the NaOH 
solution. 

A quantity of 0.225 g of a metal M (molar mass = 


27.0 g/mol) liberated 0.303 L of molecule: hydrogen 
(measured at 17°C and 741 mmHg) from a» excess of 
hydrochloric acid. Deduce from these data ‘he corre- 
sponding equation and write formulas for th» oxide and 
sulfate of M. 

A quantity of 73.0 g of NH; is mixed wi’! an equal 
mass of HCl. What is the mass of the | NH,Cl 
formed? What is the volume of the gas \-maining, 
measured at 14.0°C and 752 mmHg? Wh is is it? 
Dissolving 3.00 g of an impure sample of um car- 
bonate in hydrochloric acid produced 0.656 carbon 
dioxide (measured at 20.0°C and 792 mmii©\. Calcu- 
late the percent by mass of calcium carb: in the 
sample. 

A volume of 5.6 L of molecular hydrogen : ured at 
STP is reacted with an excess of molecular cl) vine gas, 
Calculate the mass in grams of hydrogen cli!vide pro- 


duced. 
Ethanol (C,;H5OH) burns in air: 


CoHsOH(I) + O2(g) —> CO,(g) + H-O(2) 


Balance the equation and determine the volurne of air in 


liters at 35.0°C and 790 mmHg required to | 227 g 
of ethanol. Assume air to be 21.0 percent ©, by vol- 
ume. 

DALTON’S LAW OF PARTIAL PRESSURE 

REVIEW QUESTIONS 

5.69 Define Dalton’s law of partial pressures and mole frac- 
tion. Does mole fraction have units? 

5.70 Can partial pressures be measured directly with a ba- 
rometer? If not, how are the partial pressures 0! a mix- 
ture of gases determined experimentally? 

5.71 A sample of air contains only nitrogen and oxygen gases 
whose partial pressures are 0.80 atm and 0.20 atm, re- 
spectively. Calculate the total pressure and the mole 
fractions of the gases. 

PROBLEMS 

5.72. A mixture of gases contains CHy, CyH,, and C3Hg. If 
the total pressure is 1.50 atm and the number of moles 
of the gases Present are 0.31 mole for CH, 0.25 mole 
for C,H, and 0.29 mole for C3Hg, calculate the partial 
pressures of the gases. 

5.73 


A 2.5-L flask at 15°C contains a mixture of three gases, 
No, He, and Ne, at partial pressures of 0.32 atm for No, 
0.15 atm for He, and 0.42 atm for Ne. (a) Calculate the 


KINE 


total pressure of the mixture. (b) Calculate the volume 
in liters at STP occupied by He and Ne if the N> is 
removed selectively. 
Dry air near sea level has the following composition by 
volume: N>, 78.08 percent; O2, 20.94 percent; Ar, 0.93 
percent; CO», 0.05 percent. The atmospheric pressure is 
|.00 atm. Calculate (a) the partial pressure of each gas 
in atm and (b) the concentration of each gas in mol/L at 
«°C. (Hint: Since volume is proportional to the number 
moles present, mole fractions of gases can be ex- 
ssed as ratios of volumes at the same temperature and 
sure.) 
nixture of helium and neon gases is collected over 
er at 28.0°C and 745 mmHg. If the partial pressure 
iclium is 368 mmHg, what is the partial pressure of 
a? (Vapor pressure of water at 28°C = 
mmHg.) 
iece of sodium metal undergoes complete reaction 
water as follows: 


2Na(s) + 2H,O(/) —~> 2NaOH(aq) + H2(g) 


hydrogen gas generated is collected over water at 
C. The volume of the gas is 246 mL measured at 
atm. Calculate the number of grams of sodium 
in the reaction. (Vapor pressure of water at 
= 0.0313 atm.) 
A comple of zinc metal is allowed to react completely 
wit) an excess of hydrochloric acid: 


Zn(s) + 2HCl(aqg) —> ZnCl,(aq) + H,(g) 


Ti» hydrogen gas produced is collected over water at 
C using an arrangement similar to that shown in 
Fic re 5,15. The volume of the gas is 7.80 L and the 
tre is 0.980 atm. Calculate the amount of zinc 
| in grams consumed in the reaction. (Vapor pres- 
of water at 25°C = 23.8 mmHg.) 
1m is mixed with oxygen gas for deep sea divers. 
uate the percent by volume of oxygen gas in the 
ure if the diver has to submerge to a depth where 
total pressure is 4.2 atm. The partial pressure of 
een is maintained at (0.20 atm at this depth. 


MOLECULAR THEORY OF GASES 


REVIEW QUESTIONS 


5.79 


What are the basic assumptions of the kinetic molecular 
theory of gases? 

How would you use the kinetic molecular theory to ex- 
plain the following gas laws? Boyle’s law, Charles’ 
law, Avogadro’s law, Dalton’s law of partial pressures 
What does the Maxwell speed distribution curve tell us? 
Does Maxwell’s theory work for a sample of 200 mole- 
cules? Explain. 


5.83 


5.86 
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Write the expression for the average speed c for a gas at 
temperature 7. Define each term in the equation and 
show the units that are used in the calculations. 

What prevents the molecules in the atmosphere from 
escaping into outer space? 

Which of the following two statements is correct? 
(a) Heat is produced by the collision of gas molecules 
against one another. (b) When a gas is heated, the mole- 
cules collide with one another more often. 

Define mean free path. Why is the mean free path of a 
gas inversely proportional to its density? 


PROBLEMS 


5.87 


5.88 


5.90 


Compare the average molecular speeds of Oz and UF¢ at 
2a, 

The temperature and pressure in the stratosphere are 
—23°C and 3.00 x 10~* atm, respectively. Calculate 
the average speeds of Nz, O2, and O3 molecules in this 
region. 

As we know, UF is a much heavier gas than helium. 
Yet at a given temperature, the average kinetic energies 
of the samples of the two gases are the same. Explain. 
Two vessels are labeled A and B. Vessel A contains 
NH; gas at 70°C and vessel B contains Ne gas at the 
same temperature. If the average kinetic energy of NH3 
is 7.1 X 10~2! J/molecule, calculate the mean square 
speed of Ne atoms in m’/s”. 


DIFFUSION AND EFFUSION 
REVIEW QUESTIONS 


5.91 


5.92 


5.93 


5.94 


5.95 


Define the following terms: diffusion, effusion. Use 
diagrams to show the difference between a diffusion 
process and an effusion process. 

Write Graham’s law of diffusion and state the law in 
words. 

How does the rate of effusion of a gas depend on the 
time it takes for the gas to effuse through a porous bar- 
rier? 

Give a practical demonstration of diffusion and an ap- 
plication of the effusion process. 

A helium-filled balloon deflates faster than an air-filled 
balloon of comparable initial size. Explain. 


PROBLEMS 


5.96 


5.97 


It requires 57 seconds for 1.4 L of an unknown gas to 
effuse through a porous wall, and it takes 84 seconds for 
the same volume of N> gas to effuse at the same temper- 
ature and pressure. What is the molar mass of the un- 
known gas? 

A sample of the gas discussed in Problem 5.44 is found 
to effuse through a porous barrier in 15.0 min. Under 
the same conditions of temperature and pressure, it 
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takes Nz 12.0 min to effuse through the same barrier. 
Calculate the molar mass of the gas and suggest what 
gas it might be. 


5.98 List the following gases in order of increasing diffusion 
rates: PH;, ClO, Kr, NH3, and HI. Calculate the ratio 
of diffusion rates of fastest to slowest. 

5.99 Under certain conditions of temperature and pressure, 


60.0 cm? of a gas X effused through a pinhole in 10.0 
seconds. Under the same conditions, 480 cm? of Hy gas 
effused in 20.0 seconds. Calculate the molar mass of X. 
5.100 Consider the arrangement shown in the illustration. 
The ammonium chloride sample is being heated. 
(a) Write a balanced equation for the thermal decompo- 
sition of ammonium chloride. (b) Predict the subsequent 
changes in the color of the blue and the red litmus pa- 


pers. 
Moist blue Moist red 
litmus litmus 
paper Porous paper 
barrier 
>< a 


NONIDEAL GAS BEHAVIOR 
REVIEW QUESTIONS 


5.101 Give two pieces of evidence to show that gases do not 
behave ideally under all conditions. 

5.102 Under what set of conditions would a gas be expected to 
behave most ideally? (a) High temperature and low 
pressure, (b) high temperature and high pressure, 
(c) low temperature and high pressure, (d) low tempera- 
ture and low pressure 

5.103 Write the van der Waals equation for a real gas. Explain 
clearly the meaning of the corrective terms for pressure 
and volume. 


PROBLEMS 


5.104 The temperature of a real gas that is allowed to expand 
into a vacuum usually drops. Explain. 

5.105 Using the data shown in Table 5.4, calculate the pres- 
sure exerted by 2.50 moles of CO, confined in a volume 
of 5.00 L at 450 K. Compare the pressure with that cal- 
culated using the ideal gas equation. 

5.106 Under the same conditions of temperature and pressure, 
which of the following gases would behave most ide- 
ally: Ne, No, or CH4? Explain. 


MISCELLANEOUS PROBLEMS 


5.107 From the following data collected at 0°C, comment on 
whether carbon dioxide behaves as an ideal gas. (Hint: 
Determine PV. Is it constant?) 
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5.108 


5.109 


5.110 


5.111 


P (atm) 0.0500 0.100 0.151 0.202 0.252 
V(L) 448.2 223.8 148.8 110.8 89.0 
Discuss the following phenomena in terms of the gas 
laws: (a) the pressure in an automobile tire increasing on 
a hot day, (b) the ‘‘popping’’ of a paper bay, (c) the 
expansion of a weather balloon as it rises ©» the air, 
(d) the loud noise heard when a light bul» shatters, 
Nitroglycerin, an explosive, decomposes ac-ording to 
the equation 
4C3Hs(NO3)3(s) —> 
12CO3(g) + 10H2O(g) + 6N>(°) + O2(g) 
Calculate the total volume of gases produce ren col- 
lected at 1.2 atm and 25°C from 2.6 X 10° » of nitro- 
glycerin. What are the partial pressures 0! ‘2 gases 
under these conditions? 
Consider the apparatus shown below. Whe» a small 
amount of water is introduced into the flask b squeez- 
ing the bulb of the medicinal dropper, water '+ squirted 
upward out of the long glass tubing. Explain \\s obser- 
vation. (Hint: Hydrogen chloride gas is ible in 
water.) 
h{ 1,0 
Rubber 
— bulb 
H,0 
Nitric oxide (NO) reacts with molecular oxygen as fol- 


lows: 


2NO(g) + O2(g) —> 2NO2(g) 


Initially NO and O, are separated as shown below. 
When the valve is opened, the reaction quickly goes to 
completion. Determine what gases remain at the end 
and calculate their partial pressures. Assume that the 
temperature remains constant at 25°C. 


4.00 Lat 
0.500 atm 


2.00 L at 
1.00 atm 


Quantum Theory and the 
Electronic Structure of 
Atoms 


A photograph of Comet West taken with U 
nolecules in the comet. The wavelengths of light 


example, sodium atoms emit primarily yellow light. 


FROM CLASSICAL PHYSICS TO 
QUANTUM THEORY 

Properties of Waves / Electromagnetic 
Radiation / Planck’s Quantum Theory 

THE PHOTOELECTRIC EFFECT 
BOHR’S THEORY OF THE HYDROGEN 
ATOM 

Emission Spectra / Emission Spectrum of the 
Hydrogen Atom 

CHEMISTRY IN ACTION / ATOMIC EMISSION— 
STREET LAMPS, FLUORESCENT LIGHTS, AND 
NEON SIGNS 

CHEMISTRY IN ACTION / LASER—THE 
SPLENDID LIGHT 

THE DUAL NATURE OF THE 
ELECTRON 

CHEMISTRY IN ACTION / THE ELECTRON 
MICROSCOPE 


QUANTUM MECHANICS 


he aid of a prism shows the emission of different colors of light from different atoms and 
are emitted when an electron in an excited state falls to a lower energy level. For 


6.6 


6.7 


6.8 


6.9 


6.10 


APPLYING THE SCHRODINGER 
EQUATION TO THE HYDROGEN ATOM 


QUANTUM NUMBERS 

The Principal Quantum Number (n) / The 
Angular Momentum Quantum Number (¢€) / The 
Magnetic Quantum Number (m,) / The Electron 
Spin Quantum Number (m,) 


ATOMIC ORBITALS 
The Energies of Orbitals 


ELECTRON CONFIGURATION 
The Pauli Exclusion Principle / Diama 
and Paramagnetism / The Shielding Effect in 
Many-Electron Atoms / Hund’s Rule / General 
Rules for Assigning Electrons to Atomic 
Orbitals 


THE BUILDING-UP PRINCIPLE 
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ndividual atoms do not behave like anything we know in the macroscopic world. Scien- 
tists’ recognition of this fact led to the development of a new branch of physics called 
quantum mechanics to explain the behavior of these submicroscopic particles. 
Quantum theory allows us to predict and understand the critical role that electron. play 
in chemistry. In one sense, studying atoms amounts to asking the following questions: 
1. How many electrons are present in a particular atom? 
2. What energies do individual electrons possess? 
3. Where in the atom can electrons be found? 
The answers to these questions have a direct relationship to the behavior of all substa> es 
in chemical reactions, and the story of the search for answers provides a fascinating | - 
drop for our discussion. 
6.1 From Classical Physics to Quantum Theory 
Attempts by nineteenth-century physicists to understand atoms and molecules ‘net with 
only limited success. By assuming that molecules behave like little rebounc .g balls, 
those early physicists were able to predict and explain some macroscopic ph. \omena, 
such as the pressure exerted by a gas. However, the same model could not a: -ount for 
the stability of molecules; that is, it could not explain the forces that h« © atoms 
together. It took a long time to realize—and an even longer time to accep! that the 
properties of atoms and molecules are not governed by the same laws that wo so well 
for larger objects. 
It all started in 1900 with a young German physicist named Max Planci ~ While 
analyzing the data on the radiation emitted by solids heated to various tem: ratures, 
Planck discovered that atoms and molecules emit energy only in whole-num) °r multi- 
ples of certain well-defined quantities. Physicists had always assumed that energy is 
continuous, which meant that any amount of energy could be released in a sadiation 
process. Planck’s work, however, showed that energy can be released only in certain 
definite amounts, called quanta. The resulting quantum theory turned physics upside 
down. 
Initially the scientific community greeted Planck’s work with skepticism. The idea 


was so revolutionary that Planck himself was not entirely convinced of its validity—he 


spent years looking for alternative ways to explain the experimental findings 


. Eventu- 


ally, however, the scientific community came to accept the quantum theory, and phys- 


ics was never the same. 


In the development of science, a single major experimental discovery or the formu- 


+Max Karl Ernst Ludwig Planck (1858-1947). German physicist. Planck received the Nobel Prize in physics 


in 1918 for his quantum theory. He also made si 
physics. 


gnificant contributions in thermodynamics and other areas of 


6.1 FROM CLASSICAL PHYSICS TO QUANTUM THEORY 


lation of one important theory often sets off an avalanche of activity. Thus, in the thirty 
years that followed Planck’s introduction of the quantum theory, a flurry of investiga- 
tions not only transformed physics but also altered our concept of nature. 

To understand Planck’s quantum theory, we must first know something about the 
sature of radiation, which is the emission and transmission through space of energy in 
‘ue form of waves. We thus start with a discussion of the properties of waves. 


Pvoperties of Waves 


\ wave can be thought of as a vibrating disturbance by which energy is transmitted. 
speed of a wave depends on the type of wave and the nature of the medium through 
vhich the wave is traveling. The fundamental properties of a wave can be illustrated by 
considering a familiar example—water waves. Figure 6.1 shows a seagull floating on 
-ye ocean, Water waves are generated by pressure differences in various regions in the 
-rface of water. If we carefully observe the motion of a water wave as it affects the 
sotion of the seagull, we find it is periodic in character; that is, the wave form repeats 
joelf at regular intervals. 

The distance between identical points on successive waves is called the wavelength 
/\). The frequency (v) of the wave is the number of times per second that the seagull 
snoves through a complete cycle of upward and downward motion. The amplitude is 

.e vertical distance from the midline of a wave to the peak or trough [Figure 6.2(a)]. 
Figure 6.2(b) shows two waves that have the same amplitude but different wavelengths 
ind frequencies. 

An important property of a wave traveling through space is its speed. The speed of 


Wavelength 


FIGURE 6.1. Properties of water waves. The distance between corresponding points on suc- 
cessive waves is called the wavelength, and the number of times the seagull rises up per unit of 
time is called the frequency. (It is assumed that the seagull does not move horizontally.) 
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Physics before the advent of 
the quantum theory is 
generally referred to as 
classical physics. 
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Wavelength 


Wavelength 
Amplitude - 


Direction of Wavelength 


wave propagation < ? Amplitude 


Amplitude 


(a) (b) 
FIGURE 6.2 (a) The wavelength and amplitude of an ordinary wave. (b) Two waves having different wavelengths and | «juencies. 
The wavelength of the top wave is three times that of the lower wave, but its frequency is only one-third of the lower wave th waves 


have the same amplitude. 
a wave depends on the medium through which it is traveling. It also depenvis on the 
number of cycles of the wave passing through a given point per second (that ©, on the 
frequency) and on the wavelength. In fact, the speed of a wave (u) is given by the 
product of its wavelength and its frequency: 


u=dpv (6.1) 


The inherent ‘‘sensibility’’ of Equation (6.1) can be seen by analyzing the physical 
dimensions involved in the three terms. The wavelength (A) expresses the le:zth of a 
wave, or distance/wave. The frequency (v) indicates the number of these weves that 
pass any reference point per unit of time, or waves/time. Thus the produc: of these 
terms results in dimensions of distance/time, which is speed: 


distance © waves _ distance 


wave time time 
A x v= u 


Wavelength is usually expressed in units of meters, centimeters, or nanometers, and 
frequency is measured in units of hertz (Hz), where 


1 Hz = 1 cycle/s 


The word ‘“‘cycle’’ may be left out and the frequency expressed as, for example, 25/s 
(read as ‘‘25 per second’’). 


_ EXAMPLE 6.1 


Calculate the speed of a wave whose wavelength and frequency are 17.4 cm and 87.4 Hz, 
respectively. 7 


6.1 FROM CLASSICAL PHYSICS TO QUANTUM THEORY 


Answer 


From Equation (6.1), 


u = 17.4 cm X 87.4 Hz 
= 17.4 cm X 87.4/s 
= 1.52 x 10° cm/s 


)Jectromagnetic Radiation 


i adiation, as we said earlier, is the emission and transmission of energy through space 
+» the form of waves. There are many kinds of waves, such as water waves, sound 
s, and light waves. Sound waves are much like water waves, but light waves are a 
voy of radiant energy. In 1873 James Maxwell showed theoretically that visible light 
sists of electromagnetic waves. According to Maxwell’s theory, an electromag- 
vic wave has an electric field component and a magnetic field component. These two 
nponents have the same wavelength and frequency, and hence the same speed, but 
.y travel in mutually perpendicular planes (Figure 6.3). The significance of Max- 
well’s theory is that it provides a mathematical description of the general behavior of 
at. In particular, his model accurately describes how energy in the form of radiation 
: be propagated through space in the form of vibrating electric and magnetic fields. 
Ve now know that light behaves like electromagnetic radiation, which is the emission 
energy in the form of electromagnetic waves. 

‘, feature common to all electromagnetic waves is the speed with which they travel: 
:.0) x 108 meters per second, or 186,000 miles per second, which is the speed of light 
is 4 vacuum, Although the speed differs from one medium to another, the variations 

- small enough to allow us to use 3.00 X 108 m/s as the speed of light in our calcula- 

‘s. By convention, we use the symbol c for the speed of light. 


Electric field 
component 


Magnetic field 
component 


FIGURE 6.3 The electric field and magnetic field components of an electromagnetic wave. 
These two components have the same wavelength, frequency, and amplitude, but they vibrate in 


two mutually perpendicular planes. 
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Sound waves and water waves 
are not electromagnetic waves. 


A more accurate value for the 
speed of light is given in the 
inside back cover of the book. 
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The wavelength of 
electromagnetic waves is given 
in nanometers (nm). 
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== i “ ll 
EXAMPLE 6.2 


The wavelength of the green light from a traffic signal is centered at 522 nm. W sat is the 


frequency of this radiation? 
Answer 


Rearranging Equation (6.1) we get 


Because we are dealing with electromagnetic waves, c is 3.00 x 10° m/s. Rec 
1 nm = 1 X 107° m (see Table 1.3), we write 


3.00 x 10° m/s 
ne 
1x 10° m 
522 nm X —————_ 
lnm 


= 5.75 x 10'4/s 


This odd unit (1/s or s~') for frequency means that 5.75 x 10'* waves pass a fi 
every second. The very high frequency is in accordance with the very high speed 


Similar problem: 6.7. 


Figure 6.4 shows various types of electromagnetic radiation, which diffi 
another in wavelength and frequency. The long radio waves are emitte 
antennas, such as those used by broadcasting stations. The shorter, visible | 


[<> es | 
Wavelength(nm) 107° 107! 10 peeGuendge 107» 10%! 1933 


| 1 | i | | | | 


ig that 


point 
light. 


rom one 


vy large 
{ waves 


Frequency (Hz) 107° 10!8 jg !6 M1010 jo" io 104 


Type of Gamma Ultra- Radio 
radiation Tays Xrays violet Infrared Microwave waves 
| | All | | fee | | 


—_A_ 


FIGURE 6.4 Types of electr “omagnetic radiation. Gamma rays have the shortest wavelength 
and highest frequency; radio waves have the longest wavelength and the lowest frequency. Each 


type of radiation is spread over a specific range of wavelengths (and frequencies). The visible 
region ranges from 400 nm (violet) to 700 nm (red). 


6.1 FROM CLASSICAL PHYSICS TO QUANTUM THEORY 


are produced by the motions of electrons within atoms and molecules. The shortest 
waves, which also have the highest frequency, are those associated with y (gamma) 
rays (see Chapter 2), which result from changes within the nucleus of the atom. As we 
will see shortly, the higher the frequency, the more energetic the radiation. Thus, 
‘traviolet radiation, X rays, and y rays are high-energy radiation. 


“lanck’s Quantum Theory 


“hen solids are heated, they emit radiation over a wide range of wavelengths. The dull 
«i glow of an electric heater and the bright white light of a tungsten light bulb are 
imples of radiation from solids heated to different temperatures. 

Vleasurements taken in the latter part of the nineteenth century showed that the 
sount of radiation energy emitted depends on its wavelength. Attempts to account for 

s dependence in terms of established wave theory and thermodynamic laws were 
ily partially successful. One theory explained short-wavelength dependence but 
‘led to account for the longer wavelengths. Another theory accounted for the longer 

velengths but failed for short wavelengths. It seemed that something fundamental 
vas missing from the laws of classical physics. 

n 1900, Planck solved the problem with an assumption that departed drastically 
om accepted concepts. Classical physics had assumed that atoms and molecules 
suld emit (or absorb) any arbitrary amount of radiant energy. Planck said that atoms 
1d molecules could emit (or absorb) energy only in discrete quantities, like small 
ickages or bundles. Planck gave the name quantum to the smallest quantity of energy 
at can be emitted (or absorbed) in the form of electromagnetic radiation. The energy 

° of an emitted single quantum of energy is proportional to the frequency of the 
idiation: 
E«pv 


he proportionality constant for this relationship, symbolized as h, is now called 
*Janck’s constant: 


E=hv (6.2) 


where h has the value of 6.63 x 10-™* Js. 

According to Planck’s quantum theory, energy is always emitted in multiples of hv; 
for example, hv, 2hv, 3hv,. . . , but never, for example, 1.67 hv or 4.98 hv. At the 
time Planck presented his theory, he could not explain why energies should be fixed or 
quantized in this manner. Starting with this hypothesis, however, he had no trouble 
correlating the experimental data for emission by solids over the entire range of wave- 
lengths; they all supported the quantum theory. 

The idea that energy should be quantized or “‘bundled”’ in this manner may seem 
strange at first, but the concept of quantization has many analogies. For example, an 
electric charge is also quantized; there can be only whole-number multiples of e, the 
charge of one electron. Matter itself is quantized, for the numbers of electrons, pro- 
tons, and neutrons and the numbers of atoms in a sample of matter must also be 
integers. Our money system is based on a “‘quantum’’ of value called a penny. Even 
processes in living systems involve quantized phenomena. The eggs laid by hens are 
quantized, and pregnant cats give birth to an integral number of kittens, not to one-half 
or three-quarters of a kitten. 
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This equation has the same 
form as Equation (6.2) 
because, as we will see 
shortly, radiation is emitted as 
well as absorbed in the form of 
photons. 


Incident 


light 


Voltage 
source 


I 


FIGURE 6.5 An apparatus for 
studying the photoelectric effect. 
Light of a certain frequency falls 
ona clean metal surface. Ejected 
electrons are attracted toward 
the positive electrode. The flow 
of electrons is indicated by a de- 
tecting meter. 
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6.2 The Photoelectric Effect 


In 1905, only five years after Planck presented the quantum theory, Albert 
used the theory to solve another mystery in physics, the photoelectric effect 
ments had already demonstrated that electrons are ejected from the surface 
metals exposed to light (Figure 6.5). According to the then-prevalent wav: 
light, both the number of electrons ejected and their energies should dep 
intensity, or brightness, of the light shining on the metal. The more inten: 
the theory suggested, the larger the number of ejected electrons and the | 
velocities. In practice, however, it was found that while the number 0: 
ejected does depend on the intensity of the incident light, the energies of th 
do not. The energy depends only on the frequency of the light. 

Einstein was able to explain the photoelectric effect by making an ex\: 
assumption. He suggested that we should not think of a beam of light as 
rather as a stream of particles, called photons. Using Planck’s quantum 
radiation as a starting point, Einstein deduced that each photon must possess « 
given by the equation 


E=hv 


where v is the frequency of light. Electrons are held in a metal by attractive | 
so to remove them from the metal we must employ light of a sufficient!) 
quency (which corresponds to sufficiently high energy) to break them free 
beam of light onto a metal surface can be thought of as shooting a beam of | 
photons—at the metal atoms. If the frequency of photons is such that / 
equal to the binding energy of the electrons in the metal, then the light wi! 
enough energy to knock the electrons loose. If we use light of a higher frequ 
not only the electrons will be knocked loose, but they will also acquire s« 
energy. This situation is summarized by the equation 


hv = KE + BE 


where KE is the kinetic energy of the ejected electron and BE is the binding 
the electron in the metal. Rewriting Equation (6.3) as 


KE = hv — BE 


shows that the more energetic the photon is (that is, the higher its frequ: 
greater is the kinetic energy of the ejected electron. 

Now consider two beams of light having the same frequency but differen 
ties. The more intense beam of light consists of a larger number of photon 


quently, the number of electrons ejected from the metal’s surface is greater 
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(6.3) 


vergy of 


icy), the 


t intensi- 
s; conse- 
than the 


number of electrons produced by the weaker beam of light. Thus the more intense the 


light, the greater the number of electrons emitted by the target metal; the h 
frequency of the light, the greater the energy of the emitted electrons. 


igher the 


tAlbert Einstein (1879-1955). German-born American physicist. Regarded by many as one 


of the two 


po es pepe as eet (the other is Isaac Newton). The three papers (on special relativity, 
n, and the photoelectric effect) that he published in 1905 whi ; , a technical 
i i i i ile employed as a technic 

assistant in the Swiss patent office in Berne have profoundly influenced the Biislogsnent of physics. He 


received the Nobel Prize in physics in 1921 for his explanation of the photoelectric effect. 


6.3 BOHR’S THEORY OF THE HYDROGEN ATOM 


| 
| EXAMPLE 6.3 


‘he maximum wavelength of light from a certain light source is 686 nm. Calculate the 
energy (in joules) of a photon with this wavelength. 


Answer 
We use Equation (6.2): 
E=hv 
Prom Equation (6.1), v = c/A (see Example 6.2), therefore 


_ (6.63 x 10° J s)(3.00 x 10° mis) 


1x 10° m 
(686 nm)\ —————_ 
1 nm 


= 2,901 10707 5 
Chis is the energy possessed by a single photon of wavelength 686 nm. 


Similar problem: 6.16. 


Rinstein’s theory of light has posed a dilemma for scientists. On the one hand, it 
ns the photoelectric effect satisfactorily. On the other hand, the particle theory of 
: is not consistent with the known wave behavior of light. The only way to resolve 
“he dilemma is to accept the idea that light possesses both particle and wavelike proper- 
-s. Depending on the experiment, we find that light behaves either as a wave or as a 
eam of particles. This concept was totally alien to the way physicists had thought 
sout matter and radiation, and it took a long time for them to accept it. It turns out that 
ihe property of dual nature (particles and waves) is not unique to light but is character- 
- of all matter, including submicroscopic particles like electrons, as we will see in 
Section 6.4. 


6.3 Bohr’s Theory of the Hydrogen Atom 


mission Spectra 


Hinstein’s work paved the way for the solution of yet another nineteenth-century 
‘‘mystery’’ in physics: the emission spectra of atoms. Ever since the seventeenth 
century, when Newton first passed a beam of sunlight through a glass prism to show 
that sunlight is composed of various color components, chemists and physicists have 
studied the characteristics of emission spectra of various substances, that is, either 
continuous or line spectra of radiation emitted by the substances. The emission spec- 
trum of a substance is obtained by energizing a sample of the material either with 
thermal energy or with some other energy form (such as a high-voltage electrical 
discharge if the substance is gaseous). A ‘‘red hot’? or ‘‘white hot’’ iron bar freshly 
removed from a high-temperature source glows in a characteristic way. This visible 
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FIGURE 6.7 Color emitted by 
hydrogen atoms in a discharge 
tube. 
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Slit 
/ 

fe} 
High 


Photographic 
plate ~ 


voltage 


9° 


\ Discharge tube 


ee 


Prism 


Light separated into 
various components J 


FIGURE 6.6 An experimental arrangement for studying the emission spectra 
molecules. The gas under study is in a discharge tube containing two electrodc 
flow from the negative electrode to the positive electrode, they collide with the gas 
process eventually leads to the emission of light by the atoms (and molecules). TI 
is separated into its components by a prism. Each component color is focused 
position, according to its wavelength, and forms a colored image of the slit on the 


plate. The colored images are called spectral lines. 


glow is the portion of its emission spectrum that is sensed by eye. The wi 
a distance from the same iron bar is another portion of its emission spe 
portion in the infrared region. A feature common to the emission spectra of 
of a heated solid is that both are continuous; that is, all wavelengths 
represented in the spectra (see the visible region in Figure 6.4). 

The emission spectra of atoms in the gas phase, on the other hand, do | 
continuous spread of wavelengths from red to violet; rather, the atoms evr 
at specific wavelengths. Such spectra are called line spectra because the | 
identified by the appearance of bright lines in the spectra. Figure 6.6 is 
diagram of a discharge tube that is used to study emission spectra. Figure 6 
color emitted by hydrogen atoms in a discharge tube, and Figure 6.8 shows 


of its line spectrum that lies in the visible region. 


Every element has a unique emission spectrum. The characteristic lines 
spectra can be used in chemical analysis to identify unknown atoms, much 
prints are used to identify people. When the lines of the emission spectrum o! 
element exactly match the lines of the emission spectrum of an unknown san 
identity of the latter is quickly established. Although it was immediately re« 
that this procedure is useful, the origin of these lines was unknown until eat ly 


century. 


400 nm 


600 


FIGURE 6.8 A line emission spectrum of hydrogen atoms. 
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6.3 BOHR’S THEORY OF THE HYDROGEN ATOM 


ission Spectrum of the Hydrogen Atom 


1913, not too long after Planck’s and Einstein’s discoveries, Niels Bohr? offered a 
oretical explanation of the emission spectrum of the hydrogen atom. Bohr’s treat- 
‘ent is very complex and is no longer considered to be totally correct in all its details. 
us, we will concentrate only on his important assumptions and final results, which 
.ccount for the positions of the spectral lines. 
When Bohr first tackled this problem, physicists already knew that the atom con- 
as electrons and protons. They thought of an atom as an entity in which electrons 
irled around the nucleus in circular orbits at high velocities. This was an appealing 
del because it resembled the well-understood motions of the planets around the sun. 
the hydrogen atom, it was believed that the electrostatic attraction between the 
itive ‘‘solar’’ proton and the negative “‘planetary”’ electron pulls the electron in- 
ard and that this force is balanced exactly by the acceleration due to the circular 
tion of the electron. 
Rohr’s model for the atom included the idea of electrons moving in circular orbits, 
he imposed a rather severe restriction: The single electron in the hydrogen atom 
ld be located only in certain orbits. Since each orbit has a particular energy associ- 
4 with it, Bohr’s restriction meant that energies associated with electron motion in 
permitted orbits are fixed in value; that is, they are quantized. 
‘The emission of radiation by an energized hydrogen atom could then be explained in 
ons of the electron dropping from a higher-energy orbit to a lower one and giving up 
uantum of energy (a photon) in the form of light (Figure 6.9). Using arguments 
ed on electrostatic interaction and Newton’s laws of motion, Bohr showed that the 
rgies that the electron in the hydrogen atom can possess are given by 


f= Ra) 
n NCD) 


ere Ry, the Rydberg constant, has the value 2.18 x 107!8 J. The number v7 is an 
vieger called the principal quantum number; it has the values n = 1, 2, 3,...-- 
The negative sign in Equation (6.4) may seem strange, for it implies that all the 
‘lowable energies of the electron are negative. Actually, this sign is nothing more than 
wn arbitrary convention; it says that the energy of the electron in the atom is lower than 
ne energy of a free electron, or an electron that is infinitely far from the nucleus. The 
energy of a free electron is arbitrarily assigned a value of zero. Mathematically, this 
corresponds to setting n equal to infinity in Equation (6.4), so that E.. = 0. As the 
electron gets closer to the nucleus (as n decreases), E,, becomes larger in absolute 
value, but also more negative. The most negative value, then, is reached when n = 1, 
which corresponds to the most stable orbit. We call this the ground state, or the 
ground level, which refers to the lowest energy state of a system (which is an atom in 
our discussion). The stability of the electron diminishes forn = 2,3,..-; and each of 
these is called an excited state, or excited level, which is higher in energy than the 
ground state. An electron in a hydrogen atom that occupies an orbit with n greater than 
1 is said to be in an excited state. The radius of each circular orbit depends on n’. Thus, 


(6.4) 


+Niels Henrik David Bohr (1885-1962). Danish physicist. One of the founders of modern physics, he 
received the Nobel Prize in physics in 1922 for his theory explaining the spectrum of the hydrogen atom. 


+Johannes Robert Rydberg (1854-1919). Swedish physicist. Rydberg’s major contribution to physics was 
his study of the line spectra of many elements. 
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Photon 
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FIGURE 6.9 The emission 
process in an excited hydrogen 
atom, according to Bohr’s the- 
ory. An electron originally in a 
higher-energy orbit (n = 3) falls 
back to a lower-energy orbit 
(n = 2). As a result, a photon 
with energy hv is given off. The 
quantity hv is equal to the differ- 
ence in energies of the two orbits 
occupied by the electron in the 
emission process. For simplicity, 
only three orbits are shown. 
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FIGURE 6.10 A_ mechanical 
analogy for the emission proc- 
esses. 
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as n increases from | to 2 to 3, the orbit radius increases in size very rapidly. The 
higher the excited state, the farther away the electron is from the nucleus (and the less 
tightly it is held by the nucleus). 

Bohr’s theory of the hydrogen atom enables us to explain the line spectra of that 
atom. Radiant energy absorbed by the atom causes the electron to move frors « lower- 
energy orbit (characterized by a smaller n value) to a higher-energy orbit (characterized 
by a larger n value). Conversely, radiant energy (in the form of a photon) ‘s emitted 
when the electron moves from a higher-energy orbit to a lower-energy orbit. The 
quantized movement of the electron from one orbit to another is analogous to the 
movement of a tennis ball either up or down a set of stairs (Figure 6.10). The ball can 
reside at a variety of different stair levels but never between stairs. Its journey froma 
lower stair to a higher one is an energy-requiring process, whereas that from a higher 
Stair to a lower stair is an energy-releasing process. The quantity of energy involved in 
either type of change is determined by the distance between the first and last stairs, 
Similarly, the amount of energy needed to move an electron in the Bohr atom depends 
on the difference in the levels of the initial and final states. 

Let us now apply Equation (6.4) to the emission process in a hydrogen atom. 
Suppose that the electron is initially in an excited state characterized by the principal 
quantum number n;. During emission, the electron drops to a lower energy stste char- 
acterized by the principal quantum number ny (the subscripts i and f denote the initial 
and final states, respectively). This lower energy state may be either another excited 
State or the ground state. The difference between the energies of the initial and final 
states is AF (delta E), where 


AE = Ey — E; 
From Equation (6.4), 
oul) 
Nf 
and 
B= Ral =) 
ie 97] WR 
Therefore 


=R,(- ‘) 
r\ee Bk 


Ls 
Because this transition results in the emission of a photon of frequency vy and energy hv 
(Figure 6.9), we can write 


1 1 
AE = hy = Bel - +) (6.5) 
nu 
When a photon is emitted, Nj 
and AE is negative (energy is lost to the Surroundings). When energy is absorbed, 


is positive. Each spectral line in 


6.3 BOHR'S THEORY OF THE HYDROGEN ATOM 


TABLE 6.1 The Various Series in Atomic Hydrogen Emission Spectrum 


a Sar SI SE 


Series ny ny Spectrum Region 
i RA a 
yman 1 A ae Ultraviolet 

Palmer a Si bie Pere Visible and ultraviolet 

Paschen 3 ASD) 16) o\ess Infrared 

brackett 4 SE Oeil a vas Infrared 


The emission spectrum of hydrogen covers a wide range of wavelengths from the 
iivared to the ultraviolet. Table 6.1 shows the series of transitions in the hydrogen 

ectrum; they are named after their discoverers. The Balmer series was particularly 
sasy to study because a number of its lines fall in the visible range. 

Figure 6.9 shows a single transition. However, it is more informative to express 
ansitions as shown in Figure 6.11. Each horizontal line is called an energy level. The 
sosition of the energy level, as measured on the energy scale, shows the energy associ- 
‘ed with the particular orbit. The orbits are labeled with their principal quantum 
umbers. 

Example 6.4 illustrates the use of Equation (6.5). 


Brackett 
series 


Paschen 
series 


Energy ———> 


Lyman 
series 


FIGURE 6.11 The energy levels in the hydrogen atom and the various emission series. Each 
energy level corresponds to the energy associated with the motion of an electron in an orbit, as 
postulated by Bohr and shown in Figure 6.9. The emission lines are labeled according to the 


scheme in Table 6.1. 
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The negative sign is in accord 
with our convention that 
energy is given off to the 
surroundings. 
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calculate the frequency and the wavelength we will omit the minus sign for AF 
the energy of the photon must be positive. Since AE = hv or v = AE/h, we can 
the wavelength of the photon by writing 


_ (3.00 x 10% m/s)(6.63 x 10-4 J s) 
4.58 x 1079 J 
= 4.34 x 10-7 m 


1 Xx 10? nm 


= 4.34 x 10-7 mx ( ) <a34 ni 
Im 


Similar problems: 6.35, 6.37. 


———_— SSS 
EXAMPLE 6.4 
What is the wavelength of a photon emitted during a transition from the n; = 5 si>*= to the 
ny = 2 state in the hydrogen atom? 
Answer 
Since ny = 2, this transition gives rise to a spectral line in the Balmer series ( lable 
6.1). From Equation (6.5) we write 
pe: ( [esl ) 
\ oe 

= -1s (1 u 

= 2.18 x 10° J rH os ory 

= —4.58 x 10°19J 
The negative sign indicates that this is energy associated with an emission prox To 


ecause 
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CHEMISTRY IN ACTION 


ATOMIC EMISSION—STREET LAMPS, FLUORESCENT LIGHTS, AND NEON SIGNS 


Many substances other than hydrogen (helium, neon, 
sodium, and mercury, for example) give off visible 
light when excited in an electric discharge tube (Figure 
6.12). The phenomenon of atomic emission turns up 
frequently in daily living. 

Two types of lamps used in street lights rely on Hg* —> Hg + bluish green light 


Hg + energy —, Hg* 


atomic emission: the mercury lamp and the sodium 
lamp. In both cases the light is generated by electron 
bombardment of either mercury or sodium vapor: 


CHEMISTRY IN ACTION/ATOMIC EMISSION 


Na + energy ——> Na* 
Na* —— > Na + yellow light 


where the asterisk denotes an atom in an excited elec- 
ronic state. The visible portion of mercury emission 
falls mainly in the yellow, green, and purple regions, 
ind sodium emission is centered mainly in the yellow 
egion. The sodium lamp has some advantages over the 
.ercury lamp. For a given input of electricity, the so- 
dium lamp gives off greater light intensity than does the 
mercury lamp. Moreover, yellow light has a longer 
vavelength than blue green light, so it is not scattered 
; much by small particles in the air—fog, for ex- 
nple—and penetrates farther than white light. In ad- 
jition, the human eye exhibits its greatest response to 
ellow color. (You may have noticed that some auto- 
nobile fog lights have yellow-tinted glass covers.) 
A fluorescent lamp is a discharge tube with the inner 
urface coated with a fluorescent material such as zinc 
sulfide (which is also used on TV screens). The tube is 
tilled with mercury vapor at low pressure. Excitation of 
he mercury atoms by electron bombardment causes the 
emission of light in the green, blue, and ultraviolet 
(UV) regions. When the light strikes the inner glass 
yall, most of the UV light is absorbed by the fluores- 
ent material, which then emits a multitude of longer 
wavelengths that combine to produce white light. Fluo- 


Helium (He) Neon (Ne) 


rescent lamps are more energy-efficient (and hence 
cheaper to operate) than tungsten lamps (ordinary light 
bulbs) because the generation of fluorescent light in- 
volves only the transfer of radiant energy—very little 
heat is produced. For this reason, a fluorescent lamp is 
cool to the touch. On the other hand, heating the fila- 
ment of a tungsten lamp to 3000°C produces visible 
light and much infrared radiation (heat). Thus a tung- 
sten light bulb is usually too hot to touch after it has 
been turned on for a few minutes because a substantial 
fraction of the input energy is re-radiated as heat. 

The familiar neon signs we see on storefronts are 
colored by the same atomic emission phenomenon. The 
procedure for producing neon emission is the same as 
that for hydrogen, mercury, and sodium. As a result of 
electron bombardment, 


Ne + energy —> Ne* 
Ne* ——> Ne + orange red light 


where the asterisk denotes a neon atom in its excited 
electronic state. In fact, other gases may be used to 
make ‘‘neon’’ signs. For example, argon emits a bluish 
purple light, and krypton gives off a white light. Spe- 
cial fluorescent materials on the inner glass walls of 
signs produce greens and other colors as well. 


Sodium (Na) Mercury (Hg) 


FIGURE 6.12 From left to right: colors emitted by helium, neon, sodium, and mercury atoms. 
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CHEMISTRY IN ACTION 


LASER—THE SPLENDID LIGHT 


LASER is an acronym for Light Amplification by 
Stimulated Emission of Radiation. It is a special type of 
emission that involves either atoms or molecules. Since 
the discovery of laser in 1960, it has been used in nu- 
merous systems designed to operate in the gas, liquid, 
and solid states. These systems emit radiation with 
wavelengths ranging from infrared through visible, 
UV, to the X ray. The advent of laser has truly revolu- 
tionized science, medicine, and technology. 

Figure 6.13 shows how a ruby laser (the first known 
laser) works. (Ruby is a deep-red mineral called corun- 
dum, chemical makeup Al,O3. In this arrangement, 
some of the Al** ions are replaced by Cr>* ions.) First 
a flashlamp is used to excite the chromium atoms to a 
higher energy level. The excited atoms are unstable, so 
that at a given instant some of them will return to the 
ground state by emitting a photon in the red region of 
the spectrum. When a photon is emitted, it bounces 
back and forth many times between the mirrors. This 
photon can stimulate the emission of photons of exactly 
the same wavelength from other excited chromium 
atoms; these photons in turn can stimulate the emission 
of more photons, and so on. Because the light waves 
are in phase—that is, their maxima and minima coin- 
cide—the photons enhance one another, increasing 


Flash lamp 


Totally 
reflecting 
mirror 


Ruby rod 


FIGURE 6.13 | The emission of laser light from a ruby laser. 


| 

their power with each passage between the mm rrors, 
One of the end mirrors is made to be only p: ruially 
reflecting, so that when the light reaches a cerisin in- 
tensity it emerges from the mirror and we have « laser 
beam (Figure 6.14). Depending on the mode o! »pera- 
tion, the laser light may be emitted in pulses (as ‘11 the 
tuby laser case) or it may be emitted in cont:nuous 
waves. 

Laser light is characterized by three propertic. [t is 
intense, it has precisely known wavelength and hence 


energy, and it is coherent. By coherent we mean that 
the light waves are all in phase. The applications of 


lasers are quite numerous. Their high intensity and ease 
of focus make them suitable for eye surgery, for drill- 
ing holes in metals and welding, and for nuclear fvsion. 


The-fact that they are highly directional and hay pre- 
cisely known wavelengths makes them very useful for 
telecommunications. Lasers are also used in isotope 


separation, holography (three-dimensional photogra- 
phy), compact disks, and even in supermarkets io read 
Universal Product Codes. Lasers have played an im- 
portant role in the spectroscopic investigation of molec- 
ular properties and of many chemical and biological 
processes. Figure 6.15 shows laser lights from « con- 


tinuous-wave, or cw, laser. 


Laser beam 


Partially 
reflecting 
mirror 
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FIGURE 6.14 The stimulated emission of one photon by another photon in a cascade event that leads to the emission of laser 


light. 


FIGURE 6.15 Light from a continuous-wave laser. The laser light is emitted by an organic 
dye solution which is initially excited by another laser source. 


6.4 The Dual Nature of the Electron 


Physicists were mystified but intrigued by Bohr’s theory. The question they asked 
about it was: Why are the energies of the hydrogen electron quantized? Or, phrasing 
the question in a more concrete way, Why is the electron in a Bohr atom restricted to 
orbiting the nucleus at certain fixed distances? For a decade no one, not even Bohr 
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Note that the left side of 
Equation (6.7) involves the 
wavelike property of 
wavelength, whereas the right 
side makes reference to mass, 
a distinctly particlelike 
property. 


FIGURE 6.16 (a) The circum- 
Serence of the orbit is equal to an 
integral number of wavelengths. 
This is an allowed orbit. (b) The 
circumference of the orbit is not 
equal to an integral number of 
wavelengths. As a result, the 
electron wave does not close in 
on itself. This is a nonallowed 
orbit. 
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himself, had a logical explanation. In 1924 Louis de Brogliet provided a solution to 
this puzzle. De Broglie reasoned as follows: If light waves can behave like » stream of 
particles (photons), then perhaps particles such as electrons can possess wave proper- 
ties. The exact nature of these ‘‘electron waves’’ was unclear, but de Broglie presented 
convincing mathematical support for his idea. 

We said earlier that the radius of a Bohr model orbit depends on ». Thus the 


distances of successive electron orbits from the nucleus are in the ratios of | squares 
of whole numbers, that is, nj, 13, n3,. . . or 17, 27, 3?,. . .. These numb: -s indicate 
the relative sizes or circumferences of the circular orbits. De Broglie argue. that if an 
electron does behave like a wave, the length of the wave must fit the circus erence of 
the orbit exactly (Figure 6.16). Otherwise the wave would partially cance! itself on 
each successive orbit; eventually the amplitude of the wave would be reduc to zero, 
and the wave would not exist. 

The relation between the circumference of an allowed orbit (27r) an © wave- 


length (A) of the electron is given by 


2ar = nd (6.6) 
where r is the radius of the orbit, A is the wavelength of the electron wave, «dn = 1, 
2,3,.... Because n is an integer, it follows that r can have only certain \lues asn 
increases from 1 to 2 to 3 and so on. And since the energy of the electron depends on 
the size of the orbit (or the value of r), its value must be quantized. 

De Broglie’s reasoning led to the conclusion that waves can behave |i! particles 
and particles can exhibit wave properties. De Broglie deduced that the perticle and 
wave properties are related by the expression 

h 
A= — (6.7) 
mu 


where A, m, and wu are the wavelength associated with a moving particle, its »jass, and 
its velocity, respectively. Equation (6.7) implies that a particle in motion car. be treated 
as a wave, and a wave can exhibit the properties of a particle. 

Example 6.5 compares the wavelength of a moving macroscopic objec’. a tennis 
ball, with that of an electron in motion. 


tLouis Victor Pierre Raymond Duc de Broglie (1892-1977). French ea ple 
ily i : ; : Physicist. Member of an old and no! 
family in France, he held a title of a prince. In his doctoral dissertation, he proposed that matter and 
an 


radiation have both wave and particle Properties. For this work : ~| Prize in 
physics in 1929. tk, de Broglie was awarded the Nobel Pri 
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| EXAMPLE 6.5 


Calculate the wavelength of the ‘‘particle’’ in the following two cases: (a) The fastest 
serve in tennis is about 140 miles per hour, or 62 m/s. Calculate the wavelength associ- 
ated with a 6.0 X 107? kg tennis ball traveling at this speed. (b) Calculate the wavelength 
associated with an electron moving at 62 m/s. 


\nswer 


(a) Using Equation (6.7) we write 


_ 6.63 x 10-* Is 
6.0 Xx 10°? kg x 62 m/s 


The conversion factor is 1 J = 1 kg m/s” (see Section 1.6). Therefore 
=1.8 x 104m 


(his is an exceedingly small wavelength, since the size of an atom itself is on the order of 
| x 107!° m. For this reason, the wave properties of such a tennis ball cannot be detected 
by any existing measuring device. 

(b) In this case 


= 6.63 x 10° *4J3s 
~ 9.1095 x 1073! kg x 62 m/s 


where 9.1095 x 10-*! kg is the mass of an electron. Proceeding as in (a) we obtain 


=1.2x107>m 
1 x 10? nm 
= 1.2 x 1075 m x ————_ 
lm 


= 1.2 x 10*nm 
| A wavelength of 1.2 x 10* nm falls in the infrared region. 


Similar problems: 6.44, 6.45, 6.46. 


Example 6.5 shows that although de Broglie’s equation can be applied to diverse 
systems, the wave properties become observable only for submicroscopic objects. This 
distinction is brought about by the smallness of Planck’s constant, h, which appears in 
the numerator in Equation (6.7). 

Shortly after de Broglie advanced his equation, Clinton Davisson+ and Lester 
Germert in the United States and G. P. Thomson§ in England demonstrated that 


+Clinton Joseph Davisson (1881-1958). American physicist. He was awarded the Nobel Prize in physics in 
1937 for demonstrating wave properties of electrons. 

Lester Halbert Germer (1896-1972). American physicist. Discoverer (with Davisson) of the wave proper- 
ties of electrons. 

§George Paget Thomson (1892-1975). English physicist. Son of J. J. Thomson, he received the Nobel Prize 
in physics in 1937 for demonstrating wave properties of electrons. 
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FIGURE 6.17 Patterns made 
by a beam of electrons passing 
through aluminum, The patterns 
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electrons do indeed possess wavelike properties. By passing a beam of clectrons 


through a thin piece of gold foil, Thomson obtained a set of concentric rings on a 
screen, similar to the pattern observed when X rays (which are waves) were used, 
Figure 6.17 shows such patterns for aluminum. 

The Chemistry in Action section below describes how the wave propertic elec- 
trons increase the magnification power of microscopes. 
6.5 Quantum Mechanics 
The spectacular initial success of Bohr’s theory was followed by a series of disoopoint- 
ments. For example, Bohr’s approach could not account for the emission tra of 


are similar to those obtained 
with X rays, which are known to 


atoms containing more than one electron, such as atoms of helium and lit! The 


be waves. theory also could not explain the appearance of the extra lines in the hydrogei ssion 
spectrum that are observed when a magnetic field is applied. Another prob arose 
THE ELECTRON MICROSCOPE 
The electron microscope is an extremely valuable ap- search. A milestone in the development of this ‘ech- 
plication of the wavelike properties of electrons. Ac- nique was reached in 1970, when a team of scientists at 
cording to the laws of optics, it is impossible to form an the University of Chicago, using a high-resolution «lec- 
image of an object that is smaller than half the wave- tron microscope, managed to ‘‘see’’ individual «'oms 


length of the light used for the observation. Since the 
range of visible light wavelengths starts at around 
400 nm, or 4 x 10~° cm, we cannot see anything 
smaller than 2 x 107° cm. In order to see objects on 
the atomic and molecular scale we can in principle use 
X rays, whose wavelengths range from about 0.01 nm 
to 10 nm. However, X rays cannot be focused, so they 
do not produce well-formed images. Because electrons 
are charged particles, they can be focused easily by 
applying an electric field or a magnetic field in the 
same way the image on a TV screen is focused. Ac- 
cording to Equation (6.7), the wavelength of an elec- 
tron is inversely proportional to its velocity. By accel- 
erating electrons to very high velocities, it is possible to 
obtain wavelengths as short as 0.004 nm. The range of 
wavelengths available and the relative ease of focusing 
and operation have made electron microscopes one of 
the most powerful tools in chemical and biological re- 


of uranium and thorium (Figure 6.18). 


FIGURE 6.18 A high-resolution electron micrograph of 
uranium atoms. The small white dots are individual atoms, 
and the large white dots are clusters of atoms. 


6.5. QUANTUM MECHANICS 


with the discovery that electrons are wavelike: How can the ‘‘position’’ of a wave be 
specified? We can speak of the amplitude at a certain point in the wave (see Figure 
6.2), but we cannot define its precise location because a wave extends in space. 

One of the most important consequences of the dual nature of matter is the uncer- 
isinty principle, which was formulated by the German physicist Werner Heisenberg.+ 
‘the Heisenberg uncertainty principle states that it is impossible to know simultane- 
ously both the momentum (defined as mass times velocity) and the position of a parti- 
cle with certainty. This means that as the measurement of the momentum of a particle 

made more precise, our knowledge of the position of the particle becomes corre- 

vondingly less precise. Similarly, if the position of the particle is known more pre- 
ely, then its momentum measurement must be less accurate. Applying the Heisen- 
berg uncertainty principle to the hydrogen atom, we see that in reality the electron does 
sot orbit the nucleus in a well-defined path, as Bohr thought. If it did, we could 
ictermine precisely the position of the electron (from the radius of the orbit) and its 
momentum (from its kinetic energy) at the same time, in violation of the uncertainty 
principle. 

To be sure, Bohr made a significant contribution to our understanding of atoms, and 
his suggestion that the energy of an electron in an atom is quantized remains unchal- 
ienged. But his theory does not provide a complete description of electronic behavior 
‘yy atoms. When scientists realized this, they began to search for a fundamental equa- 
tion that would describe the behavior and energies of submicroscopic particles in 
general, an equation analogous to Newton’s laws of motion for macroscopic objects. In 
/926 Erwin Schrédinger,£ using a complicated mathematical technique, formulated 
the sought-after equation. The Schrédinger equation requires advanced calculus to 
solve, and we will not discuss it here. It is important for us to know, however, that the 
equation incorporates both particle behavior, in terms of mass m, and wave behavior, 
in terms of a wave function w (psi), which depends on the location in space of the 
system (such as an electron in an atom). 

The wave function itself has no direct real physical meaning. However, the square 
of the wave function, W, is related to the probability of finding the electron in a certain 
region in space. We can think of W- as the probability per unit volume such that the 
product of y? and a small volume (called a volume element) yields the probability of 
finding the electron within that volume. (The reason for specifying a small volume is 
that y varies from one region of space to another, but its value can be assumed 
constant within a small volume.) The total probability of locating the electron in a 
given volume (for example, around the nucleus of an atom) is then given by the sum of 
all the products of Ww and the corresponding volume elements. 

The idea of relating yf to the notion of probability stemmed from a wave theory 
analogy. According to wave theory, the intensity of light is proportional to the square 
of the amplitude of the wave, or iP. The most likely place to find a photon is where the 
intensity is greatest, that is, where the value of y7 is greatest. A similar argument thus 
followed for associating y* with the likelihood of finding an electron in regions sur- 


rounding the nucleus. 


+Werner Karl Heisenberg (1901-1976). German physicist. One of the founders of modern quantum theory. 
He received the Nobel Prize in physics in 1932. 


$Erwin Schrédinger (1887-1961). Austrian physicist. He formulated wave mechanics, which laid the foun- 
dation for modern quantum theory. He received the Nobel Prize in physics in 1933. 
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In reality, Bohr’s theory was 
able to account for the 
observed emission spectra of 
He* and Li?* ions, as well as 
that of hydrogen. However, all 
three systems have one feature 
in common—each contains a 
single electron, Thus the Bohr 
model worked successfully only 
for the hydrogen atom and for 
“hydrogenlike ions.” 
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Although the helium atom has 
only two electrons, in quantum 
mechanics it is regarded as a 

many-electron atom. 


FIGURE 6.19 A_ representa- 
tion of the electron density distri- 
bution surrounding the nucleus 
in the hydrogen atom. 
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Schrédinger’s equation began a new era in physics and chemistry, for it !aunched a 
new field, quantum mechanics (also called wave mechanics). We now reter to the 
developments in quantum theory from 1913—the time Bohr presented his analysis for 
the hydrogen atom—to 1926 as ‘‘old quantum theory.”’ 


6.6 Applying the Schrédinger Equation to the Hydrog: 


Atom 
To see how quantum mechanics changed our view of the atom, let us look « ‘he very 
simplest atom, the hydrogen atom, with one proton and one electron. The Sx :Sdinger 
equation, when solved for the hydrogen atom, yields two valuable pieces o| nforma- 
tion: It specifies the possible energy states the electron can occupy, and it iden. ifies the 
corresponding wave functions (if) of the electron associated with each enc -y state. 
These energy states and wave functions are characterized by a set of quantur numbers 


(to be discussed shortly). Recall that the probability of finding an electron i» « certain 
region is given by the square of the wave function, ¢”. Thus once we know ‘! = values 
of w and the energies, we can calculate 7 and construct a comprehensive vow of the 
hydrogen atom. 

This information about the hydrogen atom is useful but not quite enough. | he world 
of chemical substances and reactions involves systems considerably more complex 
than simple atomic species like hydrogen. However, it turns out that the Schrodinger 
equation cannot be solved exactly for any atom containing more than one ~lectron! 
Thus even in the case of helium, which contains two electrons, the mathematics be- 
comes too complex to handle. It would appear, therefore, that the Schrédin cr equa- 
tion suffers from the same limitation as Bohr’s original theory—it can be «plied in 
practice only to the hydrogem atom. However, the situation is not hopeless. \hemists 
and physicists have learned to get around this kind of difficulty by using m«‘hods of 
approximation. For example, although the behavior of electrons in many </ectron 
atoms (that is, atoms containing two or more electrons) is not the same as (/t in the 
hydrogen atom, we assume that the difference is probably not too great. On ths basis of 
this assumption, we can use the energies and the wave functions obtaine.’ for the 
hydrogen atom as good approximations of the behavior of electrons in more complex 
atoms. In fact, we find that this approach provides fairly good descriptions of electron 
behavior in complex atoms. 

Because the hydrogen atom serves as a starting point or model for all other atoms, 
we need a clear idea of the quantum mechanical description of this system. The solu- 
tion of the Schrédinger equation shows that the energies an electron can possess in the 
hydrogen atom are given by the same expression as that obtained by Bohr [see Equa- 
tion (6.4)]. Both Bohr’s theory and quantum mechanics, therefore, show that the 
energy of an electron in the hydrogen atom is quantized. They differ, however, in their 
description of the electron’s behavior with respect to the nucleus. 

Since an electron has no well-defined position in the atom, we find it convenient to 
use terms like electron density, electron charge cloud, or simply charge cloud to 
represent the probability concept (these terms have essentially the same meaning). 
Basically, electron density gives the probability that an electron will be found at a 
particular region in an atom. Regions of high electron density represent a high proba- 


bility of locating the electron, whereas the opposite holds for regions of low electron 
density (Figure 6.19). 


6.7 QUANTUM NUMBERS 


To distinguish the quantum mechanical description from Bohr’s model, we replace 
orbit’? with the term orbital or atomic orbital. An orbital can be thought of as the 
syobability function (7) that defines the distribution of electron density in space 
around the atomic nucleus. When we say that an electron (in a given allowed energy 
‘ate) is in a certain orbital, we mean that the distribution of the electron density or the 
probability of locating the electron in space is described by the square of the wave 
anction associated with that energy state. An atomic orbital therefore has a character- 
stic energy, as well as a characteristic distribution of electron density. 


7 Quantum Numbers 


juantum mechanics tells us that three quantum numbers are required to describe the 
istribution of electrons in hydrogen and other atoms. These numbers are derived from 
he mathematical solution of the Schrédinger equation for the hydrogen atom. They are 
illed the principal quantum number, the angular momentum quantum number, and 
© magnetic quantum number. These quantum numbers will be used to describe 
‘omic orbitals and to label electrons that reside in them. A fourth quantum number 
hat describes the behavior of a specific electron—the spin quantum number— 
ompletes the description of electrons in atoms. 


‘he Principal Quantum Number (n) 


‘he principal quantum number (n) can have integral values 1, 2, 3, and so forth; it 
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»rresponds to the quantum number in Equation (6.4). In a hydrogen atom, the value Equation (6.4) holds only for 


én determines the energy of an orbital. As we will see shortly, this is not the case for the hydrogen atom. 


many-electron atom. The principal quantum number also relates to the average dis- 

nce of the electron from the nucleus in a particular orbital. The larger the n, the 
“eater the average distance of an electron in the orbital from the nucleus and therefore 
ihe larger the orbital (and the less stable the orbital). 


‘The Angular Momentum Quantum Number (€) 


The angular momentum quantum number, @, tells us the ‘‘shape’’ of the orbitals. The The shapes of orbitals are 


values of € depend on the value of the principal quantum number, 7. For a given value discussed in Section 6.8. 


of n, € has possible integral values from 0 to (n — 1). If n = 1, there is only one 
possible value of €; that is, €=n—1=1-—1=0. Ifn = 2, there are two values of 
¢, given by 0 and 1. If n = 3, there are three values of €, given by 0, 1, and 2. The 
value of € is generally designated by the letters s, p, d, . . . as follows: 


Name of 
orbital |s p ad f gh 


Thus if @ = 0 we have an s orbital, if € = 1 we have ap orbital, and so on. 
The unusual sequence of letters (s, p, and d) has a historical origin. Physicists who 
studied atomic emission spectra tried to correlate the observed spectral lines with the 
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(a) (b) 


FIGURE 6.20 The (a) coun- 
terclockwise and (b) clockwise 
spins of an electron. The mag- 
netic fields generated by these 
two spinning motions are analo- 
gous to those from the two mag- 
nets. The upward and downward 
arrows are used to denote the 
two directions of spin. 
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particular energy states involved in the transitions. They noted that some of the lines 
were sharp; some were rather spread out, or diffuse; and some were very strong and 
hence referred to as principal lines. Subsequently, the initial letters of each adjective 
were assigned to those energy states. However, after the letter d and starting with the 
letter f, the orbital designations follow alphabetical order. 

A collection of orbitals with the same value of n is frequently called a she//, One or 
more orbitals with the same n and ¢ values is referred to as a subshell. For example, the 
shell with n = 2 is composed of two subshells, ¢ = 0 and | (the allowed yaiues for 
n= 2). These subshells are called the 2s and 2p subshells. 


The Magnetic Quantum Number (m_) 


The magnetic quantum number, me, describes the orientation of the orbital in space (to 
be discussed in Section 6.8). Within a subshell, the value of me depends on the value of 
the angular momentum quantum number, ¢. For a certain value of €, there are (2¢ + 1) 
integral values of me, as follows: 


CP eee Te ee Opec eek sect 


If € = 0, then me = 0. If € = 1, then there are [(2 x 1) + 1] or three value of me, 
namely, —1, 0, and 1. If € = 2, there are [(2 x 2) + 1], or five values of my, namely, 
—2, —1, 0, 1, and 2. The number of me values indicates the number of orbitals ina 
subshell with a particular ¢ value. 

To summarize our discussion of these three quantum numbers, let us cons.der the 
situation in which we have n = 2 and € = 1. The values of n and € indicate ‘hat we 
have a 2p subshell, and in this subshell we have three 2p orbitals (because there are 
three values of me, given by —1, 0, and 1). 


The Electron Spin Quantum Number (m,) 


Experiments on the emission spectra of hydrogen and sodium atoms indicated the need 
for a fourth quantum number to describe the electron in an atom. The experiments 
revealed that lines in the emission spectra could be split by the application of an 


external magnetic field. The only way physicists could explain these results was to 
assume that electrons act like tiny magnets. If electrons are thought of as spinning on 
their own axes, as Earth does, their magnetic properties can be accounted for. Accord- 
ing to electromagnetic theory, a spinning charge generates a magnetic field, and it is 
this motion that causes the electron to behave like a magnet. Figure 6.20 shows the two 
possible spinning motions of an electron, one clockwise and the other counterclock- 
wise. To take the electron spin into account, it is necessary to introduce a fourth 
quantum number, called the electron spin quantum number (m,), which has the value 
of +3 or —3. These values correspond to the two possible spinning motions of the 
electron, shown in Figure 6.20. 

Conclusive proof of electron spin was provided by Otto Sternt and Walther Ger- 


FOtto Stern (1888-1969). German physicist. He made important contributions in the study of magnetic 
properties of atoms and the kinetic theory of gases. Stern was awarded the Nobel Prize in physics in 1943. 
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©YGURE 6.21 Experimental arrangement for demonstrating the spinning motion of electrons. 
A beam of atoms is directed through a magnetic field. For example, when a hydrogen atom with 
a single electron passes through the field, it is deflected in one direction or the other, depending 
on the direction of the spin. In a stream consisting of many atoms, there will be equal distribu- 
tions of the two kinds of spins, so that two spots of equal intensity are detected on the screen. 


[ 
| 
| 
| 


jacht in 1924. Figure 6.21 shows the basic experimental arrangement. A beam of 
atoms generated in a hot furnace is passed through a nonhomogeneous magnetic field. 
The interaction between an electron and the magnetic field causes the atom to be 
deflected from its straight-line path. Because the spinning motion is completely ran- 
dom, half of the atoms will be deflected one way and half the other, and two spots of 
equal intensity are observed on the detecting screen. 


©.8 Atomic Orbitals 


Quantum numbers enable us to discuss atomic orbitals in hydrogen, helium, and many- 
electron atoms more fully. Table 6.2 shows the relation between quantum numbers and 
alomic orbitals. We see that when € = 0, there is only one value of me, and thus we 
have an s orbital. When ¢ = 1, there are three values of my and hence there are three p 
orbitals, labeled py, py, and Pz. When ¢ = 2, there are five values of me, and the 
corresponding five d orbitals are labeled with more elaborate subscripts. The following 
sections examine s, p, and d orbitals separately. 


s Orbitals. One of the important questions we ask when studying the properties of 
atomic orbitals is, ‘What are the shapes of the orbitals?” Strictly speaking, an orbital 
does not have a well-defined shape because the wave function characterizing the orbital 
extends from the nucleus to infinity. In that sense it is difficult to say what an orbital 
looks like. On the other hand, it is certainly convenient to think of orbitals in terms of 
specific shapes, particularly in discussing the formation of chemical bonds between 
atoms, as we will do in Chapters 8 and 9. 

Although in principle an electron can be found anywhere, we know that most of the 
time it is quite close to the nucleus. Figure 6.22(a) shows a plot of the electron density 
in a hydrogen atomic Is orbital versus the distance from the nucleus. As you can see, 


+Walther Gerlach (1889-1979). German physicist. His main area of research was in quantum theory. 
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Since the wave function for an 
orbital has no theoretical 
outer limit as one moves 
outward from the nucleus, this 
raises interesting philosophical 
questions regarding the sizes 
of atoms. Rather than 
pondering these issues, 
chemists have agreed to define 
an atom’s size operationally, 
as we will see in later 
chapters. 
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TABLE 6.2 Relation Between Quantum Numbers and Atomic Orbitals 


Number Atomic Orbital 
n £ me of Orbitals Designations 
Oe  _—— 
An s subshell has one orbital, 1 0 0 1 s 
ap subshell has three orbitals, 2 0 0 1 
and a d subshell has five 1 10m 3 2p pie 
orbitals. 3 0 0 l 5 
1 =1, 0,1 3 3p es OP 
2 —2, -1, 0, 1,2 5 3d,, » Bigs 
3d . 3dz 


the electron density falls off rapidly as the distance from the nucleus | -reases. 
Roughly speaking, there is about a 90 percent probability of finding the elects’) within 
a sphere of radius 100 pm (1 pm = | X 10~'2 m) surrounding the nucleus. us, we 
can represent the 1s orbital by drawing a boundary surface diagram tha\ ncloses 
about 90 percent of the total electron density in an orbital, as shown in Figure 0.22(b). 
A Is orbital represented in this manner is merely a sphere. 

Figure 6.23 shows boundary surface diagrams for the Is, 2s, and 3s drogen 
atomic orbitals. All s orbitals are spherical in shape but differ in size, which increases 
as the principal quantum number increases. Although the details of electr: density 
variation within each boundary surface are lost, there is no serious disadvan ge. For 
us the most important features of atomic orbitals are their shapes and relay: ¢ sizes, 
which are adequately represented by boundary surface diagrams. 


p Orbitals. It should be clear that the p orbitals start with the principal 1antum 
number n = 2. If n = 1, then the angular momentum quantum number ¢ ca’ assume 


Electron density 


Distance from nucleus 


FIGURE 6.22 (a) Plot of electron density in the hydrogen 1s orbital as a function of the distance from the nucleus. The electron 
density falls off rapidly as the distance from the nucleus increases. (b) Boundary surface diagram of the hydrogen 1s orbital. 
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/|GURE 6.23 Boundary surface diagrams of the hydrogen 1s, 2s, and 3s orbitals. Each 
sphere contains about 90 percent of the total electron density. All s orbitals are spherical. 
oughly speaking, the size of an orbital is proportional to nr, where n is the principal quantum 
number. 


only the value of zero; therefore, there is only a Is orbital. As we saw earlier, when 
= |, the magnetic quantum number me can have values of —1, 0, 1. Starting with 
, = 2and @ = 1, we therefore have three 2p orbitals: 2p,, 2py, and 2p, (Figure 6.24). 
rhe letter subscripts indicate the axes along which the orbitals are oriented. These three 
» orbitals are identical in size, shape, and energy; they differ from one another only in 
their orientations. Note, however, that there is no simple relation between the values of 
ny and the x, y, and z directions. For our purpose, you need only remember that 
»ecause there are three possible values of me, there are three p orbitals with different 
orientations. 
The boundary surface diagrams of p orbitals in Figure 6.24 show that each p orbital 
an be thought of as two lobes; the nucleus is at the center of the p orbital. Like s 
wbitals, p orbitals increase in size from 2p to 3p to 4p orbital and so on. 


4 Orbitals and Other Higher-Energy Orbitals. When ¢ = 2, there are five val- 
es of me, which correspond to five dotbitals. The lowest value of n for a d orbital is 
5. Because € can never be greater than n — 1, when n = 3 and € = 2, we have five 3d 
orbitals (3dxy, 3dyz, 3dyz, 3dy2—y2, and 3d,2), shown in Figure 6.25. As in the case of the 
» orbitals, the different orientations of the d orbitals correspond to the different values 
of me, but again there is no direct correspondence between a given orientation and a 
particular me value. All the 3d orbitals in an atom are identical in energy. The d orbitals 


FIGURE 6.24 The boundary surface diagrams of the three 2p orbitals. Except for their differ- 
ing orientations, these orbitals are identical in shape and energy. The p orbitals of higher 
principal quantum numbers have similar shapes. 
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FIGURE 6.25 Boundary surface diagrams of the five 3d orbitals. Although the 3d.2 orbital looks different, it is equive: 
other four orbitals in all other respects. The d orbitals of higher principal quantum numbers have similar shapes. 


for which n is greater than 3 (4d, Sd, . . .) have similar shapes. 


uw to the 


As we saw in Section 6.7, beyond the d orbitals are f, g,. . . orbitals. The ; orbitals 
are important in accounting for the behavior of elements with atomic numbers greater 
than 57, although their shapes are difficult to represent. We will have no need to 
concern ourselves with orbitals having € values greater than 3 (the g orbitals and 
beyond). 

The following two examples illustrate the labeling of orbitals with quantum num- 
bers and the calculation of total number of orbitals associated with a given principal 
quantum number. 

7 


EXAMPLE 6.6 
List the values of n, €, and me for orbitals in the 4d subshell. 


Answer 


As we saw earlier, the number given in the designation of the subshell is the principal 
quantum number, so in this case n = 4. Since we are dealing with d orbitals, ( The 
values of me can vary from —€ to €. Therefore, my can be —2, —1, 0, 1, 2 (which 
corresponds to the five d orbitals), 


Similar problem: 6.60. 
| 
Pi. t= i 
EXAMPLE 6.7 


What is the total number of orbitals associated with the principal quantum number » = 3? 


Answer 


For n = 3, the possible values of € are 0, 1, and 2. Thus there is one 3s orbital (n = 3, 
€ = 0, and me = 0); there are three 3p orbitals (n = 3, € = 1, and me = —1, 0, 1); there 
are five 3d orbitals (n = 3, € = 2, and mp = —2, —1, 0, 1, 2). Therefore the total 
number of orbitals is 1 +3 +5 =9, 


Similar problem: 6.65. 


6.8 ATOMIC ORBITALS 


The Energies of Orbitals 


Despite the theoretical difficulties Bohr experienced in extending the usefulness of his 
model of the atom, his fundamental notion of electronic energy levels has been main- 
tained and incorporated in the quantum mechanical concepts we are reviewing here. 
hus along with the shapes and sizes of atomic orbitals, we are now ready to inquire 
into their relative energies and how these energy levels help determine the actual 
electronic arrangements found in atoms. 

According to Equation (6.4), the energy of an electron in a hydrogen atom is 
\etermined solely by its principal quantum number. Thus the energies of hydrogen 
vrbitals increase as follows (Figure 6.26): 


ls < 2s = 2p < 3s = 3p = 3d < 4s = 4p = 4d = 4f <<: 


Although the electron density distributions are different in the 2s and 2p orbitals, 
hydrogen’s electron has the same energy whether it is in the 2s orbital or a 2p orbital. 
Orbitals that have the same energy are said to be degenerate. The 1s orbital in a 
hydrogen atom, as we have said, corresponds to the most stable condition and is called 
‘he ground state, and an electron residing in this orbital is most strongly held by the 
nucleus. An electron in the 2s, 2p, or higher orbitals in a hydrogen atom is in an 
excited state. 

The energy picture is different for many-electron atoms. The energy of an electron 
in a many-electron atom, unlike that of the hydrogen atom, depends not only on its 
principal quantum number but also on its angular momentum quantum number. The 
stability of an electron in a many-electron atom reflects both the attraction between the 


d@————— Fo-- ee 


4— 4-—-— 


3— 3— —— 3M—-— — — 


FIGURE 6.26 Orbital energy levels in the hydrogen atom. Each short horizontal line here 
represents one orbital. Orbitals with the same principal quantum number (n) all have the same 


energy. 
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The arrangement of electrons 
in a many-electron atom can 
be understood by examining 
the atomic orbitals they reside 
in. As we will see shortly, each 
orbital can accommodate up to 
two electrons. 


FIGURE 6.27 The order in 
which atomic subshells are filled 
in a many-electron atom. Start 
with the Is orbital and move 
downward, following the direc- 
tion of the arrows. Thus the 
order goes as follows: 1s — 2s 
— 2p — 35 —> 
3p —> 4s —> 3d —> .. ... 


In a sense, we can regard the 
set of four quantum numbers 
as the full “address” of an 
electron in an atom, somewhat 
in the same way that a postal 
Zip Code specifies the 
geographic address of an 
individual. 
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electron and the nucleus and the repulsion between the electron and the rest of the 
electrons present. Attraction as well as repulsion depends on the shape of the orbital in 
which the electron resides. Consequently, the order of increasing orbital energy for a 
many-electron atom is more complicated and is usually determined by experiment. 
Figure 6.27 is a helpful diagram of the order in which atomic orbitals are ‘<!led by 
electrons in a many-electron atom. We will consider specific examples in ‘\c next 
section. 
6.9 Electron Configuration 
The four quantum numbers n, €, me, and m, enable us to label completely ar —‘ectron 
in any orbital in any atom. For example, the four quantum numbers for a orbital 
electron are either n = 2, € = 0, me = 0, and m, = +4 orn = 2, € = 0, my ), and 
m, = —3. In practice it is inconvenient to write out all the individual quant: » num- 
bers, and so we use the simplified notation (n, €, me, m,). For the example a! ve, the 
quantum numbers are either (2, 0, 0, +4) or (2, 0, 0, —4). The value of m, has > effect 
on the energy or size and shape of an orbital, but it plays a profound role in det ‘mining 
how electrons are arranged in an orbital. 
= 
EXAMPLE 6.8 
List the different ways to write the four quantum numbers that designate an elect. ina 
3p orbital. 
Answer 
To start with, we know that the principal quantum number n is 3 and the angular 1m ~.en- 
tum quantum number € must be | (because we are dealing with a p orbital). For 1, 
there are three values of me given by —1, 0, 1. Since the electron spin quantum nur ms 
can be either +4 or —4, we conclude that there are six possible ways to design: the 
electron: 
(3,1, -1, +4 (3,1, -1, -# 
(3, 1, 0, +2) Grrl, Ot =) 
(3, 1, 1, +2) Goa ale —*) 
Similar problems: 6.60, 6.64. 
Ss 


The hydrogen atom is a particularly simple system because it contains only one 
electron. At any given instant, the electron may reside in the 1s orbital (the ground 
state), or it may be found in some higher orbital (an excited state). The situation is 
different for many-electron atoms. To understand electronic behavior in a many-elec- 
tron atom, we must first know the electron configuration of the atom. The electron 
configuration of an atom tells us how the electrons are distributed among the various 
atomic orbitals. We will use the first ten elements (hydrogen to neon) to illustrate the 
basic rules for writing the electron configurations for the ground states of the atoms. 
(Section 6.10 will describe how these rules can be applied to the remainder of the 
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elements in the periodic table.) Recall that the number of electrons in a neutral atom is 
equal to its atomic number Z. 

Figure 6.26 indicates that the electron in a ground-state hydrogen atom must be in 
the ly orbital, so its electron configuration is 1s': 


1<— denotes the number of electrons 


Is ; : 
dencmelihe oaincinee in the orbital or subshell 
quantum number n denotes the angular momentum 


quantum number ¢ 


The electron configuration can also be represented by an orbital diagram that shows 
the spin of the electron (see Figure 6.20), 


H 
Is! 


where the upward arrow denotes one of the two possible spinning motions of the 
electron. (We could have represented the electron with the downward arrow.) The box 
represents an atomic orbital. 


The Pauli Exclusion Principle 


The hydrogen atom is a straightforward case because there is only one electron present. 
How do ve deal with the electron configuration of atoms that contain more than one 
electron? In these cases we use the Pauli7 exclusion principle as our guide. This 
principle states that no two electrons in an atom can have the same four quantum 
numbers. Consider the helium atom, which has two electrons. The three possible ways 
of placing two electrons in the 1s orbital are as follows: 


ve [i] 


1s? 1s? 1s? 


(a) (b) (c) 


Diagrams (a) and (b) are ruled out by the Pauli exclusion principle. In (a), both elec- 
trons have the same upward spin and would have the quantum numbers (1, 0, 0, +3); 
in (b), both electrons have downward spin and would have the quantum numbers (1, 0, 
0, —4). Only the configuration in (c) is physically acceptable, because one electron has 
the quantum numbers (1, 0, 0, +4) and the other has (1, 0, 0, —4). Thus the helium 
atom has the following configuration: 


He |tJ| 


Is? 


Note that 1s? is read ‘tone s two,’’ not ‘fone s squared.” 


+ Wolfgang Pauli (1900-1958). Austrian physicist. One of the founders of quantum mechanics, Pauli was 
awarded the Nobel Prize in physics in 1945. 
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Hydrogen (Z = 1). 


Remember that the direction 
of electron spin has no effect 
on the energy of the electron. 


Helium (Z = 2). 


In practice, the Pauli exclusion 
principle limits the capacity of 
any orbital to a maximum of 
two electrons. 


Electrons that have opposite 
spins are said to be paired. In 
helium, m, = +4 for one 
electron; m, = —} for the 
other, 
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Lithium (Z = 3). 


Experimentally we find that the 
2s orbital lies at a lower 
energy level than the 2p 
orbital in a many-electron 
atom. 
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FIGURE 6.28 The (a) parallel and (b) antiparallel spins of two electrons. In (a) the two 
magnetic fields reinforce each other and the atom is paramagnetic. In (b) the two magnetic fields 
cancel each other, and the atom is diamagnetic. 


Diamagnetism and Paramagnetism 


The Pauli exclusion principle is one of the fundamental principles of quantum »yechan- 
ics. It can be tested by a simple observation. If the two electrons in the Is orbital of a 
helium atom had the same, or parallel, spins(? 1? or | J), their net magnetic fields 
would reinforce each other. Such an arrangement would make the helium atom para- 
magnetic [Figure 6.28(a)]. Paramagnetic substances are those that are attracied by a 
magnet. On the other hand, if the electron spins are paired, or antiparallel to each other 
(f | or J 1), the magnetic effects cancel out and the atom is diamagnetic | Figure 
6.28(b)]. Diamagnetic substances are those that are slightly repelled by a magnet. 

By experiment we find that the helium atom is diamagnetic in the ground state, in 
accord with the Pauli exclusion principle. A useful general rule to keep in min:’ is that 
any atom with an odd number of electrons must be paramagnetic, because we seed an 
even number of electrons for complete pairing. On the other hand, atoms containing an 
even number of electrons may be either diamagnetic or paramagnetic. We wil! see the 
reason for this behavior shortly. 

As another example, consider the lithium atom, which has three electrons. (he third 
electron cannot go into the 1s orbital because it would inevitably have the same four 
quantum numbers as one of the first two electrons. Therefore, this electron ‘‘enters’’ 
the next (energetically) higher orbital, which is the 2s orbital (see Figure 6.27). The 
electron configuration of lithium is 15?2s', and its orbital diagram is 


Is? 2s! 


The lithium atom contains one unpaired electron and is therefore paramagnetic. 
The Shielding Effect in Many-Electron Atoms 


But why is the 2s orbital lower than the 2p orbital on the energy scale in a many-elec- 
tron atom? In comparing the electron configurations of 1s22s' and 1s?2p!, we note that, 
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in both cases, the 1s orbital is filled with two electrons. Because the 2s and 2p orbitals 
are larger than the 1s orbital, an electron in either of these orbitals will spend more time 
iway from the nucleus (on the average) than an electron in the Is orbital. Thus, we can 
speak of a 2s or 2p electron being partly ‘‘shielded’’ from the attractive force of the 
nucleus by the 1s electrons. The important consequence of the shielding effect is that it 
-educes the electrostatic attraction between protons in the nucleus and the electron in 
the 2s or 2p orbital. 

The manner in which the electron density varies as we move outward from the 
vucleus differs for the 2s and 2p orbitals. The density for the 2s electron near the 
ucleus is greater than that for the 2p electron. In other words, a 2s electron spends 
vore time near the nucleus than a 2p electron does (on the average). For this reason, 
he 2s orbital is said to be more ‘‘penetrating’’ than the 2p orbital, and it is less shielded 
y the Ls electrons. In fact, for the same principal quantum number n, the penetrating 

power decreases as the angular momentum quantum number ¢ increases, or 


s>p>d>f>-:- 


Since the stability of an electron is determined by how strongly the electron is attracted 
y the nucleus, it follows that a 2s electron will be lower in energy than a 2p electron. 
fo put it another way, less energy is required to remove a 2p electron than a 2s electron 
secause a 2p electron is not held quite as strongly by the nucleus. The hydrogen atom 
1as only one electron and, therefore, is without such a shielding effect. 
Continuing with our look into atoms of the first ten elements, the electron configu- 
tion of beryllium is 1s°2s?, or 


2 2 
Is~ 2. 


bs 
2s? 


ind beryllium atoms are diamagnetic as we would expect. 
The electron configuration of boron is 1s?2s?2p!, or 


B [tN] 1] t 
Is? 2s? 2p! 


Note that the unpaired electron may be in the 2p,, 2py, or 2p. orbital. The choice is 
completely arbitrary. This follows from the fact that the three p orbitals are equivalent 
in energy. As the diagram shows, boron atoms are paramagnetic. 


Hund’s Rule 


The electron configuration of carbon is 1s°2s°2p”. Here we have three choices for 
placing two electrons among three p orbitals, as follows: 


2px 2py 2p: 2px 2py 2p: 2px 2py 2p: 
(a) (b) (c) 


None of the three arrangements violates the Pauli exclusion principle, so we must 


Beryllium (Z = 4). 


Boron (Z = 5). 


Carbon (Z = 6). 
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Nitrogen (Z = 7). 


Oxygen (Z = 8). 


Fluorine (Z = 9). 


Neon (Z = 10). 
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determine which one will give the greatest stability. The answer is provided by Hund’s 
rule,+ which states that the most stable arrangement of electrons in subshells is the one 
with the greatest number of parallel spins. The arrangement shown in (c) satis‘ies this 
condition. In both (a) and (b) the two spins cancel each other. Thus the electron 
configuration of carbon is 1s°2s?2p?, and its orbital diagram is 


C ohm 
Is? 2s? 2p? 

Qualitatively, we can understand why (c) is preferred to (a). In (a), the ) elec- 

trons are in the same 2p, orbital, and their proximity results in a greater mut. repul- 

sion than when they occupy two separate orbitals, say 2p, and 2p,. The choi» of (c) 
over (b) is more subtle but can be justified on theoretical grounds. 

Measurements of magnetic properties provide the most direct evidence s\ orting 

specific electron configurations of elements. Advances in instrument desi gn dicing the 


last twenty years or so enable us to determine not only whether an atom is p* amag- 
netic but also how many unpaired electrons are present. The fact that carbon 2'>ms are 
paramagnetic, each containing two unpaired electrons, is in accord with Hun« « rule. 


Continuing, the electron configuration of nitrogen is 1s?2s°2p>, and the © ectrons 
are arranged as follows: 


N 
1s? 2s? 2p? 


Again, Hund’s rule dictates that all three 2p electrons have spins parallel toe an- 
other; the nitrogen atom is therefore paramagnetic, containing three unpaired ¢): trons. 

The electron configuration of oxygen is 1s°2s°2p*. An oxygen atom is param <gnetic 
because it has two unpaired electrons: 


o 
Is 2s? 2p* 
The electron configuration of fluorine is 1s°2s?2p°. The nine electrons are a: anged 


as follows: 
F 
ls? 2s? 2p* 


The fluorine atom is thus paramagnetic, having one unpaired electron. 


In neon the 2p orbitals are completely filled. The electron configuration of neon is 
1s°2s°2p°, and all the electrons are paired, as follows: 


Ne 
1s? 2s? 2p® 


Frederick Hund (1896— ). German ph 


ysicist. Hund’s work was main| in hanics. He also 
helped to develop the molecular orbital th Jp quaint mechanics, 


ory which explains the nature of chemical bonding. 
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‘he neon atom is thus predicted to be diamagnetic, which is in accord with experimen- 
| observation. 


eneral Rules for Assigning Electrons to Atomic Orbitals 


sed on the preceding examples we can formulate some general rules for determining 
» maximum number of electrons that can be assigned to the various subshells and 
tals for a given value of n: 


© Each shell or principal level of quantum number n contains n subshells. For 
example, if nm = 2, then there are two subshells (two values of €) of angular 
momentum quantum numbers 0 and 1. 

Each subshell of quantum number ¢ contains 2€ + 1 orbitals. For example, if 
¢ = 1, then there are three p orbitals. 

No more than two electrons can be placed in each orbital. Therefore, the maxi- 
mum number of electrons is simply twice the number of orbitals that are em- 
ployed. 


a] 


os 


The following examples illustrate the procedure for calculating the number of elec- 
ns in orbitals and labeling electrons with the four quantum numbers. 


EXAMPLE 6.9 
What is the maximum number of electrons that can be present in the principal level for 
vhich n = 3? ; 


Answer 
When n = 3, then € = 0, 1, and 2. The number of orbitals for each value of ¢ is given by 


Number of Orbitals 


Value of € (2€ + 1) 
0 1 
1 3 
2 5 


This result can be generalized 
by the formula 2n’. Here we 
have n = 3, so 2(37) = 18. 


| The total number of orbitals is nine. Since each orbital can accommodate two electrons, 
the maximum number of electrons that can reside in the orbitals is 2 x 9, or 18. 


Similar problems: 6.66, 6.67, 6.68. 


EXAMPLE 6.10 
An oxygen atom has a total of eight electrons. Write the four quantum numbers for each of 
the eight electrons in the ground state. 
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Answer 


We start with n = 1, so € = 0, a subshell corresponding to the ls orbital. This orbital can 
accommodate a total of two electrons. Next, n = 2, and £ may be either 0 or 1. The ¢ = 0 
subshell contains one 2s orbital, which can accommodate a total of two electrons. The 
remaining four electrons are placed in the € = 1 subshell, which contains three 2p orbit- 
als. The orbital diagram is 


o [iy fs) (itt) 
sth ee eke 2p* 


The results are summarized in the following table: 
Electron n € me ms Orbital 
I 1 0 0 Sy Is 
2 1 ) 0 = j 
3 2 0 0 +3 2s 
4 2 0 0 —-4 é 
5 2 1 == +3 
6 2 1 0 +4 Biri 2 
7 2 1 1 +4 2Px» Py. 2D; 
8 2 1 1 oe 
Of course, the placement of the eighth electron in the orbital, labeled me = 1, is com- 
pletely arbitrary. It would be equally correct to assign it to me = 0 or my = —! 
Similar problem: 6.91. 


At this point let’s summarize what our examination has revealed about ground-state 
electron configurations and the properties of electrons in atoms: 


© No two electrons in the same atom can have the same four quantum numbers. 
This is the Pauli exclusion principle. 

® Each orbital can be occupied by a maximum of two electrons. They mus! have 
opposite spins, or different electron spin quantum numbers. 

@ The most stable arrangement of electrons in a subshell is the one that has the 
greatest number of parallel spins. This is Hund’s rule. 

@ Atoms in which one or more electrons are unpaired are paramagnetic. Atoms in 
which all of the electron spins are paired are diamagnetic. 

® In a hydrogen atom, the energy of the electron depends only on its principal 
quantum number n. In a many-electron atom, the energy of an electron depends 
on both its principal quantum number n and its angular momentum quantum 


number ¢. 
@ In a many-electron atom the subshells are filled in the order shown in Figure 
6.27. 


® For electrons of the same principal quantum number, their penetrating power, or 
proximity to the nucleus, decreases in the order 5 > p >d>f. This means that, 


for example, more energy is required to separate a 3s electron from an atom than 
is required for a 3p electron. 


6.10 THE BUILDING-UP PRINCIPLE 
6.10 The Building-Up Principle 


iy this final section of the chapter we will extend the rules used in writing electron 
configurations for the first ten elements to the rest of the elements. This process is 
based on the Aufbau principle—the German word Aufbau means “building up.’’ The 
\ufbau principle is based on the fact that as protons are added one by one to the 
nucleus to build up the elements, electrons are similarly added to the atomic orbitals. 
rhrough this process we gain a detailed knowledge about the ground-state electron 
configurations of the elements. As we will see later, a knowledge of the electron 
configurations helps us understand and predict the properties of the elements; it also 
xplains why the periodic table works so well. 

Table 6.3 gives the ground-state electron configurations of all the known elements 
from H (Z = 1) through Une (Z = 109). We have already discussed the electron con- 
figurations from hydrogen through neon in some detail. As you can see, the electron 
configurations of the elements from sodium (Z = 11) through argon (Z = 18) follow a 
pattern similar to those of lithium (Z = 3) through neon (Z = 10). (We compare only 
the highest filled subshells in the outermost shells.) 

Starting with potassium (Z = 19), we begin to encounter some irregularities in 
filling the subshells. Potassium has nineteen electrons. There is no ambiguity about the 
configuration of the first eighteen electrons, which must be 1s?2s?2p°3s73p°. Since this 
is also the electron configuration of argon, we can simplify this and similar notations 
by writing [Ar], which denotes the ‘‘argon core.’’ But where does the nineteenth 
electron go? In the hydrogen atom, the 3d level is more stable than the 4s level (see 
Figure 6.26). With potassium, however, we are dealing with a many-electron atom 
whose energy depends on both n and €. It turns out that the overall stability of potas- 
sium is greater if its last electron is in the 4s orbital rather than in’ the 3d orbital. 
‘Therefore the electron configuration of potassium is [Ar]4s! rather than [Ar]3d!. The 
same argument holds for calcium (Z = 20), whose electron configuration is [Ar]4s°. 
The placement of the outermost electrons in the 4s orbitals in potassium and calcium is 
strongly supported by experimental evidence. 

The elements from scandium (Z = 21) to copper (Z = 29) belong to the transition 
metals. Transition metals either have incompletely filled d subshells or readily give 
rise to cations that have incompletely filled d subshells. Consider the first transition 
metal series, from scandium through copper. Along this series the added electrons are 
placed in the 3d orbitals according to Hund’s rule. However, there are two irregulari- 
ties. The electron configuration of chromium (Z = 24) is [Ar]4s'3d° and not 
[Ar]4s23d*, as we might expect. A similar break in the pattern is observed for copper, 
whose electron configuration is [Ar]4s!3d '0 rather than [Ar]4s?3d? . The reason for 
these irregularities is that a slightly greater stability is associated with the half-filled 
(3d5) and completely filled (3d!) subshells. Electrons in the same subshells (in this 
case, the d orbitals) have equivalent but different spatial distributions. Consequently, 
their shielding of one another is relatively small, and the electrons are more strongly 
attracted by the nucleus when they have the 3d° configuration. According to Hund’s 
rule, the orbital diagram for Cr is 


cr (Ar 
4s! 


3d° 


The “argon core” notation 
introduced here is an accepted 
and useful simplification of the 
full electron configuration 
notation. In practice, we select 
the noble gas element that 
most nearly precedes the 
element being considered. 
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TABLE 6.3 The Ground-State Electron Configurations of the Elements* 


Atomic Electron Atomic Electron Atomic Electron 
Number Symbol Configuration Number — Symbol Configuration Number — Symbol Configuration 
a 
1 H ls 37 Rb [Kr]5s! 73 Ta [Xe]6s*4f'*5a3 
2 He 1s? 38 Sr [Kr]5s? 14 Ww [Xe]6s*4f'* Sa 
3 Li [He]2s! 39 Y [Kr]5s74d! 75 Re [Xe]6s74/"*5a5 
4 Be [He]2s? 40 Zr [Kr]5s*4a? 76 Os [Xe]6s*4/"" .@® 
5 B (He]2s?2p! 41 Nb [Kr]5s'4d* 77 Ir [Xe]6s74/"* a7 
6 c (He]2s?2p? 42 Mo (Kr]5s'4a° 78 Pt [Xe]6s!4f' 4? 
7 N [He]2s?2p3 43 Te [Kr]5s74a° 79 Au [Xe]6s'4f' 5a! 
8 (@) [He]2s?2p* 44 Ru (Kr]5s'4a’ 80 Hg [Xe]6s*4f sa! 
9 F [He]2s?2p> 45 Rh (Kr]5s'4a* 81 Tl [Xe]6s°4/) od !6p! 
10 Ne [He]2s22p° 46 Pd (Kr]4d'° 82 Pb [Xe]6s74f" 6 1!6p? 
ia Na [Ne]3s! 47 Ag [Kr]5s'4d!° 83 Bi [Xe]6s*4/° sd!6p3 
12 Mg [Ne]3s? 48 Cd [Kr]5s74a!° 84 Po [Xe]6s74/ °d!6p4 
13 Al (Ne]3s°3p! 49 In [Kr]5s*4d!°5p! 85 At [Xe]6s*4f! Sd!6p5 
14 Si (Ne]3s°3p? 50 Sn [Kr]5s*4d!°Sp? 86 Rn [Xe]6s24/"" Sd!6p® 
15 P [Ne]3s°3p* 51 Sb [Kr]5s*4d!°Sp3 87 Fr [Rn]7s! 
16 Ss [Ne]3s°3p* 52 Te [Kr]5s*4d!°5p* 88 Ra ({Rn]7s° 
17 cell [Ne]3s°3p° 53 I [Kr]5s74d!°5p° 89 Ac ([Rn]7s°6¢ 
18 Ar [Ne]3s°3p° 54 Xe [Kr]5s74d!°5p° 90 Th (Rn]7s°6d 
19 K {Ar]4s! 55 Cs [Xe]6s! 91 Pa [Rn]7s?5/°6a' 
20 Ca [Ar]4s? 56 Ba [Xe]6s? 92 U (RnJ7s°5f°2' 
21 Se (Ar]4s73d! 57 La [Xe]6s75d! 93 Np (Rn]7s°5/" 
22 Ti [Ar]4s?3a? 58 Ce [Xe]6s*4f!5d! 94 Pu [Rn]7s25/ 
23 Vv [Ar]4s°3a? 59 Pr [Xe]6s*4f° 95 Am (Rn]7575/ 
24 Cr [Ar]4s!3d° 60 Nd [Xe]6s*4f* 96 Cm (Rn]7s75/ 
25 Mn [Ar]4s*3a> 61 Pm [Xe]6s*4f° 97 Bk [Rn]7s75/ 
26 Fe [Ar]4s°3d° 62 Sm [Xe]6s*4f° 98 (ag [Rn]7s25/ 
27 Co [Ar]4s?3d” 63 Eu [Xe]6s°4f 99 Es (Rn]7s°5/' 
28 Ni [Ar]4s°3a8 64 Gd (Xe]6s4f75a! 100 Fm (Rn]7s75/" 
29 Cu {Ar]4s!3d!° 65 Tb [Xe]6s74f? 101 Md [Rn]7s°5/ 
30 Zn [Ar]4s73d!° 66 Dy [Xe]6s74f'° 102 No (Rn]7s°5/ 
31 Ga [Ar]4s?3d!4p! 67 Ho [Xe]6s74f!! 103 Lr [Rn]7s25f!"5a! 
32 Ge [Ar]4s73d!°4p? 68 Er [Xe]6s°4f! 104 Ung [Rn]7s*5f'“6d? 
33 As [Ar]4s?3d!°4p3 69 Tm [Xe]6s74f"3 105 Unp [Rn]7s75f!"6d? 
34 Se [Ar]4s?3d!°4p* 70 Yb [Xe]6s4f'* 106 Unh [Rn]7s?5f'"6d* 
35 Br (Ar]4s73d!4p5 71 Lu [Xe]6s74f!45a! 107 Uns [Rn]7s25f!"6d° 
36 Kr [Ar]4s73d!°4p° 72 Hf [Xe]6s*4f'*5a?_ | 108 Uno [Rn]7s?5f'*6a° 
: 109 Une [Rn]7s°5f'"6d" 


*The “n a me pie the helium core and represents 1s. [Ne] is called the neon core and represents 1s?2s?2p°. [Ar] is called the argon core and 
represents [Ne]3s°3p°. [Kr] is called the krypton core and represents [Ar]4s73d!°4p°, [Xe] is called the 24d'°5p%. 
(Rn] is called the radon core and represents [Xe]6s74f!45d!°6p°. hed me el alld 


Thus, Cr has a total of six unpaired electrons. The orbital diagram for copper is 


tie 
4s! 


3q'° 


6.10 THE BUILDING-UP PRINCIPLE 


Note that extra stability is gained in this case by having the 3d orbitals completely 
filled. 
For elements Zn (Z = 30) through Kr (Z = 36), the 4s and 4p subshells fill in a 
‘raightforward manner. With rubidium (Z = 37), electrons begin to enter the n = 5 
energy level. 
The electron configurations in the second transition metal series [yttrium (Z = 39) 
silver (Z = 47)], on the whole, follow a pattern similar to those of the first transition 
ictal series. 
The sixth period of the periodic table begins with cesium (Z = 55) and barium 
% = 56), whose electron configurations are [Xe]6s' and [Xe]6s*, respectively. Next 
ve come to lanthanum (Z = 57). From Figure 6.27 we would expect that after filling 
1c 6s orbital we would place the additional electrons in 4f orbitals. In reality, the 
energies of the Sd and 4f orbitals are very close; in fact, for lanthanum 4f is slightly 
igher in energy than 5d. Thus lanthanum’s electron configuration is [Xe]6s*Sd' and 
1ot [Xe]6s4f'. Following lanthanum are the fourteen elements [cerium (Z = 58) to 
‘utetium (Z = 71)] that form the lanthanide, or rare earth, series. The rare earth 
metals have incompletely filled 4f subshells or readily give rise to cations that have 
ncompletely filled 4f subshells. In this series, the added electrons are placed in 4f 
bitals. After the 4f subshells are completely filled, the next electron enters the Sd 
subshell which occurs with lutetium. Note that the electron configuration of gadolin- 
ium (Z = 64) is [Xe]6s24f75d! rather than [Xe]6s*4f*. Again, in this instance extra 
stability is gained by having half-filled subshells (4f’), as was the case for chromium. 
Following completion of the lanthanide series, the third transition metal series, 
cluding lanthanum and hafnium (Z = 72) through gold (Z = 79), is characterized by 
he filling of the 5d orbitals. The 6s and 6p subshells are filled next, which takes us to 
adon (Z = 86). 
The last row of elements belongs to the actinide series, which starts at thorium 
Z = 90). Most of these elements are not found in nature but have been synthesized. 
With few exceptions, you should now be able to write the electron configuration of 
any element, using Figure 6.27 as a guide. Elements that require particular care are 
those belonging to the transition metals, the lanthanides, and the actinides. As we 
noted earlier, at larger values of the principal quantum number n, the order of subshell 
filling may reverse from one element to the next. Figure 6.29 groups the elements 
according to the type of subshell in which the outermost electrons are placed. 
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FIGURE 6.29 Classification 
of groups of elements in the peri- 
odic table according to the type 
of subshell being filled with elec- 
trons. 
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SS SE OS 
EXAMPLE 6.11 


Write the electron configurations for sulfur, mercury, and palladium, which is diag- 
magnetic. 


Answer 

Sulfur (Z = 16) 

1. Sulfur has 16 electrons. 

2. It takes 10 electrons to complete the second period (1s?2s?2p°). This leaves us 6 


electrons to fill the 3s orbital and partially fill the 3p orbitals. Thus the electron 
configuration of S is 


1?2s?2p°3573p* 
or [Ne]3s73p*. 


Mercury (Z = 80) 


1. Mercury has 80 electrons. 

2. It takes 54 electrons to complete the fifth-period elements. Starting with the sixth 
period, we need 2 electrons for the 6s orbital, 14 electrons for the 4f orbitals, and 10 
more for the Sd orbitals. The total number of electrons adds up to 80; thus the electron 
configuration of Hg is 


1572s?2p%3523p%4s?3d!°4p95524d!5p%6s24p!45a"° 
or simply [Xe]6s*4f'45d"°. 
Palladium (Z = 46) 


1. Palladium has 46 electrons. 

2. As in the previous cases, we need 36 electrons to complete the fourth period, !eaving 
us with 10 more electrons to distribute among the 5s and 4d orbitals. The three choices 
are (a) 4d'°, (b) 4d°5s', and (c) 4d¥5s?. Since atomic palladium is diamagnetic. its 
electron configuration must be 


1372s?2p°3s73p°4s73d!°4p%4q'0 


or simply [Kr]4d'°. The configurations in (b) and (c) both give paramagnetic Pd 
atoms. 


Similar problems: 6.88, 6.89. 


SUMMARY 


1. Classical physics, as expressed in Newton’s laws of motion, failed to explain the 
behavior of atoms and molecules. A new theory was needed to account for the 
behavior of submicroscopic matter. 

2. Since 1873, radiation had been known to possess the properties of waves—which 
we characterize by wavelength, frequency, and amplitude. One failure of classical 


SUMMARY 


physics, however, was in explaining the emission of radiation by heated solids. 
Max Planck solved this mystery in 1900. His theory, known as the quantum 
theory, revolutionized physics. 


}. Planck’s quantum theory states that radiant energy is emitted by atoms and mole- 


10. 


cules in small discrete amounts (quanta), rather than over a continuous range. This 
behavior is governed by the relationship E = hv, where E is the energy of the 
radiation, h is Planck’s constant, and v is the frequency of the radiation. Energy is 
always emitted in whole-number multiples of hv (lhv, 2hv, 3hv, . . .). 


+. By using quantum theory and, like Planck, making a radically new assumption, 


Albert Einstein in 1905 solved another mystery of physics—the photoelectric 
effect. Einstein proposed that light can behave like a stream of particles (photons). 


). The line spectrum of hydrogen, yet another mystery to nineteenth-century physi- 


cists, was also explained by application of the quantum theory. Niels Bohr devel- 
oped a model of the hydrogen atom in which the energy of the single electron 
moving in various circular orbits about the nucleus was quantized—limited to 
certain energy values determined by an integer, the principal quantum number. 


6. An electron in its most stable energy state is said to be in the ground state, and an 


electron at a higher energy than its most stable state is said to be in an excited 
state. In the Bohr model, an electron emits a photon when it drops from a higher- 
energy orbit (an excited state) to a lower-energy orbit (the ground state or another, 
less excited state). The specific energies released as shown by the lines in the 
hydrogen emission spectrum can be accounted for in this way. 


. The dual behavior of light in exhibiting both particle and wave properties was 


extended by de Broglie to all matter in motion. The wavelength of a moving 
particle of mass m and velocity u is given by the de Broglie equation A = h/mu. 


. The Schrédinger equation, formulated by Erwin Schrédinger in 1926, is a funda- 


mental equation of quantum theory that describes the motions and energies of 
submicroscopic particles. This equation launched quantum mechanics and a new 
era in physics. 


. From the Schrodinger equation we find the possible energy states of the electron in 


a hydrogen atom and the probability of its location in a particular region surround- 
ing the nucleus. These results can be applied with reasonable accuracy to many- 


electron atoms. 
An atomic orbital is a probability function that defines the distribution of electron 


density in space. Orbitals are represented by electron density diagrams or bound- 
ary surface diagrams. 


. Four quantum numbers are needed to characterize completely each electron in an 


atom: the principal quantum number n, which determines the main energy level, 
or shell, of the orbital; the angular momentum quantum number €, which deter- 
mines the shape of the orbital; the magnetic quantum number me, which deter- 
mines the orientation of the orbital in space; and the electron spin quantum number 
m,, which relates only to the electron’s spin on its own axis. 


. The single s orbital in each energy level is spherical and centered on the nucleus. 


The three p orbitals each have two lobes, and the pairs of lobes are arranged at 
right angles to one another. There are five d orbitals, of more complex shapes and 


orientations. 


. The energy of the electron in a hydrogen atom is determined solely by its principal 


quantum number. In many-electron atoms, both the principal quantum number 
and the angular momentum quantum number determine the energy of an electron. 
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EXERCISES 


ELECTROMAGNETIC RADIATION AND THE 


QUANTUM THEORY 
REVIEW QUESTIONS 


6.1 Define the following terms: wave, wavelength, fre- 
quency, amplitude, electromagnetic radiation, quantum. 

6.2 What are the units for wavelength and frequency for elec- 
tromagnetic waves? What is the speed of light, in meters 
per second and miles per hour? 

6.3 List the electromagnetic radiations, starting with the radi- 
ation with the longest wavelength and ending with the 
radiation with the shortest wavelength. 

6.4 Give the high and low wavelength values that define the 


visible region. 


6.5 Briefly explain the Planck quantum theory. What are the 
units for the Planck constant? ‘ 
6.6 Give two familiar, everyday examples to illustrate the 


concept of quantization. 


PROBLEMS 


6.7 Convert 8.6 x 10!3 Hz to nanometers, and 566 nm to 


hertz. 


6.8 The average distance between Mars and Earth is about 


Excited level, p. 227 
Excited state, p. 227 
Frequency, p. 219 

Ground level, p. 227 
Ground state, p. 227 


Heisenberg uncertainty principle, 


p. 237 
Hund’s rule, p. 250 
Lanthanide series, p. 255 
Line spectra, p. 226 
Many-electron atom, p. 238 
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Orbital, p. 239 
Paramagnetic, p. 248 

Pauli exclusion principle, p 
Photon, p. 224 

Quantum, p. 223 
Radiation, p. 219 

Rare earth series, p. 255 
Transition metals, p. 253 
Wave, p. 219 

Wavelength, p. 219 


1.3 x 10° miles. How long would it take 1 


transmitted from the Viking space vehicle on 
face to reach Earth? (1 mile = 1.61 km) 
6.9 How long would it take a radio wave of frequ: 


10° Hz to travel from the planet Venus to Eai 
age distance from Venus to Earth = 28 milli 

6.10 (a) What is the frequency of light of wavelengt! 
(b) What is the wavelength (in nanometers) o! 
of frequency 2.20 x 10° Hz? 

6.11 Our eyes are sensitive to light in the approxiimate fre- 
quency range of 4.0 x 10'* to 7.5 x 10! Hz. Calculate 
the wavelengths in nm that correspond to these two fre- 
quencies. 

6.12 The basic SI unit of time is the second, which is defined 
as 9,192,631,770 cycles of radiation associated with a 
certain emission process in the cesium atom. Calculate 
the wavelength of this radiation (to three significant fig- 


14. No two electrons in the same atom can have the same four quantum numbers (the 
Pauli exclusion principle). 
15. The most stable arrangement of electrons in a subshell is the one that has the 
greatest number of parallel spins (Hund’s rule). Atoms with one or more \npaired 
spins are paramagnetic. Atoms with all electron spins paired are diaignetic, 
16. The periodic table classifies the elements according to their atomic num ers and 
thus also by the electronic configurations of their atoms. 


pictures 
rs’ sur- 


/5.5X 


’ (Aver- 


miles.) 
56 nm? 
idiation 


ures). In which region of the electromagnetic spectrum is 
this wavelength found? 


6.1 


w 


The basic SI unit of length is the meter, which is defined 


as the length equal to 1,650,763.73 wavelengths of the 


light emitted by a particular transition in krypton atoms. 


Calculate the frequency of the light to three significant 


figures. 


PE PHOTOELECTRIC EFFECT 
<EVIEW QUESTIONS 


‘4 Explain what is meant by the photoelectric effect. 

15 What are photons? What important role did Einstein’s 
explanation of the photoelectric effect play in the devel- 
opment of the particle-wave interpretation of the nature 
of electromagnetic radiation? 


‘ROBLEMS 


16 A photon has a wavelength of 624 nm. Calculate the en- 
ergy of the photon in joules. 

».17 The blue color of the sky results from the scattering of 
sunlight by air molecules. The blue light has a frequency 
of about 7.5 x 10! Hz. (a) Calculate the wavelength 
associated with this radiation, and (b) calculate the en- 
ergy in joules of a single photon associated with this fre- 
quency. 

A photon has a frequency of 6.0 x 10* Hz. (a) Convert 

this frequency into wavelength (nm). Does this frequency 

fall in the visible region? (b) Calculate the energy (in 
joules) of this photon, and (c) calculate the energy (in 
joules) of 1 mole of photons all with this frequency. 

).19 What is the wavelength in nanometers of radiation that 
has an energy content of 1.0 x 10° kJ/mol? In which re- 
gion of the electromagnetic spectrum is this radiation 
found? 

».20 When copper is bombarded with high-energy electrons, 
X rays are emitted. Calculate the energy (in joules) asso- 
ciated with the photons if the wavelength of the X rays is 
0,154 nm. 

6.21 A particular electromagnetic radiation has a frequency of 
8.11 x 10!4 Hz. (a) What is its wavelength in nanome- 
ters? in meters? (b) To what region of the electromagnetic 
spectrum would you assign it? (c) What is the energy (in 
joules) of one quantum of this radiation? 

6.22 Ina photoelectric experiment a student uses a light source 
whose frequency is greater than that needed to eject elec- 
trons from a certain metal. However, after continuously 
shining the light on the same area of the metal for a long 
period of time the student notices that the maximum ki- 
netic energy of ejected electrons begins to decrease, even 
though the frequency of the light is held constant. How 
would you account for this behavior? 


co 


BOHR’S THEORY OF THE HYDROGEN ATOM 


REVIEW QUESTIONS 


6.23 What are emission spectra? What are line spectra? 
6.24 What is meant by the phrase ‘‘quantization of energy’’? 


EXERCISES 259 


6.25 What is an energy level? Explain the difference between 
a ground state and an excited state. 

6.26 What does it mean when we say that an atom is excited? 
Does this atom gain or lose energy? 

6.27 Briefly describe Bohr’s theory of the hydrogen atom and 
how it explains the appearance of an emission spectrum. 
How does Bohr’s theory differ from concepts of classical 
physics? 

6.28 Explain the meaning of the negative sign in Equation 
(6.4). 

6.29 Define principal quantum number. What are the lowest 
and highest values of the principal quantum number? 


PROBLEMS 


6.30 Explain why elements produce their own characteristic 
colors when undergoing emission of photons. 

6.31 When some compounds containing copper are heated in a 
flame, green light is emitted. How would you determine 
whether the light is of one wavelength or a mixture of two 
or more wavelengths? 

6.32 Would it be possible for a fluorescent material to emit 
radiation in the ultraviolet region after absorbing visible 
light? Explain your answer. 

6.33 Explain how astronomers are able to tell which elements 
are present in distant stars by analyzing the electromag- 
netic radiation emitted by the stars. 

6.34 Consider the following energy levels of a hypothetical 


atom: 
Big 2 ee ees, SO GIO T 
beet ee torte 50) 2610 I 
By SO 10 
jg Se SE ho ab ew) 


(a) What is the wavelength of the photon needed to excite 
an electron from E, to E4? (b) What is the value (in 
joules) of the quantum of energy of a photon needed to 
excite an electron from E, to E3? (c) When an electron 
drops from the E; level to the E; level, the atom is said to 
undergo emission. Calculate the wavelength of the pho- 
ton emitted in this process. 

6.35 Calculate the wavelength of a photon emitted by a hydro- 
gen atom when its electron drops from the n = 5 state to 
the n = 3 state. 

6.36 The first line of the Balmer series occurs at a wavelength 
of 656.3 nm. What is the energy difference between the 
two energy levels involved in the emission that results in 
this spectral line? 

6.37 Calculate the frequency and wavelength of the emitted 
photon when an electron undergoes a transition from the 
n= 4 to the n = 2 level in a hydrogen atom. 

6.38 Careful spectral analysis shows that the familiar yellow 
light of sodium lamps (such as street lamps) is made up of 
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photons of two wavelengths, 589.0 nm and 589.6 nm. 
What is the difference in energy (in joules) between pho- 
tons possessing these wavelengths? 

6.39 An electron in an orbit of principal quantum number n; in 
a hydrogen atom makes a transition to an orbit of princi- 
pal quantum number 2. The photon emitted has a wave- 
length of 434 nm. Calculate n;. 


PARTICLE-WAVE DUALITY 
REVIEW QUESTIONS 


6.40 Explain what is meant by the statement that matter and 
radiation have a ‘‘dual nature.”” 

6.41 How does de Broglie’s hypothesis account for the fact 
that the energies of the electron in a hydrogen atom are 
quantized? 

6.42 Why does Equation (6.7) apply only to submicroscopic 
particles such as electrons and atoms and not to macro- 
scopic objects? 

6.43 Does a baseball in flight possess wave properties? If so, 
why can we not determine its wave properties? 


PROBLEMS 


6.44 Calculate the wavelength (in nm) associated with a beam 
of neutrons moving at 4.00 x 10° cm/s. (Mass of a 
neutron = 1.675 x 10°77 kg.) 

6.45 What is the de Broglie wavelength in cm of a 12.4-g 
hummingbird flying at 1.20 x 10? mph? (1 mile = 
1.61 km) 

6.46 What is the de Broglie wavelength associated with a 
2.5-g Ping-Pong ball traveling at 35 mph? 

6.47 What properties of electrons are used in the operation of 
an electron microscope? 


QUANTUM MECHANICAL TREATMENT OF THE 
HYDROGEN ATOM 


REVIEW QUESTIONS 


6.48 What are the inadequacies of Bohr’s theory? 

6.49 What is the Heisenberg uncertainty principle? What is the 
Schrédinger equation? 

6.50 What is the physical significance of the wave function? 

6.51 How is the concept of electron density used to describe 
the position of an electron in the quantum mechanical 
treatment of an atom? 

6.52 Define atomic orbital. How does an atomic orbital differ 
from an orbit? 

6.53 Describe the characteristics of an s orbital, a p orbital, 
and a d orbital. 

6.54 Why is a boundary surface diagram useful in representing 
an atomic orbital? 

6.55 Describe the four quantum numbers used to characterize 
an electron in an atom. 

6.56 Which quantum number defines a shell? Which quantum 
numbers define a subshell? 


6.57 Which of the four quantum numbers (1, €, my. m,) deter- 
mine the energy of an electron in (a) a hydrogen atom and 
(b) a many-electron atom? 


PROBLEMS 
6.58 An electron in a certain atom is in the n = 2 quantum 
level. List the possible values of € and my that it can 


have. 
6.59 An electron in an atom is in the n = 3 quantum level. List 
the possible values of € and me that it can have. 
vied with 


6.60 Give the values of the quantum numbers assoc 
the following orbitals: (a) 2p, (b) 39, (c) Sd 
6.61 Discuss the similarities and differences between a ly and 
a 2s orbital. 
6.62 What is the difference between a 2p, and a 2). orbital? 
6.63 Draw the shapes (boundary surfaces) of the ‘ollowing 


orbitals: (a) py, (b) da, (c) da—y2. (Show coordinate axes 
in your sketches.) 

6.64 For the following subshells give the values o! ‘he quan- 
tum numbers (n, €, and me) and the number of orbitals in 
each subshell: (a) 4p, (b) 3d, (c) 3s, (d) S/. 

6.65 List all the possible subshells and orbitals associated with 
the principal quantum number n, if n = 6. 

6.66 Calculate the total number of electrons that « 
(a) one s orbital, (b) three p orbitals, (c) five 
(d) seven f orbitals. 

6.67 What is the total number of electrons that can de held in 
all orbitals having the same principal quantum jmber 1? 

6.68 What is the maximum number of electrons that can be 
found in each of the following subshells? 3s, 30. 4p, 4f, 
Sf 

6.69 Indicate the total number of (a) p electrons in  (Z = 7); 
(b) total s electrons in Si(Z = 14); and (c) 3d eicctrons in 
S (Z = 16). 

6.70 Make a chart of all allowable orbitals in the first four 
principal energy levels of the hydrogen atom. Designate 
each by type (for example, s, p) and indicate how many 
orbitals of each type there are. 

6.71 Why do the 3s, 3p, and 3d orbitals have the same energy 
in a hydrogen atom but different energies in a many- 
electron atom? 

6.72 For each of the following pairs of hydrogen orbitals, indi- 

cate which is higher in energy: (a) 1s, 2s; (b) 2p, 3p: 

(c) 3d,y, 3d)2; (d) 3s, 3d; (e) 5s, 4f. 

Which orbital in each of the following pairs is lower in 

energy in a many-electron atom? (a) 2s, 2p; (b) 3p, 3d; 

(c) 3s, 4s; (d) 4d, 5f 


ELECTRON CONFIGURATION AND THE 
PERIODIC TABLE 


REVIEW QUESTIONS 


1 occupy 
/ orbitals, 


6.7 


Ww 


6.74 Define the following terms: electron configuration, the 
Pauli exclusion principle, Hund’s rule. 


6.82 


6.83 


6.86 


6.87 


6.88 


6.89 


6.90 


Explain the meaning of diamagnetic and paramagnetic. 
Give an example of an atom that is diamagnetic and one 
that is paramagnetic. 

Explain the meaning of the symbol 4d°. 

What is meant by the term ‘‘shielding of electrons”’ in an 
atom? Using the Li atom as an example, describe the 
effect of shielding on the energy of electrons in an atom. 
Define and give an example for each of the following 
terms: transition metals, lanthanides, actinides. 

Explain why the ground-state electron configurations for 
Cr and Cu are different from what we might expect. 
Explain what is meant by a noble gas core. Write the 
electron configuration of a ‘‘xenon core.’ 

Comment on the correctness of the following statement: 
The probability of finding two electrons with the same 
four quantum numbers in an atom is zero. 


‘*ROBLEMS 


Which of the following sets of quantum numbers are un- 
acceptable? Explain your answers. (a) (1, 0, 4, —3), 
(b) (3, 0, 0, +4), (c) (2, 2, 1, +4), (d) 4, 3, —2, +4), 
©): B72) Eee 

Predict the number of spots you would observe on the 
detecting screen in a Stern-Gerlach experiment for each 
of the following atoms: He, Li, F, Ne. 


5 The atomic number of an element is 73. Are the atoms of 


this element diamagnetic or paramagnetic? 

Indicate the number of unpaired electrons present in each 
of the following atoms: B, Ne, P, Sc, Mn, Se, Zr, Ru, 
Cd, I, W, Pb, Ce, Ho. 

Which of the following species has the most unpaired 
electrons? S*, S, or S~. Explain how you arrive at your 
answer. 

Write the ground-state electron configurations for the fol- 
lowing elements: B, V, Ni, As, I, and Au. 

Write the ground-state electron configurations for the fol- 
lowing elements: Ge, Fe, Zn, Ru, W, and TI. 

The ground-state electron configurations listed here are 
incorrect. Explain what mistakes have been made in each 
and write the correct electron configurations. 


Al 1572s?2p43s?3p3 
B_ 1s?2s?2p° 
F  1s?2s2p° 
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6.91 The electron configuration of a neutral atom is 


6.92 


15?2s?2p%3s*. Write a complete set of quantum numbers 
for each of the electrons. Name the element. 

Draw orbital diagrams for atoms with the following elec- 
tron configurations: (a) 1s?2s?2p*, (b) 1572s?2p°3s°3p’, 
(c) 1s?2s?2p°3s?3p%4s?3d’. 

The electron configurations described in this chapter all 
refer to atoms in their ground states. An atom may absorb 
a quantum of energy and promote one of its electrons to a 
higher-energy orbital. When this happens, we say that the 
atom is in an excited state. The electron configurations of 
some excited atoms are given. Identify these atoms and 
write their ground-state configurations: (a) 1s°2s?2p73d', 
(b) Is!2s!, (Cc) 1922s?2p%4s', (d) [Arl4s'3d!°4p%, 
(e) [Ne]3s°3p*3d'. 


MISCELLANEOUS PROBLEMS 


6.94 


6.95 


6.96 


When a compound containing cesium ion is heated in a 
Bunsen burner flame, photons with an energy of 4.30 x 
107!° J are emitted. What color is the cesium flame? 
The emission spectrum from the sun is similar to that 
shown in Figure 6.4. Upon close examination it is found 
that the spectrum consists of a number of dark lines 
whose positions (on the wavelength scale) match those of 
the emission lines of elements such as hydrogen and he- 
lium. Explain the origin of these lines. 

Distinguish carefully between the following terms: 
(a) wavelength and frequency, (b) wave properties and 
particle properties, (c) quantization of energy and contin- 
uous variation in energy. 

Identify the following individuals and their contributions 
to the development of quantum theory: de Broglie, Ein- 
stein, Bohr, Planck, Heisenberg, Schrédinger. 

Discuss the current view of the correctness of the follow- 
ing statements. (a) The electron in the hydrogen atom is 
in an orbit that never brings it closer than 100 pm to the 
nucleus. (b) Atomic absorption spectra result from transi- 
tions of electrons from lower to higher energy levels. 
(c) A many-electron atom behaves somewhat like a solar 
system that has a number of planets. 


we fer abo thd 4 
oar ome ental 
sil ode aw 0 fag 


ue Ya eg 


( Periodic Relationships 
Among the Elements 
“© “ELEMENTS 


W. we 
© Hydrogen j €) Strontian 46 


John Dalton’s chart of elements, compiled in the early nineteenth 
century. Today, 109 elements are known. 
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7 / PERIODIC RELATIONSHIPS AMONG THE ELEMENTS 


n Chapter 6 we discussed the electronic structure of atoms. As we will continue to see 

throughout this book, many of the chemical properties of the elements can be under- 

stood in terms of their electron configurations. Because electrons fill atomic orbitals in a 
fairly regular fashion, it is not surprising that elements with similar electron configurations, 
such as sodium and potassium, behave similarly in many respects and that, in general, ‘ie 
properties of the elements exhibit observable trends. Chemists in the nineteenth century r¢ 
ognized periodic trends in the physical and chemical properties of elements, long befor 
quantum theory came onto the scene. Although these chemists were not aware of the ©» st- 
ence of electrons and protons, their efforts to systematize the chemistry of the elements 
were remarkably successful. Their main sources of information were the atomic masses 0! 
the elements and other known physical and chemical properties. 


‘C- 


7.1 Development of the Periodic Table 


In the last chapter we discussed the building-up or Aufbau principle for writing the 


ground-state electron configuration of the elements. As we will see shortly, °/ements 
with similar outer electron configurations behave alike in many ways. This fect helps 
us group the elements according to the positions they now occupy in the periodic table. 
But this is not the way the original periodic table was constructed in the nineteenth 


century. The chemists of that time had only a vague idea of atoms and molecules and 
did not know of the existence of electrons and protons. Instead, they constructed the 
periodic table using their knowledge of atomic masses. Accurate measuremens of the 
atomic masses of many elements had already been made. Arranging elements accord- 
ing to their atomic masses in a periodic table seemed logical to those chemists. who felt 
that chemical behavior should somehow be related to atomic mass. 

In 1864 the English chemist John Newlands? noticed that when the known c!ements 
were arranged in order of atomic mass, every eighth element had similar properties. 
Newlands referred to this peculiar relationship as the law of octaves. However, this 
“‘law”’ turned out to be inadequate for elements beyond calcium, and Newlands’s work 
was not accepted by the scientific community. 

In 1869 the Russian chemist Dmitri Mendeleevé and the German chemist Lothar 
Meyer§ independently proposed a much more extensive tabulation of the elements, 
based on regular, periodic recurrence of properties. Table 7.1 shows an early version of 
Mendeleev’s periodic table. Mendeleev’s classification was a great improvement over 


¥John Alexander Reina Newlands (1838-1898). English chemist. Newlands’s work was a step in the right 
direction in the classification of the elements. Unfortunately, because of its shortcomings, he was subjected 
to much criticism, and even ridicule. At one meeting he was asked if he had ever examined the elements 
according to the order of their initial letters! Nevertheless, in 1887 Newlands was honored by the Royal 
Society of London for his contribution. i 


Dmitri Ivanovich Mendeleev (1836-1907). Russian chemist. His work on the periodic classification of 
elements is regarded by many as the most significant achievement in chemistry in the nineteenth century. 


§Julius Lothar Meyer (1830-1895). German chemist. In addition to his contribution to the periodic table, 
Meyer also discovered the chemical affinity of hemoglobin for oxygen. 


7.1. DEVELOPMENT OF THE PERIODIC TABLE 


YABLE 7.1 The Periodic Table as Drawn by Mendeleev* 


(wr 


GRUPPE I GRUPPE II GRUPPE Ill GRUPPE IV GRUPPE V GRUPPE VI 
= = RH* RH* RH? 
REIHEN RO RO? RO° RO? 
z Na = 23 S 
4 K=39 Cr = 52 
5 (Cu = 63) Se = 78 
6 Rb = 85 Mo = 96 
7 (Ag = 108) Te = 125 
8 Cs = 133 - 
9 (-) me 
10 - ?La = 180 Ta = 182 W = 184 
11 (Au = 199) Pb = 207 = 
12 - Th = 231 


Spaces are left for the unknown elements with atomic masses 44, 68, 72, and 100. 


Newlands’s in two important ways. First, it grouped the elements together more accu- 
rately, according to their properties. Equally important was the fact that it made possi- 
ble the prediction of the properties of several elements that had not yet been discov- 
ered. For example, Mendeleev proposed the existence of an unknown element that he 
called eka-aluminum. (‘‘Eka’’ is a Sanskrit word meaning first; thus eka-aluminum 
would be the first element under aluminum in the same group.) When gallium was 
discovered four years later, the predicted properties of eka-aluminum were found to 
match the observed properties of gallium very closely (Table 7.2). Figure 7.1 is a 
chronological chart of the discovery of the elements. 

Nevertheless, the early versions of the periodic table had some glaring inconsisten- 
cies. For example, the atomic mass of argon (39.95 amu) is greater than that of potas- 
sium (39.10 amu). If elements were arranged solely according to increasing atomic 
mass, argon would appear in the position occupied by potassium in our modern peri- 
odic table (see inside front cover). But of course no chemist would place argon, an 
inert gas, in the same group as lithium and sodium, two very reactive metals. Such 
discrepancies suggested that some fundamental property other than atomic mass is the 
basis of the observed periodicity. This property turned out to be associated with atomic 
number. 

Using data from @-scattering experiments (see Section 2.2), Rutherford was able to 
estimate the number of positive charges in the nucleus of a few elements, but there was 
no general procedure for determining the atomic numbers. In 1913 a young English 
physicist, Henry Moseley,* was able to provide the necessary measurements. When 


+Henry Gwyn-Jeffreys Moseley (1887-1915). English physicist. Moseley discovered the relationship be- 
tween X-ray spectra and the atomic number of the elements. A lieutenant in the Royal Engineers, he was 
killed in action at the age of 28 during the British campaign in Gallipoli, Turkey. 


GRUPPE VII 
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GRUPPE VIII 
RH 


R07 ROt 


Mn = 55 Fe = 56, Co = 59, 
Ni = 59, Cu = 63. 
Br = 80 
- = 100 Ru = 104, Rh = 104, 


Pd = 106, Ag = 108. 


Os = 195, Ir = 197, 
Pt = 198, Au = 199. 


Appendix 3 explains the names 
and symbols of the elements. 
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FIGURE 7.1 A chronological 
chart of the discovery of the ele- 
ments. To date, 109 elements 
have been identified. 
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TABLE 7.2 Comparison of the Properties for Eka-Aluminum Predicted by 
Mendeleev and the Properties Found for Gallium* 
een eee ee 


Eka-Aluminum (Ea) Gallium (Ga) 
a: 

Atomic mass about 68. Atomic mass 69.9. 

Metal of specific gravity 5.9; melting point Meral of specific gravity 5.94; me \.ng point 
low; nonvolatile; unaffected by air; should 30.15°C; nonvolatile at moderat« ‘empera- 
decompose steam at red heat; should dis- tures; does not change in air; actio. of steam 
solve slowly in acids and alkalis. unknown; dissolves slowly in « and al- 

Oxide: formula Ea2O3; specific gravity 5.5; kalis. 
should dissolve in acids to form salts of the | Oxide: Ga2O3; specific gravity un). wn; dis- 
type EaX3. The hydroxide should dissolve solves in acids, forming salts he type 
in acids and alkalis. GaX;. The hydroxide dissolves i: .cids and 

Salts should have tendency to form basic salts; alkalis. 
the sulfate should form alums; the sulfide Salts hydrolyze readily and form © salts; 
should be precipitated by HS or (NH4)2S. alums are known; the sulfide is py cipitated 
The anhydrous chloride should be more vo- by H2S and by (NH4)2S under spe. a! condi- 
latile than zine chloride. tions. The anhydrous chloride is \ re vola- 

The element will probably be discovered by tile than zine chloride. 
spectroscopic analysis. Gallium was discovered with the » 1 of the 

spectroscope. 


ress s—S 
*From M. E. Weeks, Discovery of the Elements, 6th ed., Chemical Education Publishing Comps. ’, Easton, 
Pa., 1956. 


a 
high-energy electrons were focused on a target made of the elements under © udy, X 
rays were generated. Moseley noticed that the frequencies of X rays emitted \-om the 
elements could be correlated by the equation 


Vv = a(Z — b) 


Synthetic 
elements - 


is 
iS) 


a 
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80 table 
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> (arbitrary units) 


22 «24 


Atomic number (Z) 


26 «428 «630 


vhere v is the frequency of the emitted X ray and a and b are constants that are the 
same for all the elements. A plot of Vv versus Z yields a straight line (Figure 7.2). 
Thus, from the measured frequency and hence Vy of emitted X rays, we can deter- 
nine the atomic number of the element from the plot. 

With a few exceptions, Moseley found that the order of increasing atomic number is 
‘he order of increasing atomic mass. For example, calcium is the twentieth element in 
increasing order of atomic mass, and it has an atomic number of 20. The discrepancies 
mentioned earlier were now understood. The atomic number of argon is 18 and that of 
potassium is 19, so potassium should follow argon in the periodic table. 

In a modern periodic table the atomic number is usually listed together with the 
element symbol. As you already know, the atomic number also indicates the number of 
electrons in the atoms of an element. Electron configurations of elements help explain 
the recurrence of physical and chemical properties. The importance and usefulness of 
the periodic table lie in the fact that we can use our understanding of the general 
properties and trends within a group or a period to predict with considerable accuracy 
the properties of any element, even though that element may be unfamiliar to us. 


7.2 Periodic Classification of the Elements 


Figure 7.3 shows the periodic table together with the outermost ground-state electron 
configurations of the elements. (The electron configurations of all the elements are also 
given in Table 6.3.) Starting with hydrogen, we see that subshells are filled in the order 
shown in Figure 6.27. According to the type of subshell being filled, the elements can 
be divided into categories—the representative elements, the noble gases, the transition 
elements (or transition metals), the lanthanides, and the actinides. Referring now to 
Figure 7.3, the representative elements are the elements in Groups IA through 7A, all 
of which have incompletely filled s or p subshells of highest principal quantum number. 
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FIGURE 7.2 A plot of the 
square root of the frequency of 
X rays versus the atomic number 
of the target element. 
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With the exception of helium, the noble gases (the Group 8A elements) all have a 
completely filled p subshell. (The electron configurations are ls? for helium and ns°np® 
for the other noble gases, where n is the principal quantum number for the outermost 
shell.) The transition metals are the elements in Groups 1B and 3B through 8B, which 
have incompletely filled d subshells, or readily produce cations with incompletely 
filled d subshells. (These metals are sometimes referred to as the d-block transition 
elements.) The Group 2B elements are Zn, Cd, and Hg, which are neither representa- 
tive elements nor transition metals. The lanthanides and actinides are sometimes called 
/-block transition elements because they have incompletely filled f subshells. Figure 
7.4 distinguishes the groups of elements discussed here. 

A clear pattern emerges when we examine the electron configurations of the ele- 
ments in a particular group. First we will consider the representative elements. For 
Groups 1A and 2A elements, the electron configurations are 


Group 1A Group 2A 


Li [He]2s! Be —[He]2s? 

Na [Ne]3s! Mg [Ne]3s? 

K — [Ar]4s! Ca [Ar]4s? 

Rb [Kr]5s! Sr [Kr]5s? 

Cs [Xe]6s! Ba [Xe]6s” 

Fr [Rn]7s! Ra [RnJ7s" 
Representative 


elements 


Noble gases Lanthanides 


Transition 


metals Actinides 


L 


FIGURE 7.4 Classification of the elements. Note that the Group 2B elements are often classified as transition metals even though 
they do not exhibit the characteristics of the transition metals. 


270 


For the representative 
elements, the valence 
electrons are simply those 
electrons at the highest 
principal energy level n. 


See Figure 1.5 for a 
classification of elements. 
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We see that all members of the Group 1A alkali metals have similar oute: 
configurations; each has a noble gas core and an ns! configuration of the outer 


Similarly, the Group 2A alkaline earth metals have a noble gas core and an / 


uration of the outer electrons. The outer electrons of an atom, which are thos: 


in chemical bonding, are often called the valence electrons. The similarity o 
electron configurations (that is, they have the same number of valence e! 
what makes the elements in the same group resemble one another in chemi: 
ior. This observation holds true for the other representative elements. Th 
stance, the halogens (the Group 7A elements), all with outer electron config 
ns’np°, have very similar properties as a group. We must be careful, h 

predicting properties when elements change from nonmetals through m: 

metals. For example, the elements in Group 4A all have the same out 

configuration, ns*np”, but there is much variation in chemical properties a 

elements: Carbon is a nonmetal, silicon and germanium are metalloids, a 
lead are metals. 

As a group, the noble gases behave very similarly. With the exception 
and xenon, the rest of these elements are totally inert chemically. The rea 
these elements all have completely filled outer ns and np subshells, a con 
represents great stability. Although the outer electron configuration of the 
metals is not always the same within a group, and there is no regular patt 
change of the electron configuration from one metal to the next in the same 
transition metals share many characteristics that set them apart from other 
This is because these metals all have an incompletely filled d subshell. Lik 
lanthanide (and the actinide) elements resemble one another within the seri: 
they have incompletely filled f subshells. 
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EXAMPLE 7.1 


A neutral atom of a certain element has 15 electrons. Without consulting a perioc 
answer the following questions: (a) What is the electron configuration of the « 
(b) Classify the element. (c) Are the atoms of this element diamagnetic or parame 


Answer 


be paramagnetic.) 


Similar problem: 7.19. 


(a) Using the building-up principle and knowing the maximum capacity of s and 

shells, we can write the electron configuration of the element as 1s72s?2p°3s73p’ 
(b) Since the 3p subshell is not completely filled, this is a representative element. Based 
on the information given, we cannot say whether it is a metal, a nonmetal, or a metalloid. 
(c) According to Hund’s rule, the three electrons in the 3p orbitals have paralle! spins. 
Therefore, the atoms of this element are paramagnetic, with three unpaired spins. (Re- 
member, we saw in Chapter 6 that any atom that contains an odd number of electrons snust 


sub- 


Representing Free Elements in Chemical Equations 


Having classified the elements according to their electron configurations, we can now 
look at the way chemists represent metals, metalloids, and nonmetals that appear in 
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chemical equations as free elements. Because metals do not exist in discrete molecular 
units, we always use their empirical formulas in chemical equations. The empirical 
ormulas are, of course, the same as the symbols that represent the elements. For 
ample, the empirical formula for iron is Fe, the same as the symbol for the element. 
For nonmetals there is no single rule. Carbon, for example, exists as an extensive 
»e-dimensional network of its atoms, and so we use its empirical formula (C) to 
present it in chemical equations. Because hydrogen, nitrogen, oxygen, and the halo- 
ns exist as diatomic molecules, we use their molecular formulas (H2, N>, O2, Fo, 

», Bro, 15). The stable form of phosphorus exists as P, molecules, and so we use P4. 
though the stable form of sulfur is Sg, chemists often use its empirical formula in 
emical equations. Thus, instead of writing the equation for the combustion of sulfur 


Ss(s) + 802(g) —> 8S02(g) 
ve often write simply 
S(s) + Ox(g) —> SO.(g) 


All the noble gases exist as monatomic species; thus we use their symbols: He, Ne, 
\r, Kr, Xe, and Rn. The metalloids, like the metals, all exist in complex three-dimen- 
sional networks, and we represent them, too, with their empirical formulas, that is, 
‘heir symbols: B, Si, Ge, and so on. 


Hlectron Configurations of Cations and Anions 


We have discussed the electron configurations of elements, but because many ionic 
compounds are made up of monatomic anions and/or cations, it is helpful to know how 
‘o write the electron configurations of these ionic species. The procedure for writing 
electron configurations of ions requires only a slight extension of the method used for 
neutral atoms. We will group the ions in two categories for discussion. 


fons Derived from Representative Elements 


In the formation of a cation from the neutral atom of a representative element, one or 
more electrons are removed from the highest occupied n shell. Following are the 
electron configurations of some neutral atoms and their corresponding cations: 


Na_ [Ne]3s! Nat [Ne] 
Ca [Ar]4s? Ca** [Ar] 
Al [Ne]3s73p! AB* [Ne] 


Note that each ion has a noble gas configuration. 
In the formation of an anion, one or more electrons are added to the highest partially 


filled n shell. Consider the following examples: 


H 1s! H~ 1s? or [He] 

F  15?2s?2p* F~ _15?2s?2p° or [Ne] 
O  15?2s?2p* O02 15?2s?2p° or [Ne] 
N_ 1522s?2p3 N?~  1572s?2p° or [Ne] 


As you can see, all the anions have noble gas configurations. Thus a characteristic of 
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Note that these two equations 
for the combustion of sulfur 
have identical stoichiometry. 
This should not be surprising, 
since both equations describe 
the same chemical system. In 
both cases a number of-sulfur 
atoms react with twice that 
number of oxygen atoms. 


Just as for neutral atoms, we 
use the Pauli exclusion 
principle and Hund’s rule in 
writing the electron 
configurations of cations and 
anions. 
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most representative elements is that ions derived from their neutral atoms have the 
noble gas outer-electron configuration ns*np®. Ions, or atoms and ions, that have the 
same number of electrons, and hence the same ground-state electron configuration, 
are said to be isoelectronic. Thus H~ and He are isoelectronic; F-, Na*, and Ne are 


isoelectronic; and so on. 


Cations Derived from Transition Metals 


Section 6.10 pointed out that in the first-row transition metals (Sc to Cu), the 4s orbital 
is always filled before the 3d orbitals. Consider manganese, whose electron configura- 
tion is [Ar]4s?3d°. When the Mn?* ion is formed, we might expect the two electrons to 


be removed from the 3d orbitals to yield [Ar]4s73d°. In fact, the electron configuration 
This rule can be remembered of Mn?* is [Ar]3d°! We can understand this rather unexpected sequence if w« realize 
easily you'recognlze, Wat that the electron—electron and electron—nucleus interactions in a neutral atom can be 
electrons are removed from endo ae ees : 
the highest filled subshells quite different from those in its ion. Thus, whereas the 4s orbital is always filled before 
first. Bear in mind that the the 3d orbital in Mn, electrons are removed from the 4s orbital in forminy Mn?* 
psig no ken Dean because the 3d orbital is more stable than the 4s orbital in transition metal ions. 
order of electron removal for Therefore, in forming a cation from an atom of a transition metal, electrons are always 


these metals. 


removed first from the ns orbital and then from the (n — 1)d orbitals. 


Keep in mind that most transition metals can form more than one cation and that 
frequently the cations are not isoelectronic with the preceding noble gases. 


The periodic table on the wall of your laboratory or 
lecture hall has probably become such a familiar part of 
your day-to-day experience in chemistry that you take 
it for granted. However, like everything else in science 
the standard group notation in the periodic table contin- 
ues to change in order to reflect new discoveries, 
trends, and developments. Here is another example of 
chemistry in action. 

As mentioned in this chapter, one of the first formal 
arrangements of elements in a tabular format was com- 
pleted by Mendeleev in 1869. Apparently he made a 
card for each of the 63 elements known at that time and 
recorded the most notable properties of each element 
on its own card. Placing together the cards for the ele- 
ments having similar properties, Mendeleev came up 
with a table having eight vertical groups. 

Since then the periodic table has been expanded to 
over 100 elements, listed by atomic number instead of 


CHEMISTRY IN ACTION 


TODAY’S PERIODIC TABLE 
LLL 


atomic mass, as in Mendeleev’s table. Otherwise, in 
principle, it is pretty much the same. There are still 
eight groups, which are designated with the letter A or 
B. In the United States, the conventional practice has 
been to use A to designate the representative elements 
and B to designate transition elements (Figure 7.5). In 
Europe, the tradition has been to use B for the repre- 
sentative elements (after the alkali and alkaline earth 
metals) and A for the transition elements. In an attempt 
to come up with a compromise that would eliminate the 
long-standing confusion over the A and B group subdi- 
visions, the International Union of Pure and Applied 
Chemistry (IUPAC) has recommended adopting a table 
in which the columns carry Arabic numerals | through 
18, as shown in Figure 7.5. The proposal has sparked 
much controversy in the international chemistry com- 
munity, and its merits and drawbacks will be deliber- 
ated for some time to come. 
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| i TUPAC convention 
, ,_— European convention H 
it eee U.S. convention oa 
2 is <i 8 te 17 - 
2A 3 2 
H 3B 1B SB 6B B e 
2A See ee ee ee 
3 4 
: 5 6 ‘| 8 9 10 | 
Li Be [ B Cc N oO F Ne 
See 4 5 6 ") 8 9 10 1 12 4 —— 
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19 25 6 29 30 31 32 33 34 35 36 
| K Mn Cu Zn Ga Ge | As Se Br Kr 
37 4B 47 48 49 50 sl 52 53 54 
Rb Te Ag Cd In Sn Sb Te I Xe 
55 56 57 i 15 16 79 80 81 82 83 84 85 86 
Cs Ba La Re Os Au Hg Ti Pb Bi Po At Rn 
—E | 
87 88 89 107 | 108 | 109 
Fr Ra Ac Uns Uno | Une 
58 59 60 61 62 63 64 65 66 67 68 69 70 1 
Ce Pr Nd Pm Sm Eu Gd Tb Dy Ho Er Tm Yb Lu 
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FIGURE 7.5 The three different periodic group notations. 


7.3 Periodic Variation in Physical Properties 


As we have seen, the electron configurations of the elements show a periodic variation 
with increasing atomic number. Consequently, the elements also display periodic vari- 
ations in their physical and chemical behavior. In this section and the next two, we will 
examine some physical properties of elements in a group and across a period and 
properties that influence the chemical behavior of elements. Before we do so, how- 
ever, let’s look at the concept of effective nuclear charge, which will help us to 
understand these topics better. 


Effective Nuclear Charge 


In discussing the properties of many-electron atoms, the concept of effective nuclear 
charge is quite useful. Consider the helium atom. The nuclear charge of helium is +2, 
but the full force of this +2 charge is partially offset by the mutual repulsion of the two 
ls electrons. In other words, as far as each electron is concerned, the nuclear charge 
appears to carry a charge that is less than +2. For this reason we say that each 1s 
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Atomic radius also influences 
chemical behavior. Here we 
will concentrate only on the 
periodic variation of atomic 
radii. 


FIGURE 7.6 (a) In a metal, 
the atomic radius is defined as 
one-half the distance between the 
centers of two adjacent atoms. 
(b) For elements such as iodine, 
which exist as diatomic mole- 
cules, the radius of the atom is 
defined as one-half the distance 
between the centers of the atoms 
in the molecule. 
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electron is shielded from the nucleus by the other 1s electron, and the effective nuclear 
charge, Zetr, is given by 
Zest =f —G; 


where Z is the actual nuclear charge and 7 (sigma) is called the shielding constant (also 
called the screening constant). 

One way to illustrate the effect of electron shielding is to look at the energy required 
to remove an electron from a many-electron atom. Measurements show that ‘ takes 
2373 kJ of energy to remove the first electron from 1 mole of He atoms and 52+" kJ of 
energy to remove the remaining electron from 1 mole of He* ions. The reason ‘! takes 


less energy for the first step is that the electron—electron repulsion, or electron shield- 
ing, results in a reduction of the attraction of the nucleus for each electron. In. Het 
ion there is only one electron present, so there is no shielding and the electron «cls the 


full effect of the +2 nuclear charge. Consequently, it takes considerably more energy 
to remove the second electron. 

Finally, it is useful to remember the following facts about electron s! elding: 
(1) Electrons in a given shell are shielded by electrons in inner shells bu: not by 
electrons in outer shells, and (2) inner filled shells shield outer electrons mor: effec- 
tively than electrons in the same subshell shield one another. We will refer o these 
facts later in our discussions of the physical and chemical properties of the ements. 


Atomic Radius 


A number of physical properties, including density, melting point, and boilin: point, 


are related to the sizes of atoms, but atomic size is difficult to define. As saw in 
Chapter 6, the electron density in an atom extends far beyond the nucleus. In »:actice, 
we normally think of atomic size as the volume containing about 90 percent 0’ “© total 


electron density around the nucleus. 
Several techniques allow us to estimate the size of an atom. First con: der the 


metallic elements. The structure of metals is quite varied, but they all share «  »mmon 
characteristic: Their atoms are linked to one another in an extensive three-di: sional 
network. Thus the atomic radius of a metal is one-half the distance betwee ‘ne two 
nuclei in two adjacent atoms {Figure 7.6(a)]. For elements that exist as siriyle dia- 
tomic molecules, the atomic radius is one-half the distance between the nuc'i of the 


two atoms in a particular molecule [Figure 7.6(b)]. 
Figure 7.7 shows the atomic radii of many elements according to their pos itions in 


(a) (b) 
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Increasing atomic radius 
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PIGURE 7.7 Trends in atomic radii (in picometers) of a number of elements according to their positions in the periodic table. 


the periodic table, and Figure 7.8 plots the atomic radii of these elements against their 
atomic numbers. Periodic trends are clearly evident. In studying the trends, bear in 
mind that the atomic radius is determined to a large extent by how strongly the outer- 
shell electrons are held by the nucleus. The larger the effective nuclear charge, the 
more strongly held these electrons are and the smaller the atomic radius is. Consider 
the second-period elements from Li to F. The atomic radius of Li is largest because the 
2s electron is well shielded by the filled 1s shell. The effective nuclear charge of the 
outermost electrons increases across the period as a result of incomplete shielding. 
Consequently, the orbital containing the electrons is compressed and the atomic radius 
decreases. 

As we go down a group—say, Group 1A—we find that atomic radius increases 
with increasing atomic number. We can see this trend in Figure 7.8 by comparing the 
positions of Li, Na, K, Rb, and Cs. Each alkali metal atom has a single s electron 
outside a completely fitled shell (1s for Li) or p subshell (for the remaining metals). In 
each case the s electron is well shielded from the nucleus. Since the orbital size 
increases with the increasing principal quantum number n, the size of the metal atoms 
increases from Li to Cs. 

Note that the periodic trends in atomic radii (that is, the increase in atomic radii as 
we move down a group and the decrease in atomic radii as we move from left to right 
across a period) do not apply as well to the transition metals as they do to the represent- 
ative elements (see Figure 7.7). Across a period of the transition metals there are 
relatively small changes in the size of atomic radii. The reason is that the outer s 
electrons are shielded quite effectively from the increasing nuclear charge by the elec- 
trons being added to the d subshell. In the first-row transition metals, we see that the 
atomic radius first decreases from Sc to Cr, then rises slightly at Mn, then decreases 
slightly to Ni, and finally rises at Cu. Going down a column, no clear trends are 
apparent in changes in atomic radii. From the first row to the second row the size of the 
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FIGURE 7.8 Plot of atomic radii (in picometers) of elements against their atomic »wmbers. 


atomic radius increases. However, from the second row to the third row there is only a 
slight increase in the size of radii. 


Jonic Radius 


Tonic radius is the radius of a cation or an anion. Ionic radius affects the physical and 
chemical properties of an ionic compound. For example, the three-dimensionai struc- 
ture of an ionic compound depends on the relative sizes of its cations and anions. 

When a neutral atom is converted to an ion, we expect a change in size. If the atom 
forms an anion, its size (or radius) increases, since the repulsion resulting from the 
additional electron(s) enlarges the domain of the electron cloud. On the other hand, a 
cation is smaller than the neutral atom, since removing one or more electrons shrinks 
the electron cloud. Figure 7.9 shows the changes in size when alkali metals are con- 
verted to cations, and halogens are converted to anions; Figure 7.10 shows the changes 
in size when a lithium atom reacts with a fluorine atom to form a LiF unit. 

Figure 7.11 shows the radii of ions derived from the more familiar elements, at- 
ranged according to their positions in the periodic table. We see that in some places 
there are parallel trends between atomic radii and ionic radii. For example, from top t0 
bottom of the periodic table both the atomic radius and the ionic radius increase. For 
ions derived from elements in different groups, the comparison in size is meaningful 
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FIGURE 7.9 Comparison of atomic radii with ionic radii. (a) Alkali metals and alkali metal 
cations. (b) Halogens and halide ions. 


only if the ions are isoelectronic. If we examine isoelectronic ions, we find that anions 
are larger than cations. For exampe, F~ is larger than Na* and Cl” is larger than K*. 

Focusing on isoelectronic cations, we see that the radii of tripositive ions (that is, 
ions that bear three positive charges) are smaller than those of dipositive ions (that is, 
ions that bear two positive charges), which in turn are smaller than unipositive tons 
(that is, ions that bear one positive charge). This trend is nicely illustrated by the sizes 
of three isoelectronic ions in the third period: AP*, Mg?*, and Na* (see Figure 7.11). 
The Al? ion has the same number of electrons as Mg?*, but it has one more proton. 
Thus the electron cloud in Al°* is pulled inward more than that in Mg**. The smaller 
radius of Mg?* compared to that of Na* can be similarly explained. Turning to isoelec- 
tronic anions, we find that the radius increases as we go from ions with uninegative 


FIGURE 7.10 Changes in size when Li reacts with F to form LiF. The lithium atom transfers 
an electron to the fluorine atom, causing changes in the atomic radii. 
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FIGURE 7.11 The radii in picometers of some ions of the more familiar elements shown in their positions in the periodic ‘ble. 


charge (that is, —) to dinegative charge (that is, 2—), and so on. Thus the oxide on is 
larger than the fluoride ion because oxygen has one fewer proton than fluorin., the 
electron cloud is spread out to a greater extent in O?-. 


Variation of Physical Properties Across a Period 


As we move from left to right across a period, there is a transition from mes to 
metalloids to nonmetals that reflects the differing electron configurations of t cle- 
ments. In this section we will look at the variation in the characteristic physical proper- 
ties of metallic and nonmetallic elements across a period. 

Let’s consider the third-period elements from sodium to argon (Figure 7.12). | able 
7.3 shows a number of physical properties of the third-period elements. The molar 
heats of fusion and vaporization of a substance are the energies (in kJ) needed to melt 
and vaporize 1 mole of the substance at its melting point and boiling point, respec- 
tively. The terms electrical conductivity and thermal conductivity are used qualita- 
tively here to indicate an element’s ability to conduct electricity and heat. Sodium, the 
first element in the third period, is a very reactive metal, whereas chlorine, the second- 
to-last element of that period, is a very reactive nonmetal. In between, the elements 
show a gradual transition from metallic properties to nonmetallic properties. Note that 
the melting point, molar heat of fusion, boiling point, and molar heat of vaporization 
rise from Na to Si and then fall to low values at Ar. Sodium, magnesium, and alumi- 
num all have extensive three-dimensional atomic networks, and these atoms are held 
together by forces characteristic of the metallic state. Silicon is a metalloid; it has a 
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Aluminum (Al) Silicon (Si) 


PI s (P) Sulfur (S) Chlorine (Cl2) Argon (Ar) 
FIGURE 7.42 The third-period elements. The photograph of argon, which is a colorless, odorless gas, shows the color emitted by 
the gas from a discharge tube. 


giant three-dimensional structure in which the Si atoms are held together very strongly. 
That is why the heats of fusion and vaporization reach a maximum at silicon. (Recall 
that the stronger the force of attraction between the atoms, the greater the amount of 
energy needed to bring about the transition from solid to liquid or from liquid to 
vapor.) Starting with phosphorus, the elements exist in simple, discrete molecular units 
(Py, Sg, Cls, and Ar). These molecules or atoms (for argon) are held together by 
relatively weak forces called intermolecular forces that operate among molecules. 
Therefore, they have lower heats of fusion and vaporization than do the metals and 
Silicon. 
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TABLE 7.3 Variations in Some Physical Properties for the Third-Period Elements 


Na Mg Al Si P RY cl Ar 
EE Se 
Type of element <—— Meal —— Metalloid ————  Nonmetal. ————_——-5. 
Atomic 
Structure <— Extensive three-dimensional —~> Paes Ss Cl pecies 
Density (g/cm*) 0.97 1.74 2.70 2.33 1.82 2.07 1.56* 1.40* 
Melting point (°C) 98 649 660 1410 44 119 —101 189 
Molar heat of 
fusion (kJ/mol) 2.6 9.0 10.8 46.4 0.6 1.4 32 1.2 
Boiling point (°C) 883 1090 2467 2355 280 445 —34.6 186 
Molar heat of vaporization 
(kJ/mol) 89.0 128.7 293.7 376.7 12.4 9.6 10.2 6.5 
Electrical conductivity Good Good Good Fair Poor Poor Poor Poor 


Thermal conductivity Good Good Good Fair Poor Poor Poor -00r 


*The densities of Cl, and Ar are those of the liquids at their boiling points. 
ES SS a 


The density of an element depends on three quantities: the atomic mass, the size of 
the atoms, and the way in which the atoms are packed together in the condensed state. 
(Recall that density is mass/volume.) We see that the density, like some of the other 
properties, rises as we move to the elements in the middle of the period, and then falls. 
The electrical conductivity and thermal conductivity are high for the metals and then 
fall rapidly as we move across the table. This is consistent with the fact that metals are 
good conductors of heat and electricity, whereas nonmetals are poor conductors i»: both 
respects. Note that silicon, a metalloid, has intermediate properties. 

Similar trends are observed for representative elements in other periods. As we 
noted earlier, the transition metals, the lanthanides, and the actinides do not show this 
kind of periodic variation. 


Predicting Physical Properties 


One benefit of knowing the periodic trends in physical properties is that we can use this 
knowledge to predict properties of elements. Suppose we want to predict the boiling 
point of an element. One approach is to make use of the known boiling points of the 
element’s immediate neighbors in the same group. In some cases we find that the 
boiling point of the element is fairly close to the average of the boiling points of the 
elements immediately above and below it in the group. The following example illus- 
trates this approach. . 


EXAMPLE 7.2 
The melting points of chlorine (Cl,) and iodine (I,) are —101.0°C and 113.5°C, and their 


boiling points are —34.6°C and 184.4°C, respectively. From these data estimate the melt- 
ing point and boiling point of bromine (Br). 
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Answer 


We note that chlorine, bromine, and iodine belong to Group 7A, the halogens. Since they 
are all nonmetals, we expect a gradual change in the melting point and boiling point of the 
nts as we move down the group. Bromine is located between chlorine and iodine; 
therefore expect that many of its properties fall between those of chlorine and iodine. 

“yus we can estimate the melting point and boiling point of bromine by taking the average 
of those for chlorine and iodine. It is convenient mathematically to convert the tempera- 
tures to the Kelvin scale first by setting up the following table: 


Melting Point Boiling Point 


(K) (K) 
| Ch 172.2 238.6 
} Br 4 ? 
L 386.7 457.6 
x 172.2 K + 386.7 K i 
melting point of Bry = May ia = 279.5 K = 6.4°C 


and 


238.6 K + 457.6 K 
boiling point of Br, = ES Tr hig oe tao oe = 348.1 K = 75°C 


‘The actual melting point and boiling point of bromine are —7.2°C and 58.8°C, respec- 
tively, and so these estimates can be considered good “‘ball-park’’ values. 


Similar problem: 7.47. 


Note that predicting the properties of an element by examining the properties of its 
immediate neighbors in the same period is less reliable than predicting properties from 
group trends because the properties change more drastically across a period. This is 
particularly true when elements change from metal to metalloid and then to nonmetal. 

The Chemistry in Action on p. 282 provides an interesting case of how group trends 


can help us predict the physical state of an element. 


7.4 lonization Energy 


Before we examine the periodic variations in chemical properties, we need to discuss 
two concepts that play important roles in determining whether atoms of the elements 
will preferentially form ionic or molecular compounds: ionization energy and electron 


affinity (Section 7.5). 


Ionization energy is the minimum energy required to remove an electron from a 
gaseous atom in its ground state. The magnitude of ionization energy is a measure of 
the effort required to force an atom to give up an electron, or of how ‘‘tightly’’ the 
electron is held in the atom. The higher the ionization energy, the more difficult it is 


to remove the electron. 


281 


lonization energies are 
measured in kilojoules per 
mole (kJ/mol), that is, the 
amount of energy in kilojoules 
needed to remove 1 mole of 
electrons from 1 mole of 
gaseous atoms (or ions). 
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CHEMISTRY IN ACTION “> al 


THE THIRD LIQUID ELEMENT 


—— 
Of the 109 known elements, 11 are gases under atmos- _— dium, the melting point drops 81.4°; from sod»: to 
pheric conditions. Six of these are the Group 8A ele- potassium, 34.6°; from potassium to rubidiur 24°: 
ments (the noble gases He, Ne, Ar, Kr, Xe, and Rn), from rubidium to cesium, 11°. On the basis his 
and the other 5 are hydrogen (Hz), nitrogen (N2), oxy- trend, we can predict that the drop from cesium‘ “an- 
gen (O>), fluorine (F2), and chlorine (Cl,). Curiously, cium would be about 5°. If so, the melting p: of 
only 2 elements are liquids at 25°C: mercury (Hg) and _francium would be 23°C, which would make it a uid 


bromine (Br2). under atmospheric conditions. 

We do not know the properties of all the known 
elements because some of them have never been pre- 
pared in quantities large enough for investigation. In 
these cases we must rely on periodic trends to predict 
their properties. What are the chances, then, of discov- 180 
ering a third liquid element? 

Let us look at francium (Fr), the last member of 150 
Group 1A, to see if it would qualify as a liquid at 25°C. 
All of francium’s isotopes are radioactive. The most 
stable isotope is francium-223, which has a half-life of 
21 minutes. (Half-life is the time it takes for one-half of 
the atoms in any given amount of a radioactive sub- 
stance to disintegrate.) This short half-life means that 
only very small traces of francium could possibly exist 
on Earth. And although it is feasible to prepare fran- 30 
cium in the laboratory, no weighable quantity of the i 
element has been prepared or isolated. Thus we know 
very little about francium’s physical and chemical 
properties. Yet we can use the group periodic trends to 
predict some of those properties. = 

Take francium’s melting point as an example. Fig- FIGURE 7.13 A plot of the melting points of the alkali et- 
ure 7.13 shows how the melting points of the alkali als versus their atomic numbers. By extrapolation, francixim 
metals vary with atomic number. From lithium to so- is predicted to have a melting point of 23°C. 
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Ionization Energies of Many-Electron Atoms 
For a many-electron atom, the amount of energy required to remove the first electron 
from the atom in its ground state, 

energy + X(g) —> X*(g) + e~ (7.1) 


ean . always an is called the first ionization energy (I,). In Equation (7.1), X represents an atom of any 
mic process, element, e is an electron, and g, of course, denotes the gaseous state. Unlike an atom in 
the condensed phases (liquid and solid), an atom in the gaseous phase is virtually 
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uninfluenced by its neighbors. The second ionization energy (I) and the third ioniza- 
tion energy (Is) are shown in the following equations: 

energy + X*(g) —» X?*(g)+e> second ionization 

energy + X?*(g) —> X**(g) + e7 third ionization 


The »atiern continues for subsequent electrons. 
an electron is removed from a neutral atom, the repulsion among the remain- 


ing © ecirons decreases. Since the nuclear charge remains constant, more energy is 
neecec ‘o remove another electron from the positively charged ion. Thus, ionization 
ener’ always increase in the following order: 

i iad eal 


. 7.14 shows the first ionization energy of a number of elements according to 
the tions in the periodic table. Figure 7.15 shows the variation of the first ioniza- 
ti rey with atomic number. The plot clearly exhibits the periodicity in the stabil- 
ity of ‘he most loosely held electron. Note that, apart from small irregularities, the 
iontvetion energies of elements in a period increase with increasing atomic number. 
Mocs notable are the peaks, which correspond to the noble gases. Since ionization 
er s a measure of how strongly the electrons are held by the nucleus, we can see 

t noble gases are chemically unreactive. In fact, helium has the highest first 
n energy of all the elements. 

Group 1A elements (the alkali metals) at the bottom of the graph in Figure 7.15 


Increasing ionization energy 
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This resistance to chemical 
change is attributable to the 
stability of the ts? 
configuration of helium and 
the completely filled outer s 
and p subshells of the other 
noble gases. 
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FIGURE 7.14 The first ionization energies (in kJ/mol) of some elements according to their positions in the periodic table. Note that 
the ionization energy increases from left to right across a period and decreases from top to bottom within a group. These trends are 
more characteristic of the representative elements than of the transition metals. 
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The only important nonmetallic 
cation is the ammonium ion, 
NH. 


7 / PERIODIC RELATIONSHIPS AMONG THE ELEMENTS 


First ionization energy (kJ/mol) 


Atomic number (Z) 


FIGURE 7.15 Variation of the first ionization energy with atomic number. Note that the noble 
gases have high ionization energies, whereas the alkali metals and alkaline earth meials have 
low ionization energies. 


have the lowest ionization energies. Each of these metals has one valence eleciron (the 


outermost electron configuration is ns!) that is effectively shielded by the completely 
filled inner shells. Consequently, it is energetically easy to remove an electron irom the 
atom of an alkali metal to form a unipositive ion (Lit, Nat, K*, . . .). Significantly, 


the electron configurations of these ions are isoelectronic with those noble gases just 
preceding them in the periodic table. 

The Group 2A elements (the alkaline earth metals) have higher first ionization 
energies than the alkali metals do. The alkaline earth metals have two valence electrons 
(the outermost electron configuration is ns*). Because these two s electrons do not 
shield each other well, the effective nuclear charge for an alkaline earth meta! atom is 
larger than that for the preceding alkali metal atom. Most alkaline earth compounds 
contain dipositive ions (Mg?*, Ca?*, Sr2*, Ba2*). The Be2* ion is isoelectronic with 
Li* and with He, Mg** is isoelectronic with Na* and with Ne, and so on. 

From the preceding discussion and Figure 7.14, we see that metals have relatively 
low ionization energies, whereas nonmetals possess much higher ionization energies. 
The ionization energies of the metalloids usually fall between those of metals and 
nonmetals. The difference in ionization energies suggests why metals always form 
cations and nonmetals form anions in ionic compounds. For a given group, the ioniza- 
tion energy decreases with increasing atomic number (that is, as we move down the 
group). Elements in the same group have similar outer electron configurations. How- 
ever, as the principal quantum number n increases, so does the average distance of a 
valence electron from the nucleus. A greater separation between the electron and the 
nucleus means a weaker attraction, so that the electron becomes increasingly easier to 
remove as we go from element to element down a group. Thus the metallic character of 
the elements within a group increases from top to hottam Thic trend jc narticularly 


7.5 ELECTRON AFFINITY 


noticeable for elements in Groups 3A to 7A. For example, in Group 4A we note that 
carbon is a nonmetal, silicon and germanium are metalloids, and tin and lead are 
metals. 

Although the general trend in the periodic table is that of ionization energies in- 
1g from left to right, some irregularities do exist. The first occurs in going from 
2A to 3A (for example, from Be to B and from Mg to Al). The Group 3A 
elements all have a single electron in the outermost p subshell (ns*np'), which is well 
shielded by the inner electrons and the ns electrons. Therefore, less energy is needed 
) vemove a single p electron than to remove a paired s electron from the same principal 
energy level. This explains the lower ionization energies in Group 3A elements com- 
with those in Group 2A in the same period. The second irregularity occurs 
“1 Groups 5A and 6A (for example, from N to O and from P to S). In the Group 
: »ments (ns?np*) the p electrons are in three separate orbitals according to Hund’s 
rule. In Group 6A (ns?np*) the additional electron must be paired with one of the three 
p electrons. The proximity of two electrons in the same orbital results in greater elec- 
irostatic repulsion, which makes it easier to ionize an atom of the Group 6A element, 
even though the nuclear charge has increased by one unit. Thus the ionization energies 
in Group 6A are lower than those in Group 5A in the same period. 

The importance of ionization energy lies in the close correlation between electron 
configuration (a microscopic property) and chemical behavior (a macroscopic prop- 
erty). As we will see throughout the book, the chemical properties of any atom are 
related to the configuration of the atom’s valence electrons, and the stability of these 
electrons is reflected directly in the atom’s ionization energies. 


% Wlectron Affinity 


Another property of atoms that greatly influences their chemical behavior is their 
ability to accept one or more electrons. This ability is measured by electron affinity, 
which is the energy change when an electron is accepted by an atom in the gaseous 
state. The equation is 


X(g) +e ——> X (g) 


where X is an atom of an element. In accordance with the convention used in thermo- 
chemistry (see Chapter 4), we assign a negative value to the electron affinity when 
energy is released. The more negative the electron affinity, the greater the tendency of 
the atom to accept an electron. Figure 7.16 shows the electron affinity values of some 
representative elements and the noble gases, and Figure 7. 17 plots the values of the 
first twenty elements versus atomic number. The overall trend is that electron affinity 
values become more negative as we move from left to right across a period. The 
electron affinities of metals are generally more positive (or less negative) than those of 
nonmetals. The values differ little within a given group. The halogens (Group 7A) 
have the most negative electron affinity values. This is not surprising when we realize 
that by accepting an electron, each halogen atom assumes the electron configuration of 
the noble gas immediately following it. For example, the electron configuration of F~ 
is 1s22s?2p° or [Ne]; for Cl~ it is [Ne]3s?3p® or [Ar]; and so on. The noble gases, 
which have filled outer s and p subshells, have no tendency to accept electrons. 

The electron affinity of oxygen has a negative value, which means that the process 


O(g) +e —> O (sg) 
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FIGURE 7.16 Electron affinities (in kJ/mol ) of selected elements. The values in parentheses are estimates. By convention, orgy 
released has a negative sign and energy absorbed has a positive sign. 


is favorable. On the other hand, the electron affinity of the O~ ion, 
O(g) + e~ —> 0?(g) 


is positive (708 kJ/mol) even though the O?~ ion is isoelectronic with the nobi< gas 


Electron affinity (kJ/mol) 


FIGURE 7.17 A plot of elec- 10 
tron affinity against atomic num- Atomic number 
ber for the first twenty elements. 


7.6 VARIATION IN CHEMICAL PROPERTIES 


Ne. This process is unfavorable in the gas phase because the resulting increase in 
electron—electron repulsion outweighs the stability gained in achieving a noble gas 
configuratio». However, note that ions such as O7~ are common in ionic compounds 
(for exaisp', LigO and MgO); in solids, these ions are stabilized by the neighboring 
cations. 

The fo! wing example shows why the alkaline earth metals have no tendency to 
accept efee'rons. 


| eee 
EXA. i 7.3 
Expl , the electron affinities of the alkaline earth metals are all positive. 
Ans\ 
The o: hell electron configuration of the alkaline earth metals is ns*. For the process 
M(g) + e ——> M (g) 
wher: © Jenotes a member of the Group 2A family, the extra electron must enter the np 
subsh hich is effectively shielded by the two ns electrons (the np electrons are farther 
away he nucleus than the ns electrons). Consequently, alkaline earth metals have no 
tende ) pick up an extra electron. 
7.6 Vé ion in Chemical Properties 
Tonizat nergy and electron affinity are two characteristics that help chemists under- 
Stand i oes of reactions that elements undergo and the nature of the elements’ 
compori's. Utilizing these concepts, we can survey the chemical behavior of the 
elemen iematically, paying particular attention to the relationship between chemi- 
cal properties and electron configuration. 


We have seen that as we move across a period from left to right, the metallic 
character of the elements decreases. And as we move down a group in the periodic 
table the metallic character of the elements increases. On the basis of these trends and 
the knowledge that metals usually have low ionization energies while nonmetals usu- 
ally have high (more negative) electron affinities, we can frequently predict the chemi- 
cal outcome when atoms of some of these elements react with one another. The follow- 
ing discussion focuses only on the representative elements. We will consider the 
chemistry of transition metals in Chapter 22. 


General Trends in Chemical Properties 


Before we study the elements in individual groups, let us look at some overall trends. 
We have said that elements in the same group resemble one another in chemical behav- 
ior because they have similar outer electron configurations. This statement, although 
Correct in the general sense, must be applied with caution. Chemists have long known 
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On a conceptual level these 
two fundamental quantities are 
related in a simple way: 
lonization energy indexes the 
attraction of an atom for its 
own outer electrons, whereas 
electron affinity expresses the 
attraction of an atom for an 
additional electron from some 
other source. Together they 
give us insight into the general 
attraction of an atom for 
electrons. 
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1A 2A 3A 4A 


FIGURE 7.18 Diagonal rela- 
tionships in the periodic table. 
The relationship holds for lith- 
ium and magnesium, beryllium 
and aluminum, and boron and 
silicon. 
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that the first member of each group (that is, the element in the second period from 
lithium to fluorine) differs from the rest of the members of the same group. Thus 
lithium, while exhibiting many of the properties characteristic of the alkali metals, 
differs in some ways from the rest of the metals in Group 1A. Similarly, bery!lium is 
somewhat atypical of the members of Group 2A, and so on. The reason for the differ- 
ence is the unusually small size of the first member of each group. 

Another trend in chemical behavior of the representative elements is the diagonal 
relationship. Diagonal relationship refers to similarities that exist between pairs of 
elements in different groups and periods of the periodic table. Specifically, the first 
three members of the second period (Li, Be, and B) exhibit many similarities to those 
elements located diagonally below them in the periodic table (Figure 7.18). The chem- 
istry of lithium resembles that of magnesium in some ways, the same holds for beryl- 
lium and aluminum and for boron and silicon. Thus each pair of these elements is said 
to exhibit a diagonal relationship. We will see a number of examples illustrating this 
relationship later. 

In comparing the properties of elements in the same group, bear in mind that the 
comparison is most valid if we are dealing with elements of the same type. This 
guideline applies to the elements in Groups 1A and 2A, which are all metals, anc! to the 
elements in Group 7A, which are all nonmetals. In Groups 3A through 6A, where the 
elements change either from nonmetals to metals or from nonmetals to metalloicds, it is 
natural to expect greater variations in chemical properties even though the members of 
the same group have similar outer electron configurations. 

We will now survey the chemical properties of hydrogen and the elements in Groups 
1A through 8A. 


Chemical Properties in Individual Groups 


Hydrogen (1s'). There is no totally suitable position for hydrogen in the periodic 
table. It resembles the alkali metals in having a single s valence electron and toi ming 
the H* ion, which is hydrated in solution [similar, for example, to the Na‘ (aq) ions]. 
On the other hand, hydrogen also forms the hydride ion (H), which is too reactive to 
exist in water but does exist in some ionic compounds. In this respect, hydrogen 
resembles the halogens, since they all form halide ions (F~, Cl”, Br, and I). Tradi- 
tionally hydrogen is shown in Group 1A in the periodic table, but you should nor think 
of it as a member of that group. The most important compound of hydrogen is, of 
course, water, which is formed when hydrogen burns in air: 


2H2(g) + O2(g) —> 2H,0(/) 


Group 1A Elements (ns', n > 2). Figure 7.19 shows the Group 1A elements. ‘The 
alkali metals all have low ionization energies and therefore a great tendency to lose 
their single valence electron (see Figure 7.14). In fact, in the vast majority of their 
compounds they are unipositive ions. These metals are so reactive that they are never 
found in the free, uncombined state in nature. They react with water to produce hydro- 
gen gas and the corresponding metal hydroxide: 


2M(s) + 2H,O(I) —> 2MOH(aq) + H2(g) 


where M denotes an alkali metal. When exposed to air, they gradually lose their shiny 


7.6 VARIATION IN CHEMICAL PROPERTIES 


289 


Lithium (Li) Sodium (Na) 


Rubidium (Rb) ~ Cesium (Cs) 


FIGURE 7.19 The Group 1A elements: the alkali metals. Francium is a radioactive element. 


appearance as they combine with oxygen gas to form several different types of oxides 
, compounds. Lithium differs from the rest of the alkali metals in that it forms 
je (containing the O?~ ion) 


or ox 
the ox 


ALi(s) + Ox(g) —> 2Li,0(s) 


The other alkali metals all form peroxides (containing the 03~ ion) in addition to 
oxides. For example, 


2Na(s) + O2(g) —> Na,02(s) 
Potassium, rubidium, and cesium also form superoxides (containing the Oz ion): 


K(s) + O2(g) —> KOx(s) 


Group 2A Elements (ns?,n 2 2). Figure 7.20 shows the Group 2A elements. As a 
group, the alkaline earth metals too are reactive metals, but less so than the alkali 
metals. As we saw earlier, the alkaline earth metals have a tendency to lose both 
valence electrons and to exist as dipositive ions in most of their compounds. In Figure 
7.14 we see that beryllium has the highest first ionization energy of the group. (The 
same relationship holds for their second ionization energies.) As a result, most beryl- 
lium compounds are molecular rather than ionic in nature. The reactivities of alkaline 
earth metals toward water differ quite markedly. Beryllium does not react with water, 
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Magnesium (Mg) Calcium (Ca) 


Strontium (Sr) Barium (Ba) Radium (Ra) 


FIGURE 7.20 The Group 2A elements: the alkaline earth metals. 


magnesium reacts slowly with steam; calcium, strontium, and barium are ~ active 
enough to attack cold water: 


M(s) + 2H,0(/) —» M(OH),(aq) + H2(g) 


where M denotes Ca, Sr, or Ba. The reactivities of the alkaline earth metals «ward 
oxygen also increase from Be to Ba. Beryllium and magnesium form oxides (B..) and 
MgO) only at elevated temperatures, whereas CaO, SrO, and BaO are formed «. »oom 
temperature. 

Magnesium reacts with acids to liberate hydrogen gas: 


Mg(s) + 2H*(aqg) —> Mg?*(aqg) + H2(g) 


Calcium, strontium, and barium also react with acids to produce hydrogen gas. How- 
ever, because these metals also attack water, two different reactions will occur simulta- 
neously. 

An example of periodic group similarity is provided by calcium and strontium. 
Strontium-90, a radioactive isotope, is a major product of atomic bomb explosion. If 
an atomic bomb is exploded in the atmosphere, the strontium-90 formed will eventu- 
ally settle on land and water alike, and reach our bodies via a relatively short food 
chain. For example, cows eat contaminated grass and drink contaminated water, then 
pass along strontium-90 in their milk. Because calcium and strontium are chemically 
similar, Sr°* ions can replace Ca?* ions in our bodies—for example, in bones. Con- 
stant exposure of the body to high-energy radiation emitted by the strontium-90 iso- 
topes can lead to anemia, leukemia, and other chronic illnesses. 


7.6 VARIATION IN CHEMICAL PROPERTIES 


Boron (B) Aluminum (Al) 


Gallium (Ga) Indium (In) 


“IGURE 7.21 The Group 3A elements. 


‘“roup 3A Elements (ns?np', n > 2). The first member of Group 3A, boron, is a 
metalloid; the rest are metals (Figure 7.21). Boron does not form binary ionic com- 
pounds and is unreactive toward oxygen gas and water. The next element, aluminum, 
readily forms aluminum oxide when exposed to air: 


4A\(s) + 302(g) —> 2A1,03(s) 


Aluminum that has a protective layer of aluminum oxide appears less reactive than 
elemental aluminum. The Group 3A metallic elements form unipositive and tripositive 
ions. Aluminum, which can form only tripositive ions, reacts with hydrochloric acid as 
follows: 


2Al(s) + 6H* (aq) —> 2A1?* (aq) + 3H2(g) 


Moving down the group, we find that the unipositive ion becomes more stable than the 
tripositive ion. For example, TI* is much more stable than TI?*. These metallic ele- 
ments also form many molecular compounds. Thus, as we move from left to right 
across the periodic table, we begin to see a gradual shift from metallic character to 
nonmetallic character for the representative elements. 


Group 4A Elements (ns?np?, n > 2). The first member of Group 4A, carbon, is 
a nonmetal, and the next two members, silicon and germanium, are metalloids (Figure 
7.22). These three elements do not form ionic compounds. They are stable toward 
water, although they do form oxides. For example, carbon forms carbon dioxide and 
carbon monoxide when it burns. The metallic elements of this group, tin and lead, do 
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Carbon (graphite) Carbon (diamond) 


Germanium (Ge) Tin (Sn) Lead (Pb) 
FIGURE 7.22 The Group 4A elements. 


not react with water but form the oxides SnO, SnO3, PbO, and PbO. SnO, and PbOs, 
which are molecular compounds, have little ionic character. Tin and lead react with 
acids (hydrochloric acid, for example) to liberate hydrogen gas: 


Sn(s) + 2H* (aq) —> Sn?*(aq) + Ho(g) 
Pb(s) + 2H* (aq) — > Pb**(aq) + H2(g) 


Group 5A Elements (ns?np*, n > 2). In Group 5A, nitrogen and phosphorus are 
nonmetals, arsenic and antimony are metalloids, and bismuth is a metal (Figure 7.23). 
Thus we expect a larger variation in properties as we move down the group. Nitrogen 
exists as a diatomic gas (N>). It forms a number of oxides (NO, N2O, NO3, N>O,, and 
N3Os), of which only N>Os is a solid; the others are gases. Nitrogen has a tendency to 
accept three electrons to form the nitride ion, N*~ (thus achieving the electron configu- 
ration 2s?2p°, isoelectronic with neon). Most metallic nitrides (Liz;N and Mg3N>, for 
example) are ionic compounds. Phosphorus exists as Py molecules. It forms two solid 
oxides with the formulas P40, and P4O,9. Arsenic, antimony, and bismuth have exten- 
sive three-dimensional structures. Bismuth is a far less reactive metal than those in the 
earlier groups. 


Group 6A Elements (ns?np*, n = 2). The first three members of Group 6A (oxy- 
gen, sulfur, and selenium) are nonmetals, and the last two (tellurium and polonium) are 
metalloids (Figure 7.24). Oxygen is a diatomic gas; sulfur and selenium exist as Sg and 
Seg units; tellurium and polonium have more extensive three-dimensional structures. 
(Polonium is a radioactive element that is difficult to study in the laboratory.) Oxygen 
has a tendency to accept two electrons to form the oxide ion (O7-) in many ionic 
compounds. (The electron configuration of O27 is 1s2s°2p°, isoelectronic with Ne.) 
Sulfur, selenium, and tellurium also form anions of the type S*~, Se? , and Te? . The 
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Nitrogen (N>) White and red phosphorus (P) 
uid nitrogen used for low temperature 
earch) 


Arsenic (As) Antimony (Sb) 


elements in this group (especially oxygen) form a large number of molecular com- 
pounds with nonmetals from the other groups. 


Group 7A Elements (ns?np*, n= 2). All the halogens are nonmetals with the 
general formula X>, where X denotes a halogen element (Figure 7.25). Because of 
their great reactivity, the halogens are never found in the elemental form in nature. 
(The last member of Group 7A is astatine, a synthetic element. Little is known about 
its properties.) Fluorine is so reactive that it attacks water to generate oxygen: 


2Fx(g) + 2H,O(l) —> 4HF(aq) + O2(g) 


Actually the reaction between molecular fluorine and water is quite complex; the 
products formed depend on reaction conditions. The reaction shown here is one of 
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FIGURE 7.23 The Group 5A 
elements. Molecular nitrogen is 
a colorless, odorless gas. 


Bismuth (Bi) 
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Sulfur (Sg) Selenium (Seg) Tellurium (Te) 


FIGURE 7.24 The Group 6A elements sulfur, selenium, and tellurium. Molecular oxygen is a colorless, odorless gas. Po nium is 
a radioactive element. 


several possible changes. The halogens have high ionization energies and lar» nega- 
tive electron affinities. These facts suggest that they would preferentially form. inions 
of the type X~. Anions derived from the halogens (F-, Cl”, Br, and I) « alled 
halides. They are isoelectronic with the noble gases. For example, F™ is isoe|: tronic 
with Ne, Cl” with Ar, and so on. The vast majority of the alkali metal and © kaline 
earth metal halides are ionic compounds. The halogens also form many 1. cular 
compounds among themselves (such as ICI and BrF3) and with nonmetallic ele ents in 


other groups (such as PCl; and NF3). The halogens react with hydrogen form 
hydrogen halides: 


H2(g) + X2(g) —> 2HX(g) 


When this reaction involves fluorine it is explosive, but it becomes less and les: /iolent 
as we substitute chlorine and iodine. This is one indication that fluorine is cons erably 
more reactive than the rest of the halogens. The hydrogen halides dissolve in | ater to 
form hydrohalic acids. Of this series, hydrofluoric acid (HF) is a weak acid (‘! + is, it 


is a weak electrolyte), but the other acids (HCl, HBr, and HI) are strong is (or 
strong electrolytes). 


FIGURE 7.25 The Group 
7A elements chlorine, bro- 
mine, and iodine. Fluorine is 
a greenish-yellow gas that 
attacks ordinary glassware. 
Astatine is a radioactive ele- 
ment. 
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Helium (He) Neon (Ne) Argon (Ar) Krypton (Kr) Xenon (Xe) 


URE 7.26 All noble gases are colorless and odorless. These pictures show the colors emitted by the gases from a discharge 


oup 8A Elements (ns2np®, n > 2). All noble gases exist as monatomic species 
sure 7.26). This fact suggests that they are probably very unreactive and have little 
10 tendency to combine among themselves or with other elements. That is indeed 
case. The electron configurations of the noble gases show that their atoms have 
npletely filled outer ns and np subshells, indicating great stability. (Helium is 1s.) 
» Group 8A ionization energies are among the highest of all elements (see Figure 
\4), and they have no tendency to accept extra electrons. For a number of years these 
ments were called inert gases due to their observed lack of chemical reactivity. 
ce 1962, however, several krypton and xenon compounds have been synthesized. 


omparison of Group 1A and Group 1B Elements 


Vhen we compare the Group 1A (alkali metals) and the Group 1B elements (copper, 
ilver, and gold), we arrive at an interesting conclusion. Although the elements in these 
wo groups have similar outer electron configurations, with one electron in the outer- 
most s orbital, their chemical properties are quite different. 

The first ionization energies of Cu, Ag, and Au are 745 kJ/mol, 731 kJ/mol, and 
890 kJ/mol, respectively. Since these values are considerably larger than those of the 
alkali metals (see Figure 7.14), the Group 1B elements are much less reactive. The 
higher ionization energies of the Group 1B elements result from incomplete shielding 
of the nucleus by the inner d electrons (compared to the more effective shielding of the 
completely filled noble gas cores). Consequently the outer s electrons of these elements 
are more strongly attracted by the nucleus. In fact, copper, silver, and gold are so 
unreactive that they are usually found in the uncombined state in nature. The inertness 
and rarity of these metals have made them valuable in the manufacture of coins and in 
jewelry. For this reason, these metals are also called coinage metals. The difference in 
chemical properties between the Group 2A elements (the alkaline earth metals) and the 
Group 2B metals (zinc, cadmium, and mercury) can be similarly explained. 
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Some elements in the third 
period (P, S, and Cl) form 
several types of oxides. We 
consider only those oxides 
containing the maximum 
number of oxygen atoms. 
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Properties of Oxides Across a Period 


One way to compare the properties of the representative elements across a period is to 
examine the properties of a series of similar compounds. Since oxygen combines with 
almost all elements, we will briefly compare the properties of oxides of the third-period 
elements to see how metals differ from metalloids and nonmetals. Table 7.4 lists a few 
general characteristics of the oxides. We observed earlier that oxygen has a tendency to 
form the oxide ion. This tendency is greatly favored when oxygen combines with 
metals that have low ionization energies, namely, those in Groups 1A and 2A and 
aluminum. Thus Na,O, MgO, and AI,O3 are ionic compounds, as indicated by their 
high melting points and boiling points. They have extensive three-dimensionai struc- 
tures in which each cation is surrounded by a specific number of anions, and vice 
versa. As the ionization energies of the elements increase from left to right, so does the 
molecular nature of the oxides that are formed. Silicon is a metalloid; its oxide (SiO,) 
also has a huge three-dimensional network, although no ions are present. The oxides of 
phosphorus, sulfur, and chlorine are molecular compounds composed of smal! discrete 
units. The weak attractions among these molecules result in relatively low melting 
points and boiling points. 

Most oxides can be classified as acidic or basic depending on whether they produce 
acids or bases when dissolved in water or react as acids or bases in certain reactions. (A 
special type of oxide that displays both acidic and basic properties is called amphoteric 
oxide, and we will discuss one shortly.) The first two oxides of the third period, Na,O 
and MgO, are basic oxides. For example, Na,O reacts with water to form sodium 
hydroxide (which is a base): 

Na,O(s) + H,O(/) —> 2NaOH(aq) 
Magnesium oxide is quite insoluble; it does not react with water to any appreciable 


extent. However, it does react with acids in a manner that resembles an acid—base 
reaction: 


MgO(s) + 2HCl(aq) —> MgCl.(aq) + H,O(/) 


Note that the products of this reaction are a salt (MgCl,) and water, the usual products 
from an acid—base neutralization. Aluminum oxide is even less soluble than magne- 
sium oxide; it too does not react with water. However, it shows basic properties by 
reacting with acids: 


Al,03(s) + 6HCl(ag) —> 2AlCl;(aq) + 3HO(/) 


TABLE 7.4 Some Properties of Oxides of the Third-Period Elements 


Na,O MgO Al,O; SiO> P4010 SO; Cl,07 

Type of 

compound < Tonic > < Molecular —F 
Structure <—— Extensive three-dimensional > < Discrete > 
Melting t molecular units 

point (°C) 1275 2800 2045 1610 580 16.8 —91.5 
Boiling 

point (°C) 4 3600 2980 2230 ? 44.8 82 
Acid—base 


nature Basic Basic Amphoteric <—\—— Acidic —____—> 
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It also shows acidic properties by reacting with bases: Although the sole product is a 
salt and no water is formed, 
Al,03(s) + 2NaOH(aq) + 3H20(/) —> 2NaAl(OH),(aq) the reaction between ALLO, 


. ar : ~ and NaOH qualifies as an acid— 
s Al,Os is classified as an amphoteric oxide because it exhibits both acidic and base reaction. 
basic properties. 
silicon dioxide is insoluble and does not react with water. It has acidic properties, 
however, because it reacts with very concentrated bases: 


SiO2(s) + 2NaOH(aq) —> Na2SiO;(aq) + H>O(/) 


‘bo remaining third-period oxides are acidic, as indicated by their reactions with water 
‘orm phosphoric acid (H3POy,), sulfuric acid (H,SO,), and perchloric acid (HCIO,): 


P4Oj0(s) + 6H0(/) —> 4H3PO,(aq) 
SO3(g) + H,O(/) —» H2SO,(aq) 
Cl,07(g) + H,O(/) —+> 2HCIO,(aq) 


‘his brief examination of oxides of the third-period elements tells us that as the 
vetallic character of the elements decreases from left to right across the period, their 
ides change from basic to amphoteric to acidic. Normal metallic oxides are usually 
and most oxides of nonmetals are acidic. The intermediate properties of the 
des (as shown by the amphoteric oxides) are exhibited by elements whose positions 
intermediate within the period. Note also that since the metallic character of the 
ments increases as we move down a particular group of the representative elements, 

would expect oxides of elements with larger atomic numbers to be more basic than 
e lighter elements. This is indeed the case. 


| Le RS hi | 
NXAMPLE 7.4 


Classify the following oxides as acidic, basic, or amphoteric: (a) Rb2O, (b) BeO, 
(c) AsoOs. - 


| Answer 


(a) Since rubidium is an alkali metal, we would expect Rb2O to be a basic oxide. This is 
| indeed true, as shown by rubidium oxide’s reaction with water to form rubidium hydrox- 
ide: 

Rb,O(s) + H,O() —> 2RbOH(aq) 


(b) Beryllium is an alkaline earth metal. However, because it is the first member of Group 
2A, we expect that it may differ somewhat from the other members in the group. Further- 
more, beryllium and aluminum exhibit diagonal relationship, so that BeO may resemble 
Al,O3 in properties. It turns out that BeO, like Al,O;, is an amphoteric oxide, as shown 
by its reactions with acids and bases: 


BeO(s) + 2H*(aq) + 3H,0(1) —> Be(H30)3* (aq) These reactions are analogous 
i i, to those shown above for 
BeO(s) + 20H“ (aq) + HO) —> Be(OH)s (aq) ALO. 


(c) Since arsenic is a nonmetal, we expect As,Os to be an acidic oxide. This prediction is 
correct, as shown by the formation of arsenic acid when As,Os reacts with water: 


As,05(s) + 3H2O() —> 2H3AsO,(aq) 
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In this chapter we discussed the physical and chemical 
properties of the elements, the majority of which are 
naturally occurring. How are these elements distributed 
in Earth’s crust, and which of them are essential to 
living systems? 

By Earth’s crust, we mean the layer measured from 
the surface of Earth to a depth of about 40 km (about 
25 miles). Because of technical difficulties, scientists 
have not been able to study the inner portions of Earth 
as easily as the crust. It is believed that there is a solid 
core made up mostly of iron and nickel at the center of 
Earth. Surrounding the core is a very hot fluid called: 
the mantle, which is made up of iron, carbon, silicon, 
and sulfur (Figure 7.27). 


CHEMISTRY IN ACTION 


DISTRIBUTION OF ELEMENTS IN EARTH’S CRUST AND IN LIVING SYSTEMS 


ze 


Mantle 
Crust 


2900 km 3480 km 


FIGURE 7.27 Structure of Earth’s interior. 


> 0.1% 1 X 10~°%-1 X 1073% 


0.001%-0.1% <1X 107% 


FIGURE 7.28 Natural abundance of the elements in percent by mass. For example, oxygen’s abundance is 45.5 percent. This 
means that in a 100-g sample of Earth's crust there are, on the average, 45.5 g of the element oxygen : 


SUMMARY 


Of the eighty-three elements that are found in na- chromium (Cr), manganese (Mn), molybdenum (Mo), 


‘ure, twelve of them make up 99.7 percent of Earth’s and silicon (Si). 
‘ust by mass. They are, in decreasing order of natural 


-yundance, oxygen (O), silicon (Si), aluminum (Al), TABLE 7.5 Essential Elements in the Human Body 
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vn (Fe), calcium (Ca), magnesium (Mg), sodium Percent Percent 
a), potassium (K), titanium (Ti), hydrogen (H), Element by Mass* Element by Mass* 
> \osphorus (P), and manganese (Mn) (Figure 7.28). In : 
‘scussing the natural abundance of the elements, we  OxY8e" aS anne ae 
ould keep in mind that (1) the elements are not Carbon te asin a 
only distributed throughout Earth’s crust, and es : oa — 
) most elements occur in combined forms. These fea-  Gatcium 1.5 Copper <0.05 
ves provide the basis for most methods of obtaining Phosphorus 1.2 Zinc <0.05 
ive elements from their compounds, as we will see in _ Potassium 0.2 Iodine <0.05 
sr chapters. Sulfur 0.2 Selenium <0.01 
‘Table 7.5 lists the essential elements in the human Chlorine 0.2 Fluorine <0.01 


dy. In addition, the following elements are also *Percent by mass gives the mass of the element present in grams in a 


und in living systems: aluminum (Al), bromine (Br), 100-g sample. 


MIMARY 


he periodic table was developed by Newlands, Mendeleev, and Meyer. Nine- 
‘centh-century chemists constructed the periodic table by arranging elements in the 
increasing order of their atomic masses. Some discrepancies in the early version of 
the periodic table were resolved when Moseley showed that elements should be 
wranged according to their increasing atomic number. 

‘lectron configuration directly influences the properties of the elements. The mod- 
ern periodic table classifies the elements according to their atomic numbers, and 
thus also by their electron configurations. The configuration of the outermost elec- 
trons (called valence electrons) directly affects the properties of the atoms of the 
representative elements. 

As we move across a period, periodic variations are found in physical properties of 
the elements. These variations can be understood in terms of differences in struc- 
ture. The metallic character of elements decreases across a period from metals 
through the metalloids to nonmetals and increases from top to bottom within a 
particular group of representative elements. 

. The size of an atom, indicated by atomic radius, varies periodically with the ar- 
rangement of the elements in the periodic table. It decreases as we move across a 
period and increases as we move down a group. 

. Ionization energy is a measure of the tendency of an atom to lose an electron. The 
higher the ionization energy, the more strongly the nucleus holds the electron. 
Electron affinity is a measure of the tendency of an atom to gain an electron. The 
more negative the electron affinity, the greater the tendency for the atom to gain an 
electron. Metals usually have low ionization energies, and nonmetals usually have 
high (large negative) electron affinities. 

. Noble gases are very stable because their outer ns and np subshells are completely 
filled. The metals of the representative elements (in Groups 1A, 2A, and 3A) tend 
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to lose electrons until the cations of these metals become isoelectronic with the 
noble gases preceding them in the periodic table. The nonmetals of the representa- 
tive elements (in Groups 5A, 6A, and 7A) tend to accept electrons until the anions 
of these nonmetals become isoelectronic with the noble gases following them in the 


periodic table. 


KEY WORDS 


Amphoteric oxide, p. 297 
Atomic radius, p. 274 
Diagonal relationship, p. 288 
Electron affinity, p. 285 


EXERCISES 
DEVELOPMENT OF THE PERIODIC TABLE 
REVIEW QUESTIONS 


7.1 Briefly describe the significance of Mendeleev’s periodic 
table. 

7.2 What is Moseley’s contribution to the modern periodic 
table? 

7.3 Describe the general layout of a modern periodic table. 

7.4 What is the most important relationship among elements 
in the same group in a periodic table? 


PERIODIC CLASSIFICATION OF THE 
ELEMENTS 


REVIEW QUESTIONS 


7.5 Give two examples each of a metal, a nonmetal, and a 
metalloid. 

7.6 Which of the following elements are metals, nonmetals, 
and metalloids? As, Xe, Fe, Li, B, Cl, Ba, P, I, Si 

7.7 Compare the physical and chemical properties of metals 
and nonmetals. 

7.8 Draw a rough sketch of a periodic table (no details are 
required). Indicate regions where metals, nonmetals, and 
metalloids are located. 

7.9 What is a representative element? Give names and sym- 
bols of four representative elements. 

7.10 Without referring to a periodic table, write the name and 
give the symbol for an element in each of the following 
groups: 1A, 2A, 3A, 4A, SA, 6A, 7A, 8A, transition 
metals. 

7.11 Indicate whether the following elements exist as atomic 
species, molecular species, or extensive three-dimen- 
sional structures in their most stable states at 25°C and 


Ionic radius, p. 276 
Ionization energy, p. 281 
Isoelectronic, p. 272 


Noble gases, p. 269 
Representative elements, p. 267 
Valence electrons, p. 270 


1 atm and write the molecular or empirical formula for 
the elements: phosphorus, iodine, magnesium, neon, ar- 
senic, sulfur, boron, selenium, and oxygen. 

7.12 What is a noble gas core? 

7.13 Define valence electrons. For representative elements, 


the number of valence electrons of an element is equal to 
its group number. Show that this is true for the following 
elements: Al, Sr, K, Br, P, S, C. 

7.14 A neutral atom of a certain element has seventecn elec- 


trons. Without consulting a periodic table, answer the 
following questions: (a) What is the ground-state electron 


configuration of the element? (b) Classify the eiement. 
(c) Are the atoms of this element diamagnetic or para- 
magnetic? 


7.15 In the periodic table, the element hydrogen is sometimes 
grouped with the alkali metals (as in this book) and some- 
times with the halogens. Explain why hydrogen can re- 
semble the Group 1A and the Group 7A elements 

7.16 Write the outer electron configurations for (a) the alkali 
metals, (b) the alkaline earth metals, (c) the halogens, 
(d) the noble gases. 

7.17 Use the first-row transition metals (Sc to Cu) as an exam- 
ple to illustrate the characteristics of the electron configu- 
rations of transition metals. 


PROBLEMS 


7.18 Group the following electron configurations in pairs that 
would represent similar chemical properties of their 
atoms: 

(a) 19°2s?2p°3s3p° 

(b) 1572s?2p%35? 

(c) 1s72s?2p3 

(d) 15°2s°2p°3s73p%4s73d!°4p° 


(e) 1s?2s? 
f) 1s?2s?2p® 
(g) 1s?2s?2p%3s?3p3 
(h) 1s?2s?2p° 
) Without referring to a periodic table, write the electron 
configuration of elements with the following atomic 
numbers: (a) 9, (b) 20, (c) 26, (d) 33. Classify the ele- 
ments. 
7,20 specify in what group of the periodic table each of the 
ollowing elements is found: (a) [Ne]3s!, (b) [Ne]3s73p°, 
[Ne]3s73p°, (d) [Ar]4s?3d°. 
7.2! An ion M?* derived from a metal in the first transition 
metal series has four and only four electrons in the 3d 
ubshell. What element might M be? 


J RON CONFIGURATIONS OF IONS 
REVIEW QUESTIONS 


Ped 


7.2) What is the characteristic of the electron configuration of 
table ions derived from representative elements? 

7.25 What do we mean when we say that two ions or an atom 
ind an ion are isoelectronic? 

7.2) What is wrong with the statement ‘‘The atoms of element 
\ are isoelectronic with the atoms of element Y’’? 

7 Give three examples of first-row transition metal (Sc to 


Cu) ions whose electron configurations are represented 
by the argon core. 


PROBLEMS 


7.26 Write ground-state electron configurations for the follow- 
ng ions: (a) Lit, (b) H~, (©) N*, (d) F, (&) S*, 
1) AB*, (g) Se?~, (h) Br”, (i) Rb*, (j) Sr°*, (k) Sn?*, 
|) Te?” , (m) Ba?*, (n) Pb?*, (0) In**, (p) TI*, (q) TP*. 

7.27 Write the ground-state electron configurations of the fol- 
lowing ions, which play important roles in biochemical 
processes in our bodies: (a) Na*, (b) Mg?*, (c) Cl’, 
(d) K*, (e) Ca?*, (f) Fe?*, (g) Cu>*, (h) Zn?*. 

7.28 Write ground-state electron configurations of the follow- 
ing transition metal ions: (a) Sc**, (b) Ti**, () V°*, 
(d) Cr+, (e) Mn2*, (f) Fe?*, (g) Fe**, (h) Co?*, 
(i) Ni2*, (Gj) Cu*, (k) Cu2*, (1) Ag*, (m) Au*, (n) Au®*, 
(0) Pt?*, ; 

7.29 Name the ions with +3 charges that have the follow- 
ing electron configurations: (a) [Ar]3d*, (b) [Ar], 
(c) [Kr]4d°, (d) [Xe]4f'45d°. 

7.30 Which of the following species are isoelectronic with 
each other? C, Cl”, Mn?*, B~, Ar, Zn, Fe**, Ge™* 


PERIODIC VARIATION IN PHYSICAL 
PROPERTIES 


REVIEW QUESTIONS 


7.31 Define atomic radius. Does the size of an atom have a 
precise meaning? 
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7.32 How does atomic radius change as we move (a) from left 
to right across a period and (b) from top to bottom in a 
group? 

7.33 Define ionic radius. How does the size change when an 
atom is converted to (a) an anion and (b) a cation. 


PROBLEMS 


7.34 On the basis of their positions in the periodic table, select 
the atom with the larger atomic radius in each of the fol- 
lowing pairs: (a) Na, Cs; (b) Be, Ba; (c) N, Sb; (d) F, Br; 
(e) Ne, Xe. 

7.35 Why does the helium atom have a smaller atomic radius 
than the hydrogen atom? 

7.36 Why is the radius of the lithium atom considerably larger 
than the radius of the hydrogen atom? . 

7.37 Arrange the following atoms in order of decreasin 
atomic radius: Na, Al, P, Cl, Mg. 

7.38 Which is the smallest atom in Group 7A? 

7.39 Use the second period of the periodic table as an example 
to show that the sizes of atoms decrease as we move from 
left to right. Explain the trend. 

7.40 In each of the following pairs, indicate which one of the 
two species is smaller: (a) Cl or Cl”; (b) Na or Na‘; 
(c) O?~ or S?-; (d) Mg?* or AP*; (e) Au* or Aus*. 

7.41 List the following ions in order of increasing ionic radius: 
N?-, Na*, F-, Mg’*, O?-. 

7.42 Explain which of the following ions is larger, and why: 
Fe?* or Fe’ 

7.43 Explain which of the following anions is larger, and why: 
Ne onP?s. 

7.44 Arrange the following anions in order of increasing size: 
O?”, Te?~, Se?~, S?~. Explain your sequence. 

7.45 The H” ion and the He atom have two Is electrons each. 
Which of the two species is larger? Explain. 

7.46 Give the physical states (gas, liquid, or solid) of the rep- 
resentative elements in the fourth period at 1 atm and 
25°C: K, Ca, Ga, Ge, As, Se, Br. 

7.47 The boiling points of neon and krypton are —245.9°C and 
—152.9°C, respectively. Using these data, estimate the 
boiling point of argon. 

IONIZATION ENERGY 

REVIEW QUESTIONS 

7.48 Define ionization energy. Ionization energy measure- 
ments are usually carried out with atoms in the gaseous 
state. Why? 

7.49 Sketch an outline of the periodic table and show group 
and period trends in the first ionization energy of the ele- 
ments. What types of elements have the highest ioniza- 
tion energies and what types the lowest ionization ener- 
gies? 

7.50 Why is the second ionization energy always greater than 
the first ionization energy regardless of the element being 
considered? 
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PROBLEMS 


7.51 In an ionization energy measurement, a beam of ener- 
getic electrons is used to ionize the atoms. Atoms can 
also be ionized by irradiation with light (a process called 
photoionization). Calculate the frequency and wave- 
length of light that must be employed to ionize one of the 
following atoms: (a) Li, (b) Cl, (c) He. Compare this 
process with the photoelectric effect discussed in Chap- 
ter 6. 

7.52 Use the third period of the periodic table as an example to 
illustrate the change in first ionization energies of the 
elements as we move from left to right. Explain the trend. 

7.53 Ionization energy usually increases from left to right 
across a given period. Aluminum, however, has a lower 
ionization energy than magnesium. Explain. 

7.54 The first and second ionization energies of K are 419 kJ/ 
mol and 3052 kJ/mol, and those of Ca are 590 kJ/mol 
and 1145 kJ/mol, respectively. Compare their values and 
comment on the differences. 

7.55 Two atoms have the electron configurations 1s?2s?2p° 
and 1s*2s?2p°3s!. The first ionization energy of one is 
2080 kJ/mol, and that of the other is 496 kJ/mol. Pair up 
each ionization energy with one of the given electron 
configurations. Justify your choice. 

7.56 Arrange the following species in isoelectronic pairs: O*, 
Ar, S*~, Ne, Zn, Cs*, N?~, As?*, N, Xe. 

7.57 Which one of the following processes requires the great- 
est input of energy? Why? 


P(g) —> Pt(g) + e~ 
P*(g) —> P**(g) + e~ 
P°*(g) —> P*(g) + e~ 


7.58 A hydrogenlike ion is an ion containing only one elec- 
tron. The energies of the electron in a hydrogenlike ion 
are given by 


E, = —(2.18 x 1078 nz(4) 
n 


where n is the principal quantum number and Z is the 
atomic number of the element. Calculate the ionization 
energy (in kJ/mol) of the He* ion. 

7.59 Use the equation given in Problem 7.58 to calculate the 
following ionization energies (in kJ/mol): 
(a) C°*(g) —> C*(g) +e 
(b) Hg”*(g) —> Hg®*(g) + e7 


ELECTRON AFFINITY 
REVIEW QUESTIONS 


7.60 Define electron affinity. Electron affinity measurements 
are usually carried out with atoms in the gaseous state. 
Why? 


7.61 Ionization energy is always a positive quantity, whereas 


electron affinity may be either positive or negative. Ex- 
plain. 

7.62 Arrange the elements in each of the following gy oups in 
increasing order of the most exothermic electron 9‘ /inity: 


(a) Li, Na, K, (b) F, Cl, Br, I. 


PROBLEMS 

7.63 Explain the trends in electron affinity from alun um to 
chlorine (see Figure 7.16). 

7.64 From the electron affinity values for the alkali rn .|s, do 
you think it is possible for these metals to forn inion 
like M~, where M represents an alkali metal 

7.65 Which of the following elements would you ect to 
have the greatest electron affinity? He, K, ( B, “Cl 

7.66 Explain which of the following species has a mor nega- 


tive electron affinity, and why. S or S~ 
VARIATION IN CHEMICAL PROPERTIES 
REVIEW QUESTIONS 


7.67 Explain what is meant by the diagonal relations Give 
two pairs of elements that show this relationsh 

7.68 Which elements are more likely to form acidi ides? 
Basic oxides? Amphoteric oxides? 


PROBLEMS 

7.69 Use the alkali metals and alkaline earth metals xam- 
ples to show how we can predict the chemical p» verties 
of elements simply from their electron config... tions. 


7.70 Based on your knowledge of the chemistry of t!: alkali 
metals, predict some of the chemical properties > fran- 
cium, the last member of the group. 


7.71 As a group, the noble gases are very stable che: ically 
(only Kr and Xe are known to form some compounds). 
Why? 


7.72 Why are the Group 1B elements more stable than the 
Group 1A elements even though they seem to have the 
same outer electron configuration ns!? 

7.73 How do the chemical properties of oxides change as we 
move across a period from left to right? as we move down 
a particular group? 

7.74 Predict (and give balanced equations for) the reactions 
between each of the following oxides and water: 
(a) LizO, (b) CaO, (c) SO. 

7.75 Which oxide is more basic, MgO or BaO? Why? 

7.76 Write formulas and give names for the binary hydrogen 
compounds of the second-period elements (Li to F). De- 
scribe the changes in physical and chemical properties of 


these compounds as we move across the period from left 
to right. 


MisCNLLANEOUS PROBLEMS 


7.71 


7.83 


7.84 


Determine whether each of the following properties of 
‘© representative elements generally increases or de- 
2reases upon moving (a) from left to right across a period 
d (b) from top to bottom in a group: metallic character, 
»mic size, ionization energy, acidity of oxides. 
ith reference to the periodic table, name (a) a halogen 
© ement in the fourth period, (b) an element similar to 
,osphorus in chemical properties, (c) the most reactive 
(al in the fifth period, (d) an element that has an 
omic number smaller than 20 and is similar to stron- 
ium, 
‘ements that have high ionization energies usually have 
yre negative electron affinities. Why? 
he energies an electron can possess in a hydrogen atom 
a hydrogenlike ion are given by E, = (—2.18 x 
0~'8 J)Z?(1/n?). This equation cannot be applied to 
nany-electron atoms. One way to modify it for the more 
complex atoms is to replace Z with (Z — a), where Z is 
ye atomic number and o is a positive dimensionless 
‘antity called the shielding constant. Consider the he- 
{ium atom as an example. The physical significance of 
is that it represents the extent of shielding that the two ls 
electrons exert on each other. Thus the quantity (Z — a) 
) appropriately called the ‘‘effective nuclear charge.”’ 
‘alculate the value of o if the first ionization energy of 
velium is 3.94 x 107!8 J per atom. (Ignore the minus 
ign in the given equation in your calculation.) 
Match each of the elements on the right with a description 
yn the left: 


a) A dark red liquid Calcium (Ca) 
b) A colorless gas that burns inoxy- Gold (Au) 

gen gas Hydrogen (H2) 
c) A reactive metal that attacks Bromine (Br) 

water Argon (Ar) 
(d) A shiny metal that is used in jew- 

elry 


(e) A totally inert gas 


%2 Arrange the following isoelectronic species in order of 


(a) increasing ionic radius, and (b) increasing ionization 
energy: O?-, F-, Na*, Mg?*. 

The atomic radius of K is 216 pm and that of K* is 
133 pm. Calculate the percent decrease in volume that 
occurs when K(g) is converted to K*(g). (The volume of 
a sphere is 4ar°, where r is the radius of the sphere.) 
The atomic radius of F is 72 pm and that of F” is 
136 pm. Calculate the percent increase in volume that 
occurs when F(g) is converted to F (g). 


7.85 


7.87 


log Ionization energy 
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Write the empirical (or molecular) formulas of com- 
pounds that the elements in the second period (sodium to 
chlorine) are expected to form with (a) molecular oxygen 
and (b) molecular chlorine. In each case indicate whether 
you would expect the compound to be ionic or molecular 
in character. 

Element M is a shiny and highly reactive metal (melting 
point 63°C), and element X is a highly reactive nonmetal 
(melting point —7.2°C). They react to form a compound 
with the empirical formula MX, a colorless, brittle solid 
that melts at 734°C. When dissolved in water or when in 
the melt state, the substance conducts electricity. When 
chlorine gas is bubbled through an aqueous solution con- 
taining MX, a reddish-brown liquid appears and Cl~ ions 
are formed. From these observations, identify M and X. 
(You may need to consult a handbook of chemistry for 
the melting-point values.) 

The figure below shows the plot of the log of ionization 
energy against the number of ionization energy for so- 
dium. For example, /, gives the energy required to re- 
move the first electron from a sodium atom, Jy gives the 
energy required to remove the second electron from an 
Na* ion, and so on. (a) Label J, through /,, with the 
electrons in orbitals such as 1s, 2s, 2p, and 3s. (b) What 
can you deduce about electron shells from the breaks in 
the curve? 
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8 Chemical Bonding I: 
Basic Concepts 


\ computer-generated model of the oxygen (O2) molecule. Electrons play an essential role in holding the atoms in a molecule. 


8.1 
8.2 


8.3 


8.4 
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ELEMENTS THAT FORM IONIC 
COMPOUNDS 

Polyatomic Ions 

LATTICE ENERGY OF IONIC 
COMPOUNDS 

The Born—Haber Cycle for Determining 
Lattice Energies 

CHEMISTRY IN ACTION / SODIUM CHLORIDE— 
A COMMON AND IMPORTANT IONIC 
COMPOUND 


THE COVALENT BOND 


8.5 
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8.10 


ELECTRONEGATIVITY 

THE OCTET RULE 

FORMAL CHARGE AND LEWIS 
STRUCTURE 

THE CONCEPT OF RESONANCE 
EXCEPTIONS TO THE OCTET RULE 


The Incomplete Octet / Odd-Electron 
Molecules / The Expanded Octet 


STRENGTH OF THE COVALENT BOND 
Bond Dissociation Energy and Bond Energy / 
Use of Bond Energies in Thermochemistry 
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tudying the chemical bond will help us understand the forces that hold atoms together 

in molecules and ions together in ionic compounds. Using what we know about elec- 

tron configurations and the periodic table, we will now examine the two major Classes 
of bonds: the ionic bond, in which electrons are transferred from one atom to another, »od 
the covalent bond, in which electrons are shared between atoms. To a great extent, bon 
formation and the stability of molecules can be predicted by using the octet rule and th 
concept of resonance, which we will also study in this chapter. 


| 
8.1 Lewis Dot Symbols 
When atoms interact to form a chemical bond, only their outer regions c: ne into 
contact. For this reason, as we saw in Chapter 7, elements with similar outer » ‘ectron 
configurations behave alike chemically. Therefore, when we study chemica! ' onding 
we are usually concerned only with valence electrons. 
To show the valence electrons of atoms and to keep track of them in a mical 
In a Lewis dot symbol the reaction, chemists use Lewis dot symbols. A Lewis? dot symbol consists of the »ymbol 
symbol for the element actually of an element and one dot for each valence electron in an atom of the elemen’. Figure 
phectpsicpnp es aka 8.1 shows the Lewis dot symbols of th tative el s and the noble gases 
atom of that element plus all ‘ ymbols of the representative elements and the nc 1ases. 
the inner-shell electrons. Note that, except for helium, the number of valence electrons in each atom is \| © same 
as the group number of the element. For example, Li belongs to Group 1A and 4s one 
dot for one valence electron; Be belongs to Group 2A and has two valence « °ctrons 
(two dots); and so on. Elements in the same group have similar outer electron © nfigu- 
rations and hence similar Lewis dot symbols. The transition metals, lanthani: -s, and 


actinides all have incompletely filled inner shells, and in general we cann! write 
simple Lewis dot symbols for them. 


Note that the number of unpaired electrons in the Lewis dot symbol for «1 atom 
does not necessarily agree with the pairings you would make in writing the siom’s 
electron configuration. For example, the electron configuration of B is Iy-2s°2p', 


which indicates that the atom has one unpaired electron. However, the Lewis dot 
symbol for B in Figure 8.1 shows that it has three unpaired electrons. Lewis dot 
symbols are written in this manner because it more closely reflects the atom’s behavior 
when the atom forms bonds. 


8.2 Elements that Form Ionic Compounds 


Learning about Lewis dot symbols is a first step toward understanding the two classes 
of compounds, ionic compounds and covalent compounds. Section 8.4 deals with the 
topic of covalent compounds. In this section we study the formation of ionic com- 


{Gilbert Newton Lewis (1875— 1946). American chemist. One of the foremost physical chemists of this 
century, Lewis made many significant contributions in the areas of chemical bonding, thermodynamics, 


acids and bases, and spectroscopy. Despite the significance of Lewis's work, he was never awarded the 
Nobel Prize in chemistry. 
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‘URE 8.1 Lewis dot symbols of the representative elements and the noble gases. 


ids, beginning with factors that determine whether atoms of different elements will 
‘ to form an ionic compound. 
\toms of elements with low ionization energies tend to form cations, while those 
), high negative electron affinities tend to form anions (Chapter 7). This general rule 
us that the elements most likely to form cations in ionic compounds are the alkali 
als and alkaline earth metals, and that the elements most likely to form anions are 
valogens and oxygen. Consider the formation of the ionic compound lithium fluo- In the laboratory LiF can be 
» from lithium and fluorine. The electron configuration of lithium is 1s?2s', and that prepared by passing a stream 
heaters $8 eagle : 7 a of fluorine gas over heated 
luorine is 1s22s?2p5. When lithium and fluorine atoms come in contact with each — jjthium: 
»r, the outer 2s! valence electron of lithium is transferred to the fluorine atom. 21i(s) + Fa(g) —> 2LiF(s) 


ng Lewis dot symbols we represent the reaction like this: 
Industrially, LiF (like most 


21 tbh Ro 5 (or LiF) (8.1) other ionic compounds) is 
- ei a obtained by recovering and 
1s?2s! — 15?2s?2p> 1s? 15?2s?2p' purifying minerals containing 


. ' ; — <o the substance. 
For convenience, imagine that this reaction occurs in separate steps: first the ionization 


of Li 
-Li — Lit +e 
and then the acceptance of an electron by F 
:F: +e — EK F 


Next, imagine the two separate ions joining to form a LiF unit: 
s = We normally write the 


See ie. = 
Lif eee Li: F: empirical formulas of ionic 
2 compounds without showing 
Note that the sum of these three reactions 1s the charges. The + and — are 


ite Fz Lit B: 2: shown here to emphasize the 
De i transfer of electrons. 
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To clarify this equation, the 
Lewis dot symbol equation is 
based on the assumption that 
the diatomic 0, molecule is 
divided into separate oxygen 
atoms. Later we will focus in 
greater detail on the 
energetics of the 0, to two 0 
step. 
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which is the same as the direct transfer of an electron from lithium to fluorine to form 
the Li*F~ unit as represented by Equation (8.1). 

The Li*F~ unit is held together by a linkage, or bond, that results from the electro- 
static attraction between the positively charged lithium and the negatively charged 
fluorine ions. This attraction leads to the formation of an ionic bond, the bond that 
holds ions together in an ionic compound. According to Coulomb’s law, the energy of 
interaction (E) between these two ions is given by 


= Q1i+Qr- 


r 


E 


ay Qi i+ Or- 
r 


(8.2) 


where Q,;+ and Qg- are the charges on the Li* and F” ions, r is the distance between 


the centers of the two ions, and k is the proportionality constant. Since Q;;+ is positive 
and Q- is negative, E is a negative quantity, and the formation of an ionic bona from 
Li* and F™ is an exothermic process. A bonded pair of Li* and F~ ions is more stable 
than separate Li* and F~ ions. 

There are many other common reactions that lead to the formation of ionic com- 


pounds. For instance, calcium burns in oxygen to form calcium oxide: 
2Ca(s) + Org) —> 2CaO(s) 

In Lewis dot symbols this is 

Ca- $  3Q: ——» Cattyones 

[Ar]4s? 1s?2s?2p* [Ar] [Ne] 
There is a transfer of two electrons from the calcium atom to the oxygen atom. Note 
that the resulting calcium ion (Ca**) has the argon electron configuration (or is isoelec- 
tronic with argon), and the oxide ion (O?~) has the neon electron configuration (or is 
isoelectronic with neon). 

In many cases the cation and anion in a compound do not carry the same c! 


For instance, when lithium burns in air to form lithium oxide (Li,O), the b 
equation is 


4Li(s) + O2(g) —> 2Li,0(s) 
Using Lewis dot symbols we write 
QLit -O- —+ 2Lit:0:2> (or LizO) 
1572s! — 152s?2p4 [He] [Ne] 


In this process the oxygen atom receives two electrons (one from each of two lithium 
atoms) to form the oxide ion. The Li* ion is isoelectronic with helium. 

When magnesium reacts with nitrogen at elevated temperatures, a white solid com- 
pound, magnesium nitride (Mg3N>), forms: 


3Mg(s) + N2(g) —> Mg3N>(s) 
or 
3-Mg- + 2-N- —» 3Mg”*2:N:3- (or Mg,N;) 
[Ne]3s7 1s?25?2p? [Ne] [Ne] 


8.3 LATTICE ENERGY OF IONIC COMPOUNDS 


The reaction involves the transfer of six electrons (two from each Mg atom) to two 
nitrogen atoms. The resulting magnesium ion (Mg?*) and the nitride ion (N*~) are 
both isoelectronic with neon. 


fi | 
XAMPLE 8.1 


Lise Lewis dot symbols to describe the formation of aluminum oxide (Al,O3). 


| iswer 


| According to Figure 8.1, the Lewis dot symbols of Al and O are 

Since aluminum tends to form the cation (Al°*) and oxygen the anion (O7 ), the transfer 
o! electrons is from Al to O. There are three valence electrons in each Al atom; each O 
“com needs two electrons to form the O?~ ion, which is isoelectronic with neon. Thus the 
simplest neutralizing ratio of Al°* to O?~ is 2:3; two Al* ions have a total charge of 6+, 
three O?~ ions have a total charge of 6—. Thus the empirical formula of aluminum oxide 
is Al,O and the reaction is 


2-Al- + 3:0: —> 2A1*3:0:7> (or Al,O,) 
[Ne]3s°3p! —_15?2s?2p* [Ne] [Ne] 


Similar problems: 8.18, 8.19. 


Polyatomic Ions 


So far we have concentrated on monatomic ions, that is, ions containing only one 
atom. Many ionic compounds contain polyatomic cations and/or polyatomic anions, 
ions containing more than one atom. At present, the only polyatomic cations you need 
‘o know are the mercury(I) ion (Hg3*) and the ammonium ion (NH), mentioned in 
Chapter 2. On the other hand, there are many important polyatomic anions with which 
you do need to become familiar. These anions are listed in Table 2.3. 


8.3 Lattice Energy of Ionic Compounds 


In this section we will take a closer look at the stability of solid ionic compounds. 
Section 8.2 mentioned that the formation of ionic compounds depends on the ioniza- 
tion energy and electron affinity of the elements. These important quantities do help 
predict which elements are most likely to form ionic compounds, but they do not tell 
the whole story. They are limited because both the ionization process and the accept- 
ance of an electron are defined as taking place in the gas phase. The solid state is a 
very different environment because each cation in a solid is surrounded by a specific 
number of anions, and vice versa. Thus the overall stability of a solid ionic compound 
depends on the interactions of all these ions and not merely on the interaction of a 
single cation with a single anion. A quantitative measure of the stability of any ionic 


solid is its lattice energy (Section 4.7). 
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We use electroneutrality as our 
guide in writing formulas for 
ionic compounds. 
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We have seen that the ionization energy values of an element increase rapidly as 
successive electrons are removed from its atom. For example, the first ionization 
energy of magnesium is 738 kJ/mol, and the second ionization energy is 1450 kJ/mol, 
almost twice the first. We might ask why, from the standpoint of energy, magnesium 
does not prefer to form unipositive ions in its compounds. Why doesn’t magiesium 
chloride have the formula MgCl (containing the Mg* ion) rather than MgCl, (contain- 
ing the Mg?* ion)? Admittedly, the Mg?* ion has the noble gas configuration {Ne], 
which represents stability because of its completely filled shells. But the © ability 


gained through the filled shells does not, in fact, outweigh the energy input ne>ded to 
remove an electron from the Mg* ion. The solution to this puzzle lies in (o> extra 
stability gained when magnesium chloride forms in the solid state. The a :ctive 
interactions between each Mg" ion and its neighboring Cl~ ions (and the inte. tions 
between each Cl” ion and its neighboring Mg?* ions) greatly stabilize the sc \! net- 


work. Thus when | mole of solid MgCl, forms from its ions 
Mg?*(g) + 2Cl-(g) —> MgCl,(s) + energy 


2527 kJ of energy in the form of heat is given off to the surroundings. Conve: -«ly, it 
would take 2527 kJ of energy to convert 1 mole of solid MgCl into 1 mole of .\seous 


Mg?* and 2 moles of gaseous Cl” ions. As we noted in Section 4.7, the enery» input 
needed to complete this separation is called the lattice energy. The larger the attice 
energy, the more stable the solid. In fact, the lattice energy of MgCl, is mov than 
enough to supply the energy needed to remove the first two electrons from a. atom 
(738 kJ/mol + 1450 kJ/mol = 2188 kJ/mol). 

What about sodium chloride? Why is the formula for sodium chloride NaC! «1d not 
NaCl, (containing the Na** ion)? We might expect the latter because Na as a 
higher charge and therefore the hypothetical NaCl, should have a greater la!) ce en- 
ergy. Again the answer lies in the balance between energy input (that is, ior ation 
energies) and the stability gained from the formation of the solid. The sum of |. first 


two ionization energies of sodium is 
496 kJ/mol + 4560 kJ/mol = 5056 kJ/mol 


Since NaCl, does not exist, we do not know its lattice energy value. Howeve: if we 
assume a value roughly the same as that for MgCl, (2527 kJ/mol), we see that *' ‘s far 
too small an energy yield to compensate for the energy required to produce the Na** 
ion. 

What has been said about the cations applies also to the anions. In Section /.5 we 
observed that the electron affinity of oxygen is a negative value, meaning the foliowing 
process releases energy (and is therefore favorable): 


O(g) + e& —+ O(g) 
As we would expect, adding another electron to the O~ ion 
O°(g) +e —+ 07 (g) 


would not be favorable because of the increase in electrostatic repulsion. Indeed, the 
electron affinity of O~ is positive (+708 kJ/mol). Yet ionic compounds containing the 
oxide ion (O?~) do exist and are very stable, whereas ionic compounds containing the 
O™ ion are not known. Again, the high lattice energy realized by the presence of O7~ 


ions in compounds such as Na,O or MgO far outweighs the energy input needed to 
produce the O?~ ion. 


8.3 LATTICE ENERGY OF IONIG COMPOUNDS 


The Born—Haber Cycle for Determining Lattice Energies 


{_ovtice energy cannot be measured directly. However, if we know the structure and 
composition of an ionic compound, we can calculate the compound’s lattice energy by 
us »g Coulomb’s law. We can also determine the lattice energy indirectly, by assuming 
tho. the formation of an ionic compound takes place in a series of steps known as the 
Haber cycle. The Born—Haber cycle relates lattice energies of ionic compounds 
uzation energies, electron affinities, heats of sublimation and formation, and 
/ dissociation energies. This approach is based on Hess’s law (see Section 4.5). 
»veloped by Max Born? and Fritz Haber, the Born—Haber cycle defines the 
us steps that precede the formation of an ionic solid. We will illustrate its use in 
ag the lattice energy of lithium fluoride. 

mnsider the reaction between lithium and fluorine gas: 


Li(s) + 3F2(g) —> LiF(s) 


tandard enthalpy change for this reaction is —594.1 kJ. (Note that —594.1 kJ is 
the standard enthalpy of formation of 1 mole of LiF from its elements.) Applying 
orn—Haber cycle, we can trace the formation of LiF through five separate steps: 


‘onvert solid lithium to lithium vapor (the direct conversion of a solid to a gas is 
led sublimation): 


Li(s) —> Li(g) 1 = 155.2 kJ 
jissociate + mole of F, gas into separate gaseous F atoms: 
3F,(g) —> Fig) AH} = 75.3 kJ 
mize | mole of gaseous Li atoms (see Figure 7.14): 
Li(g) —> Li*(g) + e7 3 = 520 kJ 
\dd 1 mole of electrons to 1 mole of gaseous F atoms (see Figure 7.16): 
F(g) +e7 —> F(g) AH} = —333 kJ 
Combine 1 mole of gaseous Li* and | mole of F~ to form 1 mole of solid LiF: 


Li*(g) + F-(g) —> LiF() AH3 = ? 


The reverse of step 5, as we saw earlier 
energy + LiF(s) —> Li*(g) + F (g) 


defines the lattice energy of LiF. Thus the lattice energy must have the same magnitude 
as AH but an opposite sign. Although we cannot determine AH’ directly, we can 


+Max Born (1882-1970). German physicist. One of the founders of modern physics, Born’s work covered a 
wide range of topics. He received the Nobel Prize in physics in 1954 for his interpretation of the wave 
function for particles. 

{Fritz Haber (1868-1934). German chemist. Haber’s process for synthesizing ammonia from atmospheric 
nitrogen supplied Germany with nitrates for explosives during World War I. He also did work on gas 
warfare. Haber received the Nobel Prize in chemistry in 1918. 


3ll 


The F atoms in a F, molecule 
are held together by another 
type of chemical bond called 
the covalent bond. The energy 
required to break this bond is 
called the bond dissociation 
energy. More on this in Section 
8.10. 
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The Born—Haber cycle provides 
a systematic and convenient 
way to analyze the energetics 
of ionic compound formation, 
but note that the actual 
mechanism by which LiF is 
formed need not follow these 
five simplified steps. This 
pathway allows us, with the 
assistance of Hess's law, to 
examine the energies of this 
class of chemical reactions. 


Note that MgO has an 
unusually high melting point 
(Table 8.1). 
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calculate its value by recognizing that the sum of steps 1 through 5 produces the overall 
reaction for the formation of LiF from its elements. 


1. Li(s) —> Li(g) AH} = 155.2 KJ 
2. 4Fx(¢) —> F(g) AH3 = 75.3 kJ 
A Lie) ee Tienes 8 = 520 KI 
4. F(g) + e~ —> F-(g) AH? = —333 kJ 
5; Li*(g) + F-(g) —> LiF(s) AH’ = ? 


Li(s) + 3Fs(g) —> LiF(s) AH veran = —594.1 kJ 


According to Hess’s law we can write 
AH bveran = AH} + AH3 + AH + AHG + AHS 
or 
—594.1 kJ = 155.2 kJ + 75.3 kJ + 520 kJ — 333 kJ + AHS 
Hence 
AH§ = —1012 kJ 


and the lattice energy of LiF is +1012 kJ/mol. 

Figure 8.2 summarizes the entire Born—Haber cycle for LiF. In this cycle we saw 
that steps 1, 2, and 3 all require input of energy. On the other hand, steps 4 and 5 
release energy. Because AH$ is a large negative quantity, the lattice energy of LiF is 
a large positive quantity, which accounts for the stability of LiF in the solid state. The 
greater the lattice energy, the more stable the ionic compound. Keep in mind that 
lattice energy is always a positive quantity because the separation of ions in a solid into 
ions in the gas phase is, by definition, an endothermic process. 

Table 8.1 lists the lattice energies and the melting points of several common ionic 
compounds. Note the unusually high lattice energies for MgCl,, Na2O, and Mg*). The 
first two of these ionic compounds involve a doubly charged cation (Mg’*) and a 
doubly charged anion (0? ); the third involves the interaction of two doubly charged 
species (Mg** and O07). The coulombic attractions between such doubly charged 
species, or between them and singly charged ions, are much stronger than between 
singly charged anions and cations. 


Li*(g) 


AHe 


AH® overall 
LiF(s) 


FIGURE 8.2 The Born—Haber cycle for the formation of solid LiF. 
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TABLE 8.1 
e Earth Metal Halides and Oxides 


Lattice Energies and Melting Points of Some Alkali Metal and 


fo.) 


Lattice Energy 


Melting Point 


Compound (kJ/mol) (CC) 
0. ee 
Lif 1012 845 
iC} 828 610 
Lah 787 550 
Lil 732 450 
Nat 774 801 
736 750 
686 662 
699 712 
K 674 735 
is 632 680 
MgC} 2527 714 
2570 Sub* 
3890, 2800 
N sublimes at 1275°C. 


CHEMISTRY IN ACTION 


ve are all familiar with sodium chloride as table salt. It 

typical ionic compound, a brittle solid with a high 
welling point (801°C) that conducts electricity in the 
|ten state and in aqueous solution. The arrangement 
of Na* and Cl” ions in the solid state is shown in 

Figure 2.10. 

One source of sodium chloride is rock salt, which is 
| found in subterranean deposits often hundreds of me- 
ters thick (Figure 8.3). It is also obtained from seawater 
| or brine (a concentrated NaCl solution) by solar evapo- 
| ration (Figure 8.4). Sodium chloride also occurs in na- 
ture as the mineral halite (Figure 8.5). 

Sodium chloride is used more often than any other 
material in the manufacture of inorganic chemicals. 
World consumption of this substance is about 150 mil- 
lion tons per year. As Figure 8.6 shows, the major use 
of sodium chloride is in the production of other essen- 
tial inorganic chemicals such as chlorine gas, sodium 
hydroxide, sodium metal, hydrogen gas, and sodium 
carbonate. It is also used to melt ice and snow on high- 


SODIUM CHLORIDE—A COMMON AND IMPORTANT IONIC COMPOUND 
fy ala 


ways and roads. However, since sodium chloride is 
harmful to plant life and promotes corrosion of cars, its 
use for this purpose is of considerable environmental 
concern. 


FIGURE 8.3 Underground rock salt mining. 
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eo 
FIGURE 8.4 Solar evaporation process for obtaining sodium chloride. FIGURE 8.5 The mineral | 
lite (NaCl). 


Meat processing, food 
canning, water soften 
paper pulp, textiles an 
dyeing, rubber and oi! 
industry 


Other 
chemical 
manufacture 


Domestic 
table salt 


Animal 


FIGURE 8.6 Major uses of feed 


sodium chloride. 


8.4 The Covalent Bond 


We turn our attention now to covalent bonds, the bonds that hold atoms together in 
molecules. Although the existence of molecules was hypothesized as early as the 
seventeenth century, chemists had little knowledge of how and why molecules formed 
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early in this century. The first major breakthrough was Gilbert Lewis’s discovery 
{ the role of electrons in chemical bond formation. In particular, Lewis developed the 
concept that a chemical bond involves two atoms in a molecule sharing a pair of 
electrons. He depicted the formation of a chemical bond in H> as 


H- + -H —>H:H 


type of electron pairing is an example of a covalent bond, a bond in which two 
rons are shared by two atoms. For the sake of simplicity, the shared pair of 
ons is often represented by a single line. Thus the covalent bond in the hydrogen 
cule can be written as H—H. 
' a covalent bond, each electron in a shared pair is attracted to both of the nuclei 
ved in the bond. This attraction is responsible for holding the two atoms together. 
ame type of attraction is responsible for the formation of covalent bonds in 
cules other than H>. 
hen dealing with covalent bonding among atoms other than hydrogen, we need be 
‘ned only with the valence electrons. Consider the fluorine molecule, F,. The ‘This discussion applies only to 
‘ron configuration of F is 1s?2s?2p>. The 1s electrons are low in energy and spend "¢Presentative elements. 
: of the time near the nucleus. For this reason they do not participate in bond 
vation. Thus each F atom has seven valence electrons (the 2s and 2p electrons), and 
‘, molecule is represented as 


:F:F: or 7 P—F: 
e that some valence electrons are not involved in covalent bond formation; these 


called nonbonding electrons, ox lone pairs. Thus each F in F; has three lone pairs 
ctrons: 


lone pairs ——>: F—F :<—— lone pairs 


ie water molecule, the electron configuration of O is 1s?2s?2p* with six valence 
irons. The O atom.forms two covalent bonds with the two H atoms in HO: 


H:O:H or H-O—H 


ere we see that the O atom has two lone pairs. The hydrogen atom has no lone pairs 
because its only electron is used to form a covalent bond. 

The structures we have shown for H>, F2, and H2O are called Lewis structures. A 
Lewis structure is a representation of covalent bonding using Lewis dot symbols in 
which shared electron pairs are shown either as lines or as pairs of dots between two 
atoms, and lone pairs are shown as pairs of dots on individual atoms. Only valence 


electrons are shown in a Lewis structure. 


Compounds that contain only covalent bonds are called covalent compounds. There Covalent compounds are the 
ins discrete molecular units. Such Same as molecular compounds, 
are two types of covalent compounds. One contain which we discussed in previous 


compounds are called molecular covalent compounds. Examples are water, carbon chapters. 
dioxide, and hydrogen chloride. The other type has extensive three-dimensional struc- 
tures and no discrete molecular units. Solid beryllium chloride (BeCl,) and silicon 
dioxide (SiO,) are covalent compounds of this type. Such substances are sometimes 
called network covalent compounds, to distinguish them from molecular covalent com- 
pounds. Unless otherwise stated, when we refer to covalent compounds in this chapter, 


we will mean molecular covalent compounds. i a 
Two atoms held together by one electron pair are said to be joined by a single bond. 
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Shortly you will be introduced 
to the rules for writing proper 
Lewis structures. Here we are 
simply examining typical Lewis 
structures to become familiar 
with the language associated 
with them. 


Except for carbon monoxide, 
stable molecules containing 
carbon do not have lone pairs 
on the carbon atoms. 


If intermolecular forces are 
weak, il is relatively easy to 
break up aggregates of 
molecules to form liquids 
(from solids) and gases (from 
liquids). 
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In many compounds, however, two atoms share two or more pairs of electrons. Such 
compounds contain one or more multiple bonds. If two atoms share two pairs of 
electrons, the covalent bond is called a double bond. Double bonds are found in 
molecules like carbon dioxide (CO) 


O:C0 or O=C=0 
and ethylene 
H H 
H ; “s wr 
Cuce or = 
H HW H 


A triple bond arises when two atoms share three pairs of electrons, as in the nitrogen 


molecule (N3): 
DNiIN: or >N=N: 


The acetylene molecule (C>H>) also contains a triple bond, in this case between two 
carbon atoms: 


HG CoH for Teen 
Note that in ethylene and acetylene all the valence electrons are used in bonding: there 
are no lone pairs on the carbon atoms. 
Ionic and covalent compounds differ markedly in their general physical properties 
because of the differences in the nature of their bonds. There are two types of attractive 


forces in covalent compounds. The first type is the force that holds the atoms together 
in a molecule. A quantitative measure of this attraction is given by bond cnergy, 
discussed in Section 8.10. The second type of attractive force operates betwee! mole- 
cules and is called an intermolecular force. Because intermolecular forces are \sually 
quite weak compared to forces holding atoms together within a molecule, moleules of 
a covalent compound are not held together tightly. Consequently covalent compounds 
are usually gases, liquids, or low-melting solids. On the other hand, the electrostatic 
forces holding the ions together in an ionic compound are usually very strong, so ionic 
compounds are always solids with high melting points. Many ionic compounds are 
soluble in water, and the resulting aqueous solutions conduct electricity, because the 
compounds are strong electrolytes. Most covalent compounds are insoluble in water 
or, if they do dissolve, their aqueous solutions generally do not conduct electricity, 
because the compounds are nonelectrolytes. Molten ionic compounds conduct electric- 
ity because they contain mobile cations and anions; liquid or molten covalent com- 
pounds do not conduct electricity because no ions are present. Table 8.2 compares 
some of the general properties of a typical ionic compound, sodium chloride, with 
those of a covalent compound, carbon tetrachloride (CCl,). 


8.5 Electronegativity 


The covalent bond and the ionic bond represent the extremes in bonding. Purely cova- 
lent bonding is the equal sharing of an electron pair by two atoms; purely ionic bonding 
involves a complete transfer of one or more electrons from one atom to another. In 


8.5 ELECTRONEGATIVITY 


TABLE 8.2 Comparison of Some General Properties of an lonic Compound 
and a Covalent Compound 
a a SS ar eg 


Property NaCl CCl, 
SG na Ty 
Appearance White solid Colorless liquid 
Melting point (°C) 801 =23 
Molar heat of fusion* (kJ/mol) 30.2 25 
Boiling point (°C) 1413 76.5 
Molar heat of vaporization* (kJ/mol) 600 30 
Density (g/cm?) aay 1.59 
bility in water High Very low 
i:iectrical conductivity 
solid Poor Poor 
iquid Good Poor 


SS a ST TA 

‘Molar heat of fusion and molar heat of vaporization are the amounts of heat needed to melt | mole of the 
‘id and to vaporize 1 mole of the liquid, respectively. 

SS a SE SE SE 


most cases, however, we find that chemical bonds are neither purely covalent nor 
purely ionic. Rather, there is only a partial transfer of an electron from one atom to the 
other. Thus the bond holding the two atoms together is appropriately described as 
yartly covalent and partly ionic. 

Consider the hydrogen fluoride molecule. Experimental evidence indicates that the 
vartial transfer of an electron (or the shift in electron density as it is more commonly 
‘escribed) is from the hydrogen atom to the fluorine atom (Figure 8.7). We can repre- 
seat the electron density shift by adding an arrow (+—>) above the Lewis structure for 


arte 
H—F: 
rhis “‘unequal sharing’’ of the bonding electron pair results in a relatively greater 
electron density near the fluorine atom and a correspondingly lower electron density 
ear the hydrogen atom. The charge separation can be represented as 
Se 
HF: 


where 6 (delta) denotes the fractional electron charge separation. Since the electrons 
are not shared equally between the H and F atoms, the H—F bond is not purely 
covalent, as in the H> or F> molecule. Such a bond is more correctly described as a 
polar covalent bond, or simply a polar bond. 

A property that helps us distinguish a purely covalent bond from a polar bond is the 
electronegativity of the elements, that is, the ability of an atom to attract toward itself 
the electrons in a chemical bond. As we might expect, the electronegativity of an 
element is related to its electron affinity and ionization energy. Thus an atom such as 
fluorine, which has a high electron affinity (tends to pick up electrons easily) and a 
high ionization energy (does not lose electrons easily), has a high electronegativity. On 
the other hand, sodium, which has a low electron affinity and a low ionization energy, 


has a low electronegativity. 
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FIGURE 8.7 Electron density 
distribution in the HF molecule. 
The dots represent the positions 
of the nuclei. 
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Increasing electronegativity 


— 
1A 8A 

: ia 
oa || 2A Shed SA 6A TA 

Li | Be Be alan ol] F 7H 


Increasing electronegativity 


FIGURE 8.8 The electronegativities of common elements. Group 8A elements (the noble gases) are not shown because most of 
them do not form compounds. 


Linus Pauling devised a method for calculating relative electronegativities »' most 


Electronegativity values have elements. These values are shown in Figure 8.8. This chart is important be «use it 
no units. shows trends and relationships among electronegativity values of different ©. ments. 
Figure 8.9 shows the periodic trends in electronegativity. In general, electron: ativity 
increases from left to right across a period in the periodic table, consistent \\‘h the 
decreasing metallic character of the elements. Within each group, electronc » tivity 
decreases with increasing atomic number, indicating increasing metallic racter 
(Figure 8.8). Note that the transition metals do not follow these trends. ' most 
electronegative elements, the halogens, oxygen, nitrogen, and sulfur, are four in the 
upper right-hand corner of the periodic table, and the least electronegative « ments 
(the alkali and alkaline earth metals) are clustered near the lower left-hand ~orner. 
An ionic bond generally Atoms of elements with widely different electronegativities tend to for ionic 


involves an atom of a metallic ‘ ; : Caen 
ds genkiid am atont are bonds with each other since the atom of the less electronegative element give. up its 


nonmetallic element, whereas electron(s) to the atom of the more electronegative element. Atoms of eleme's with 
a covalent bond generally more similar electronegativities tend to form covalent bonds or polar covalent bonds 
hake Lear sored with each other because usually only a small shift in electron density takes place. These 
trends and characteristics are what we would expect from our knowledge of the ele- 

ments’ ionization energies and electron affinities. 
Electronegativity and electron affinity are related but different concepts. Both prop- 
erties express the tendency of an atom to attract electrons. However, electron affinity 
refers to an isolated atom’s attraction for an additional electron, whereas electronega- 


fLinus Carl Pauling (1901—_). American chemist. Regarded by many as the most influential chemist of the 
twentieth century, Pauling’s work has covered a remarkably broad Tange from chemical physics to molecular 
biology. Pauling received the Nobel Prize in chemistry in 1954 for his work on protein structure, and the 
Nobel Peace Prize in 1962. He is the only single recipient of two Nobel Prizes. 
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L 8.9 Variation of electronegativity with atomic number. The halogens have the highest electronegativities, and the alkali 


the lowest. 


expresses the attraction of an atom in a chemical bond (with another atom) for the 
| electrons. Furthermore, electron affinity is an experimentally measurable quan- 
vhereas electronegativity is a relative number—it is not measurable. 
‘hough there is no sharp distinction between an extreme polar covalent bond and 
nic bond, the following rule is helpful in distinguishing between them. An ionic 
forms when the electronegativity difference between the two bonding atoms is 
: more. This rule applies to most but not all ionic compounds. Sometimes chem- 
ise the quantity percent ionic character to describe the nature of a bond. A purely 
bond has 100 percent ionic character, whereas a purely covalent bond has 0 
nt ionic character. 


‘XAMPLE 8.2 
‘lassify the following bonds as ionic, polar covalent, or covalent: (a) the bond in HCl, 
(b) the bond in KF, and (c) the CC bond in H3CCH3. 


Answer 


(a) In Figure 8.8 we see that the electronegativity difference between H and Cl is 0.9, 
which is appreciable but not large enough (by the 2.0 rule) to qualify HCI as an ionic 
compound. Therefore, the bond between H and Cl is polar covalent. 

(b) The electronegativity difference between K and F is 3.2, well above the 2.0 mark; 


therefore, the bond between K and F is ionic. 
(c) The two C atoms are identical in every respect—they are bonded to each other and 
each is bonded to three other H atoms. Therefore, the bond between them is purely 


covalent. 


Similar problems: 8.37, 8.41. 


No known compound has 100 
percent ionic character. 
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8.6 The Octet Rule 


A useful pattern emerges as we examine the total number of valence electrons around 
each atom in a covalent compound. For example, consider the hydrogen molecule. The 
two electrons in the single bond spend time in the region of each H atom. In that sense 
each atom has two electrons around itself, as does a helium atom. This fact can be 
illustrated by drawing a circle around each atom as follows: 


Gi Qu) 


2e- 2e- 


By applying the same electron-counting procedure to F in HF and to Cl in Cl,. we can 


write 
CDR 
Zee 8e7 8e7 
By this scheme the F in hydrogen fluoride and the two Cl atoms in chlorine «!| have 
eight electrons; F has the neon configuration, and Cl has the argon configuration. 
Because a complete shell of two or eight electrons was known to be a very stable 
configuration, Lewis formulated the following octet rule: An atom other than hiydro- 
gen tends to form bonds until it is surrounded by eight valence electrons. Theretore, 
we can say that a covalent bond forms when there are not enough electrons {or each 
individual atom to have a complete octet. By sharing electrons in a covalent bond, the 
individual atoms can complete their octets. 
The octet rule also applies to molecules with multiple bonds. As the following 


diagrams show, the number of electrons around each atom other than hydroven is 
eight: 


DQiOD (DD, "OD" 


The octet rule helps us predict the stability of molecules containing the s«cond- 
period elements, but it breaks down when applied to elements in the third period and 
beyond (to be discussed later). Although the octet rule and the Lewis structure do not 
present a complete picture of bonding, they are very useful in understanding the bond- 
ing scheme in many compounds and chemists frequently refer to them when disc ussing 
the properties and reactions of molecules. For this reason, you should practice writing 
Lewis structures of compounds. The basic steps are as follows: 


I. Write the skeletal structure of the compound showing what atoms are bonded to 
what other atoms. For simple compounds this task is fairly easy. For more complex 
compounds, we must either be given the information or make an intelligent guess 
about it. The following facts are useful in guessing skeletal structures: In general, 
the least electronegative atom occupies the central position. Hydrogen and fluorine 
usually occupy the terminal (end) position in the Lewis structure. 

2. Count the total number of valence electrons present, referring, if necessary, to 
Figure 8.1. For polyatomic anions, add the number of negative charges to that total. 
(For example, for the CO} ion we add two electrons because the 2— charge 
indicates that there are two more electrons than are provided by the neutral atoms.) 
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For polyatomic cations, we subtract the number of positive charges from this total. 
(Thus, for NH7 we subtract one electron because the 1+ charge indicates a loss of 
one electron from the group of neutral atoms.) 
w a single covalent bond between the central atom and each of the surrounding 
nis. Complete the octets of the atoms bonded to the central atom. (Remember 
hat the valence shell of a hydrogen atom is complete with only two electrons.) 
©'octrons belonging to the central or surrounding atoms must be shown as lone pairs 
fey are not involved in bonding. The number of electrons to be used is that 
srmined in step 2. 
1c octet rule is not met for the central atom, then we must write double or triple 
yids between the surrounding atoms and the central atom, using the lone pairs 
om the surrounding atoms. 


ve following examples illustrate this four-step procedure for writing Lewis struc- 
)f compounds. 


¥ NT LIL, | 


XAMPLE 8.3 


rite the Lewis structure for nitrogen trichloride (NCI), in which all three Cl atoms are 
ynded to the N atom. 


swer 


ie skeletal structure of NCI, is 


Cl 


Cl cl 
itep 2 


The outer-shell electron configurations of N and Cl are 2s°2p* and 35°3p° , respectively. 
Thus there are 5 + (3 X 7), or 26 valence electrons to account for in NCI. 


Step 3 


We draw a single covalent bond between N and each Cl, and complete the octets for all 
atoms: 


SNS 
:Cl Cl: 
Since this structure satisfies the octet rule for all the atoms, step 4 is not required. To 


check, we count the valence electrons in NCI (in chemical bonds and in lone pairs). The 
result is 26, the same as the number of valence electrons on three Cl atoms and one N 


atom. 


Similar problem: 8.45. 
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Note that the central N atom is 
less electronegative than Cl. 
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ae SS Se 
EXAMPLE 8.4 


What is the Lewis structure for carbon tetrabromide (CBr4)? 
Answer 


Step 1 


We are not given the skeletal structure of the compound. However, carbon do: . ot 
usually occupy a terminal position. Furthermore, carbon is less electronegative thy ro- 
mine (see Figure 8.8), so that it is most likely to occupy a central position: 


Step 2 


The outer-shell electron configurations of C and Br are 2572p” and 4574p°, respect ly. 
Thus there are 4 + (4 X 7), or 32 valence electrons to account for in CBry. 


Step 3 


We draw a single covalent bond between the central atom and each of the end ator ind 
complete the octets of the end atoms: 


Since this structure satisfies the octet rule for all the atoms, step 4 is not required. € k- 
ing the total number of valence electrons in CBr, (in chemical bonds and in lone 3), 
we find 32, the number we counted in step 2. Note that there are no lone pairs o1 Cc 
atom. 


Similar problem: 8.45. 


EXAMPLE 8.5 


Write the Lewis structure for nitric acid, HNO3, in which the three O atoms are bonded to 
the central N atom and the ionizable H atom is bonded to one of the O atoms. 


Answer 


Step 1 


The skeletal structure of HNO; is 
Oe eNe 70s CH 


8.6 THE OCTET RULE 


a2 


outer-shell electron configurations of N, O, and H are 2s?2p3, 2s?2p4, and 1s', 
cctively. Thus there are 5 + (3 X 6) + 1, or 24 valence electrons to account for in 
3. 
5 

iraw a single covalent bond between N and each of the three O atoms and between 

© atom and the H atom. Then we fill in electrons to comply with the octet rule for the 

toms: 

:0—N—O—H 
:0: 

‘sen we have done this, all 24 of the available electrons have been used. 


p4 


see that this structure satisfies the octet rule for all the O atoms but not for the N atom. 
herefore we move a lone pair from one of the end O atoms to form another bond with N. 
»w the octet rule is also satisfied for the N atom: 


O=N—O—H 


70: 


nilar problem: 8.45. 


‘¢ octet rule also applies to polyatomic cations and anions because the atoms in 
: jons are held together by covalent bonds. 


“| 


“XAMPLE 8.6 


‘rite the Lewis structure for the carbonate ion (CO3_), in which the oxygen atoms are 
»onded to the carbon atom. 


Answer 
Step 1 
The skeletal structure of CO} is 
oO 
Cc 
oO oO 


Step 2 
The outer-shell electron configurations of C and O are 2s*2p? and 2s*2p'*, respectively, 
and the ion itself has two negative charges. Thus the total number of electrons is 4 + 


(3 X 6) + 2, or 24. 


823 
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Step 3 
We draw a single covalent bond between C and each O and comply with the octet rule for 
the O atoms: 
‘0: 
| 
Cc 
fi 
O 0. 


This structure shows all 24 electrons. 
Step 4 


Although the octet rule is satisfied for the O atoms, it is not for the C atom. There we 
move a lone pair from one of the O atoms to form another bond with C. Now the oc! rule 
is also satisfied for the C atom: 


:0: ae 
I 
(@ 
Bali Tass 
10% 0 

As a final check, we verify that there are 24 valence electrons in the Lewis structure o! the 

carbonate ion. 

Similar problem: 8.46. 

The octet rule works mainly for elements in the second period of the periou:c table. 
These elements have only 2s and 2p subshells, which can hold a total of ei: \1t elec- 
trons. When an atom of one of these elements forms a covalent compound, it can attain 
the noble gas electron configuration [Ne] by sharing electrons with other atoms in the 
same molecule. However, as we will see later, there are a number of importar' excep- 
tions to the octet rule that give us further insight into the nature of chemical bonding. 


8.7 Formal Charge and Lewis Structure 


In drawing the Lewis structure of a molecule, you will often find it useful to compare 
the number of electrons in an isolated atom with the number that are associated with the 
same atom in the molecule. This comparison reveals the distribution of electrons in the 
molecule and, as we will see shortly, also helps in drawing the most plausible Lewis 
structures. The electron bookkeeping procedure is as follows: In an isolated atom, the 
number of electrons associated with the atom is simply the number of valence elec- 
trons. (As usual, we need not be concerned with the inner electrons.) In a molecule, 
electrons associated with the atom are the lone pairs on the atom plus the electrons in 
the bonding pair(s) between the atom and other atom(s). However, because electrons 
are shared in a bond, we must divide the electrons in a bonding pair equally between 
the atoms forming the bond. The difference between the valence electrons in an iso- 
lated atom and the number of electrons assigned to that atom in a Lewis structure is 
called that atom’s formal charge. The equation for calculating the formal charge on an 
atom in a molecule is given by - 


8.7 FORMAL CHARGE AND LEWIS STRUCTURE 


formal charge on total number of total number total number 
an atom in a = valence electrons — of nonbonding — 3{ of bonding (8.3) 
Lewis structure in the free atom electrons electrons 


Let us illustrate the concept of formal charge using the ozone molecule (O3). Exper- 
iments show that in O3 a central O atom is bonded to two end O atoms. Proceeding by 
steps as we did in Examples 8.4 and 8.5, we draw the skeletal structure of O3 and then 
add bonds and electrons to satisfy the octet rule for the two end atoms: 


a Soa 
50s 10: 


you can see that although all available electrons are used, the octet rule is not satisfied 
for the central atom. To remedy this, we convert a lone pair on one of the end atoms to 
: second bond between that end atom and the central atom, as follows: 


Pak 
Ogee O: 


Ve can now use Equation (8.3) to calculate the formal charges on the O atoms as 
ollows. 


® The central O atom. In the preceding Lewis structure the central atom has six 
valence electrons, one lone pair (or two nonbonding electrons), and three bonds 
(or six bonding electrons). Substituting in Equation (8.3) we write 


formal charge = 6 — 2 — 4(6) = +1 


eS 


The end O atom in O=0O. This atom has six valence electrons, two lone pairs (or 
four nonbonding electrons), and two bonds (or four bonding electrons). Thus we 
write 


formal charge = 6 — 4 — 4(4) = 0 


® The end O atom in O—O. This atom has six valence electrons, three lone pairs 
(or six nonbonding electrons), and one bond (or two bonding electrons). Thus we 
write 


formal charge = 6 — 6 — (2) = —1 


We can now write the Lewis structure for ozone including the formal charges as 


When you write formal charges, the following rules are helpful: 


® For neutral molecules, the sum of the formal charges must add up to zero. (This 


rule applies, for example, to the O3 molecule.) a 
® For cations, the sum of the formal charges must equal the positive charge. 
® For anions, the sum of formal charges must equal the negative charge. 


Keep in mind that formal charges do not indicate actual charge separation within the 
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Ozone is a toxic, light blue gas 
(boiling point: —111.3°C) with a 
pungent odor. 


Singly positive and negative 
charges are normally shown as 
+ and —, respectively, rather 
than +1 and —1. 
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molecule. In the O3 molecule, for example, there is no evidence that the central atom 
bears a net +1 charge or that one of the end atoms bears a —1 charge. Writing these 
charges on the atoms in the Lewis structure merely helps us keep track of the valence 
electrons in the molecule. 


EXAMPLE 8.7 


Write formal charges for the carbonate ion. 
Answer 


The Lewis structure for the carbonate ion was developed in Example 8.6. 
2 


The formal charges on the atoms can be calculated as follows: 


The C atom: formal charge = 4 — 0 — 3(8) = 0 
The O atom in C=O: __ formal charge = 6 — 4 — 4(4) = 0 
The O atom in C—O: _ formal charge = 6 — 6 — 4(2) = —1 


Thus the Lewis formula for CO3” with formal charges is 
1O8 
I 


c 
ro ‘ee 


Note that the sum of the formal charges is 2, the same as the charge on the car ate 
ion. 
Ea ee 


Formal charges are often useful in selecting a plausible Lewis structure fo; . given 
compound. The guidelines we follow are 


@ A Lewis structure in which there are no formal charges is preferable to one in 
which formal charges are present. 

© Lewis structures with large formal charges (+2, +3, and/or —2, —3, and so on) 
are less plausible than those with small formal charges. 

® In choosing among Lewis structures having similar distributions of formal 
charges, the most plausible Lewis structure is the one in which negative formal 
charges are placed on the more electronegative atoms. 


The following example shows how formal charges can help in selecting the correct 
Lewis structure for a molecule. 


EXAMPLE 8.8 
Formaldehyde, a liquid with a disagreeable odor, traditionally has been used as a preserv- 


ative for dead animals. Its molecular formula is CH3O. Draw the most likely Lewis 
structure for the compound. 


8.8 THE CONCEPT OF RESONANCE 
\nswer 
“he two possible skeletal structures are 


He CeO— Ho C0 


(a) (b) 


‘!lowing the procedures in previous examples we can draw a Lewis structure for each of 
ies possibilities: 


- + 
Eo S ie 
H—C~O—H C=O 
ye ie 


(a) (b) 


nce (b) carries no formal charges, it is the more likely structure. This conclusion is 


ynfirmed by experimental evidence. 


fhe Concept of Resonance 


awing a Lewis structure for the ozone, O3, molecule, we satisfied the octet rule for 
ontral atom by drawing a double bond between it and one of the twoend O atoms. 
natively, we can add the double bond in either of two places, as shown by these 
equivalent Lewis structures: 
nt Paes 
O 0 
BU NGG eh Nes 
‘oe 10 ON 0 


bitrarily choosing one of these two Lewis structures to represent ozone presents 


me problems, however. For one thing, it makes the task of accounting for the known 
vid lengths in O3 difficult. 


Bond length is the distance between the nuclei of two bonded atoms in a molecule 


(Figure 8.10). Chemists know from experience that bond length depends not only on 
the nature of the bonded atoms but also on whether the bond joining the atoms is a 
single bond, a double bond, or a triple bond. Table 8.3 shows some typical bond 
lengths. As you can see, for a given pair of atoms, triple bonds are shorter than double 
bonds, which, in turn, are shorter than single bonds. On the basis of these data and the 
proposed Lewis structure for 03, we would expect that the O—O bond would be longer 
than the O=O bond. However, experimental evidence shows that both oxygen-to- 


oxygen bonds are equal in length (128 pm); therefore, neither of the two Lewis struc- 


tures shown accurately represents the molecule. 


The way we resolve this problem is to use both Lewis structures to represent the 


ozone molecule: 


o* oy 
“of hehe 10% So 
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Can you suggest two other 
reasons why (a) is less 
plausible? 


74 pm 161 pm 


FIGURE 8.10 | The bond length 
is the distance between two 
bonded nuclei. Here the bond 
lengths (in picometers) for the 
diatomic molecules Hy and HI 
are defined. 
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TABLE 8.3 Average 
Bond Lengths of Some 
Common Single, Double, 
and Triple Bonds 


Bond Length 


Bond Type (pm) 
a 
C—H 107 
c= 143 
C=O 121 
Cc—C 154 
C=C 133 
c=C 120 
C—N 143 
C=N 138 
(o—| 116 
N—O 136 
N=0O 122 
O—H 96 
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Each of the two Lewis structures is called a resonance structure or resonance 
form. A resonance structure, then, is one of two or more Lewis structures Jor a single 
molecule that cannot be described fully with only one Lewis structure. The symbol 
<-> indicates that the structures shown are resonance forms. The term resonance 
itself means the use of two or more Lewis structures to represent a particular molecule, 
There is an interesting analogy for resonance: A medieval European traveler returned 
home from Africa and described a rhinoceros as a cross between a griffin and a uni- 
corn, two familiar but imaginary animals. Similarly, we describe ozone, a real mole- 
cule, in terms of the two familiar but nonexistent molecules shown. 

A common misconception is the notion that a molecule such as ozone »omehow 


shifts quickly back and forth from one resonance structure to the other. Kee» in mind 
that neither resonance structure adequately represents the actual molecule, which has 
its own unique, stable structure. ‘‘Resonance’’ is a human invention, designed to 
compensate partially for limitations in these simple bonding models. ‘To © tend the 
analogy, a rhinoceros is its ‘‘own’’ self, not some oscillation between mythical griffin 


and unicorn! 
Other examples of resonance structures are those for the carbonate io! 


10g SOls 30s 
| | | 
¢ —_— Cc — c 
59h aN ae Up po ey Ns. 
OW enOr Oe 0m Oe 80 
According to experimental evidence, all carbon-to-oxygen bonds are equivalent. 
Therefore, the properties of the carbonate ion are best described by considering its 


resonance structures together, not separately. 
The concept of resonance applies equally well to organic systems. A wo.!-known 
example is the benzene molecule (C,Hg): 


H H 
ie | 
Noes pe H_ AnH 
J. genie tiles 
Sa C (! 
Sion one 98 a =a 
H H 


If benzene actually existed as one of its resonance forms, there would be two 
different bond lengths between adjacent C atoms, one characteristic of the single bond 
and the other of the double bond. In fact, the distances between adjacent C atoms in 
benzene are all 140 pm, which is between the length of a C—C bond (154 pm) and 
that of a C=C bond (133 pm), shown in Table 8.3. 

A simpler way of drawing the structure of the benzene molecule or of other com- 
pounds containing the ‘‘benzene ring”’ is to show only the skeleton and not the carbon 
and hydrogen atoms. By this convention the resonance structures are represented by 


Note that the C atoms at the corners of the hexagon and the H atoms are all omitted, 
although they are understood to exist. Only the bonds between the C atoms are shown. 
Remember this important rule for drawing resonance structures: The positions of 


8.9 EXCEPTIONS TO THE OCTET RULE 


electrons, but not those of atoms, can be rearranged in different resonance structures. 
In other words, the same atoms must be bonded to one another in all the resonance 
structures for a given species. 

The following example illustrates the procedure for drawing resonance structures of 
a molecule. 


a an a RR On EL SS ee 
EXAMPLE 8.9 
| [Draw resonance structures (including formal charges) for dinitrogen tetroxide (N04), 
which has the following skeletal arrangement: 
oO O 
N N 
O O 


\nswer 


Since each nitrogen atom has five valence electrons and each oxygen atom has six valence 
electrons, the total number of valence electrons is (2 x 5) + (4 x 6) = 34. The following 
Lewis structure satisfies the octet rule for both the N and O atoms: 


) ‘0 
See aes 
SO), om 


However, since it does not matter where we draw the N—O and N=O bonds, we must 
include the following resonance structures: 


| . zfs ye wee eS oy: fo) 70h 

Pres age ee ee Oxo en VINCE o> 

NaS Nai ae, yo 2 OS ae PN : 
ion ey On? LOaee. BOE SCO, bos 


Similar problems: 8.55, 8.58, 8.60. 


A final note on resonance: Although including all the resonance structures provides 
a more accurate description of the properties of a molecule, for simplicity, we will 
often use only one Lewis structure to represent a molecule. 


8.9 Exceptions to the Octet Rule 


As mentioned earlier, the octet rule applies mainly to the second-period elements. 
Following are three types of exceptions to the octet rule. 


The Incomplete Octet 


In some compounds the number of electrons surrounding the central atom in a stable 
molecule is fewer than eight. Consider, for example, beryllium, which is a Group 2A 
(and a second-period) element. The electron configuration of beryllium is 157257; it has 
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Unlike beryllium, which forms 
mostly covalent compounds, 

the other Group 2A elements 
form mostly ionic compounds. 


Boron trifluoride is a colorless 
gas (boiling point: —100°C) 
with a pungent odor. 


Another name for a coordinate 
covalent bond is dative bond. 
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two valence electrons in the 2s orbital. In the gas phase, beryllium hydride (BeH,) 
exists as discrete molecules. The Lewis structure of BeH> is 


H—Be—H 
As you can see, only four electrons surround the Be atom, and there no way to 
satisfy the octet rule for beryllium in this molecule. 

Elements in Group 3A, particularly boron and aluminum, also tend orm com- 
pounds in which fewer than eight electrons surround each atom. Take “ron as an 
example. Since its electron configuration is 1s?2s*2p!, it has a total of t! ce valence 
electrons. Boron forms with the halogens a class of compounds of the ge ! formula 
BX3, where X is a halogen atom. Thus, in boron trifluoride there are only electrons 
around the boron atom: 

Ae 
Ri-—=5 
5 F = 

Although boron trifluoride is stable, it has a tendency to pick up an uns \sred elec- 

tron pair from an atom in another compound, as shown by its reaction wi nmonia: 
Roy ef iF: H 


te ol | ae | 
3 Bee = -E —B-—N*—H 


:F: OH the 7H 
This structure satisfies the octet rule for all of the B, N, and F atoms. 

The B—N bond in the above compound is different from the covalent nds dis- 
cussed so far in the sense that both electrons are contributed by the N atom ovalent 
bond in which one of the atoms donates both electrons is called a coordin: ovalent 
bond. Although the properties of a coordinate covalent bond do not differ frv — those of 
a normal covalent bond (because all electrons are alike no matter what the source), 
the distinction is useful for keeping track of valence electrons and assignis.2 formal 
charges. 


Odd-Electron Molecules 
Some molecules contain an odd number of electrons. Among them are nitric oxide 
(NO) and nitrogen dioxide (NO3): 
N+ 

i” ee ay ‘ 

N= ‘Of No 
Since we need an even number of electrons for complete pairing (to reach eight), the 
octet rule clearly can never be satisfied for all the atoms in any of these molecules. 


The Expanded Octet 


In a number of compounds there are more than eight valence electrons around an atom. 
These expanded octets occur only around atoms of elements in and beyond the third 
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period of the periodic table. In addition to the 3s and 3p orbitals, elements in the third 
‘od also have 3d orbitals that can be used in bonding. One compound in which there 
‘a expanded octet is sulfur hexafluoride, a very stable compound. The electron 
figuration of sulfur is [Ne]3s°3p*. In SFg, each of sulfur’s six valence electrons 
ns a covalent bond with a fluorine atom, so there are twelve electrons around the 
‘yal sulfur atom: 
peat | a We 
:F~ | E: 
es ae 

fie next chapter we will see that these twelve electrons, or six bonding pairs, are 
ommodated in six orbitals that originate from the one 3s, the three 3p, and two of 
five 3d orbitals. However, sulfur also forms many compounds in which it does not 
»late the octet rule. In sulfur dichloride S has only eight electrons and therefore obeys 


octet rule: 
“gi: 
Ne 
‘Cl Cl: 


The following examples concern compounds that do not obey the octet rule. 


“XAMPLE 8.10 
Draw the Lewis structure for aluminum triiodide (Alls). 


Answer 


‘The outer-shell electron configuration of Al is 3s°3p'. The Al atom forms three covalent 
bonds with the I atoms as follows: 


Although the octet rule is satisfied for the I atoms, there are only six valence electrons 
around the Al atom. This molecule is an example of the incomplete octet. 


Similar problem: 8.65. 


EXAMPLE 8.11 
Draw the Lewis structure for phosphorus pentafluoride (PFs), in which all five F atoms 
are bonded directly to the P atom. 
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Atoms of the second-period 
elements cannot have more 
than eight valence electrons in 
a compound. 


Sulfur hexafluoride is a 
colorless, odorless gas (boiling 
point: —64°C). 


Sulfur dichloride is a toxic, 
foul-smelling cherry red liquid 
(boiling point: 59°C). 


Like boron, aluminum is a 
Group 3A element. 
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Like sulfur, phosphorus is a 
third-period element. 
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Answer 


The outer-shell electron configurations for P and F are 3s°3p* and 2s°2p°, re spectively, 
and so the total number of valence electrons is 5 + (5 X 7), or 40. The Lewis structure of 
PFs is 


Although the octet rule is satisfied for the F atoms, there are ten valence electrons around 
the P atom, giving it an expanded octet. 


Similar problem: 8.69. 


EXAMPLE 8.12 

Draw a Lewis structure for sulfuric acid (H>SO,) in which all four O atoms are bonded to 
the central S atom and the two ionizable H atoms are bonded to two of the © atoms. 
Answer 

Step | 


The skeletal structure of HsSO, is 


Step 2 


Both O and S are Group 6A elements and so have six valence electrons. Therefore, we 
must account for a total of 6 + (4 x 6) + 2 or 32 valence electrons in H)SOx. 


Step 3 
We draw a single covalent bond between all the bonding atoms: 
50: 


peo eral lee 
beh atts 
‘0: 
Step 4 


Although the above structure satisfies the octet rule and uses all 32 electrons, it is not too 
plausible because of the separation of formal charges: 


16. 


ct jemase 
H—O—Ss*o0—H 


=O: 
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‘(herefore we convert a lone pair from each of two O atoms to form another bond with S: 
howe 
lege 
Hee O SS On Hl 
Il 
0% 


‘There are now 12 electrons around the S atom, and the octet rule is not obeyed. Neverthe- 
less this is a more reasonable Lewis structure because there is no formal charge separa- 
tion. Sulfur is a third-period element and can therefore form an expanded octet. 


| Similar problem: 8.72. 
ee 


( Strength of the Covalent Bond 


ond Dissociation Energy and Bond Energy 


rhe Lewis theory of chemical bonding depicts a covalent bond as the sharing of two 
electrons between the atoms; it does not indicate the relative strengths of covalent 
bonds. For example, the bonds in H2 and Cl are represented by identical single lines: 


H-H :Cl-Cl: 
yet we know from experience that it takes more energy to break the bond in H; than in 
Cl,. In this sense we conclude that Hz, is the more stable molecule of the two. A 


quantitative measure of the stability of a molecule is bond dissociation energy, the We specify the gaseous state 


q : i i ond in 1 mole of gaseous diatomic here because bond 
enthalpy change required to break a particular bond of gi ilirida a 


molecules. For the hydrogen molecule and liquids are affected by 
HA(g) H(g) + H(g) AH? = 436.4 KJ neighboring molecules. 
This equation tells us that to break the covalent bonds in 1 mole of gaseous H> mole- 


cules requires 436.4 kJ of energy. 
Similarly, for the less stable chlorine molecule, 


Ch(g) —> Cl(g) + Clg) AH? = 242.7 kd 


Bond dissociation energy can also be applied to diatomic molecules containing unlike 
elements, such as HCl, 


HCl(g) —> H(g) + Cl(g) AH® = 431.9 kJ 
as well as to molecules containing double and triple bonds: 

O2(g) —> O(g) + OCs) AH? = 498.7 kJ 

No(g) —> N(g) +N(g) AH? = 941.4 KJ 


Measuring the strength of covalent bonds becomes more complicated for polya- 
tomic molecules. For example, measurements show that the energy needed to break the 
OH bond in H,0 is not a constant: 


H,0(g) —> H(g) + OH(g) = 502 kJ 
OH(g) —> H(g) + OCs) °= 427 kJ 
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TABLE 8.4 Some Bond Dissociation Energies of Diatomic Molecu!es* and 


Average Bond Energies 
Sa a am 


Bond Energy Bord Energy 
Bond (kJ/mol) Bond mol) 
SSS a a 
H—H 436.4 cs 5 
H—N 393 Cc=s 7 
H—O 460 N—N 3 
H—S 368 N=N 8 
H—P 326 N=N 1.4 
H—F 568.2 N—O 6 
H—Cl 431.9 N—P. 9 
H—Br 366.1 o—O 2 
H—I 298.3 Oo=0 8.7 
C—H 414 O—P 2 
Cc—C 347 O=S 9 
C= 620 P—P 7 
c=c 812 P=P 9 
C—N 276 S—S 8 
C= 615 S=S 2 
c= 891 F=2 ).6 
C—O 351 Ccl—Cl uF 
c= 781 Br—Br 2.5 
C—P 263 I—I 0 
NNN — 
*Bond dissociation energies for diatomic molecules (in color) have more significant figure: n bond 
energies for polyatomic molecules. This is because, for diatomic molecules, the bond dissociati nergies 


are directly measurable quantities and not averaged over many compounds. 


a) 


In each case, an O—H bond is broken, but the first step is more endothermic ()1n the 
second. The difference in the two AH® values suggests that the O—H bor. itself 
undergoes change, presumably brought about by the changed chemical enviroment. 
But the variation is usually not very great, as indicated by the two AH® values ‘or the 
O—H bond, which are roughly comparable in H1O and many other molecu'es. 
The example of the O—H bonds in H,O shows that when dealing with poly atomic 
molecules, we can speak only of approximate or average bond energies. Put another 
way, except for diatomic molecules, the energy of a particular bond type is not con- 
stant but varies somewhat from molecule to molecule. Table 8.4 lists the bond dissoci- 
ation energies and average bond energies for a number of ‘common covalent bonds. 


Use of Bond Energies in Thermochemistry 


A comparison of the thermochemical changes of a number of reactions (Chapter 4) 
reveals a strikingly wide variation in the enthalpies of different reactions. For example, 
the combustion of hydrogen gas in oxygen gas is fairly exothermic: 


H2(g) + 302(g) —> H,O(l)  AH® = —285.8 kJ 


On the other hand, the formation of glucose (CsH,20¢) from water and carbon dioxide. 
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bes! achieved by photosynthesis, is highly endothermic: 
6CO2(g) + 6H20(1) —> CeH20g(s) + 602(g) AH® = 2801 kJ 


!> account for such variations, we need to examine the stability of individual reactant 
product molecules. After all, most chemical reactions involve the making and 
King of bonds. Therefore, knowing the bond energies and hence the stability of 
cules tells us something about the thermochemical nature of reactions that mole- 
: undergo. 
many cases it is possible to predict the approximate enthalpy of reaction for some 
»ss by using the average bond energies. Recall that energy is always required to 
« chemical bonds and that chemical bond formation is always accompanied by a 
se of energy. To estimate the enthalpy of a reaction, then, all we need to do is 
‘| the total number of bonds broken and formed in the reaction and record all of the 
esponding energy changes. The enthalpy of reaction in the gas phase is given by 


AH® = XBE(reactants) — SBE(products) 
= total energy input — total energy released (8.4) 


re BE stands for average bond energy and & is the summation sign. Equation (8.4) 
\vritten takes care of the sign convention for AH®. Thus if the total energy input is 
ier than the total energy released, AH” is positive and the reaction is endothermic. 
he other hand, if more energy is released than absorbed, AH® is negative and the 
‘ion is exothermic (Figure 8.11). Note that if reactants and products are all dia- 
» molecules, then Equation (8.4) should yield accurate results since the bond 
ciation energies of diatomic molecules are accurately known. If some or all of the 
‘ants and products are polyatomic molecules, Equation (8.4) will yield only ap- 
imate results because average bond energies will be used in the calculation. 


—ZXBE (products) DBE (reactants) 


Enthalpy 
Enthalpy 


DBE (reactants) 
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For diatomic molecules, 
Equation (8.4) becomes 
equivalent to Equation (4.9), 
so that the results obtained 
from these two equations 
should be in excellent 
agreement. 


—ZBE (products) 


FIGURE 8.11 Bond energy changes in (a) an endothermic reaction and (b) an exothermic reaction. 
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Refer to Table 8.4 for bond 
dissociation energies of these 
diatomic molecules. 


8 / CHEMICAL BONDING I: BASIC CONCEPTS 


SS 
EXAMPLE 8.13 
Use Equation (8.4) to calculate the enthalpy of reaction for the process 


H,(g) + Cl(g) —> 2HCl\(g) 
Compare your result with that obtained using Equation (4.9). 


Answer 


The first step is to count the number of bonds broken and the number of bonds ‘ormed. 
This is best done by using a table: 


Type of Number of Bond Energy Energy Change 
Bonds Broken Bonds Broken (kJ/mol) (ki) 
H—H (Hp) 1 436.4 436.4 
CI—Cl (Clo) 1 242.7 242.7 

Type of Number of Bond Energy Energy Change 
Bonds Formed Bonds Formed (kJ/mol) kJ} 
H—Cl (HCl) 2 431.9 863.8 


Next, we obtain the total energy input and total energy released: 
total energy input = 436.4 kJ + 242.7 kJ = 679.1 kJ 
total energy released = 863.8 kJ 


Using Equation (8.4) we write 
AH? = 679.1 kJ — 863.8 kJ = —184.7 kJ 


Alternatively, we can use Equation (4.9) and the data in Appendix | to calculate the 
enthalpy of reaction: 


AH® = 2AH*(HCI) — [AHF(H2) + AH§(Cl2)] 


= (2 mol)(—92.3 kJ/mol) — 0 — 0 
= —184.6 kJ 


As stated earlier, the agreement between Equations (8.4) and (4.9) is excellent if the 
reactants and products are diatomic molecules. If a reaction has one or more polya- 
tomic molecules, either as reactants or products, then Equation (8.4) can be used only 


to estimate the enthalpy of the reaction, because in that case we have to use average 
bond energies. 


EXAMPLE 8.14 


Estimate the enthalpy change for the combustion of hydrogen gas: 


2H2(g) + O2(g) —> 2H,0(g) 
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Answer 


As in Example 8.13, we construct a table: 


| Type of Number of Bond Energy Energy Change 

Bonds Broken Bonds Broken (kJ/mol) (kJ) 
H—H (Hp) 2 436.4 872.8 
O=0 (02) 1 498.7 498.7 

| Type of Number of Bond Energy Energy Change 

| Bonds Formed Bonds Formed (kJ/mol) (kJ) 
O—H (H,0) 4 460 1840 


Next, we obtain the total energy input and total energy released: 
total energy input = 872.8 kJ + 498.7 kJ = 1372 kJ 
total energy released = 1840 kJ 
Using Equation (8.4) we write 
AH® = 1372 kJ — 1840 kJ = —468 kJ 


This result is only an estimate because we used the bond energy of O—H, which is an 
| average quantity. Alternatively, we can use Equation (4.9) and the data in Appendix 1 to 
| calculate the enthalpy of reaction: 


AH® = 2AH;(H20) — [2AH?(Ho) + AHF(O2)] 
= (2 mol)(—241.8 kJ/mol) — 0 — 0 
—483.6 kJ 


Similar problem: 8.78, 


Note that the estimated value based on bond energies is quite close to the value 
calculated using AHF data. In general, the bond energy method works best for reactions 
that are either quite endothermic or quite exothermic, that is, for AH° > 100 kJ or for 
AR” <= —100,k5: 


SUMMARY 


|. The Lewis dot symbol shows the number of valence electrons possessed by an atom 
of a given element. Lewis dot symbols are useful mainly for the representative 
elements. 

. The elements most likely to form ionic compounds are those with low ionization 
energies (such as the alkali metals and the alkaline earth metals, which form the 
cations) and those with high negative electron affinities (such as the halogens and 
oxygen, which form the anions). 

3. An ionic bond is the product of the electrostatic forces of attraction between posi- 
tive and negative ions. An ionic compound is a large collection of ions in which the 
positive and negative charges are balanced. The structure of a solid ionic compound 
maximizes the net attractive forces among the ions. 


NR 
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4. Lattice energy is a measure of the stability of an ionic solid. It can be calculated by 
employing the Born—Haber cycle, which is based on Hess’s law. 
5. In a covalent bond, two electrons (one pair) are shared between two »‘oms. In 


multiple covalent bonds, two or three electron pairs are shared between tv atoms. 
Some bonded atoms possess lone pairs, that is, pairs of valence electr not in- 
volved in bonding. The arrangement of bonding electrons and lone pair around 
each atom in a molecule is shown by the Lewis structure. 

6. Electronegativity is a measure of the ability of an atom to attract electro ‘o itself 
in a chemical bond. 

7. The octet rule predicts that atoms form enough covalent bonds to surro:  them- 
selves with eight electrons each. When one atom in a covalently bonde . air do- 
nates two electrons to the bond, the Lewis structure can include the for: charge 
on each atom as a means of keeping track of the valence electrons. re are 
exceptions to the octet rule, particularly for covalent beryllium compo: ‘s, ele- 
ments in Group 3A, and elements in the third period and beyond in the  criodic 
table. 

8. For some molecules or polyatomic ions, two or more Lewis structures bas.) on the 
same skeletal structure satisfy the octet rule and appear chemically 1 able. 
Such resonance structures taken together represent the molecule or ion 

9. The strength of a covalent bond is measured in terms of its bond dissociati: energy 
(for diatomic molecules) or its bond energy (for polyatomic molecules), Bx od ener- 


gies can be used to estimate the enthalpy of reactions. 


KEY WORDS 


Bond dissociation energy, p. 333 Electronegativity, p. 317 
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Covalent bond, p. 315 Lewis structure, p. 315 
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EXERCISES 


LEWIS DOT SYMBOL 
REVIEW QUESTIONS 


8.1 What is a Lewis dot symbol? To what elements does the 
symbol mainly apply? 

8.2 Use the second member of each group from Group 1A to 
Group 7A to show that the number of valence electrons 
on an atom of the element is the same as its group num- 
ber. 

8.3. Without referring to Figure 8.1, write Lewis dot symbols 
for atoms of the following elements: (a) Be, (b) K, 
(c) Ca, (d) Ga, (e) O, (f) Br, (g) N, (h) I, (i) As, 
@) F. 


Multiple bond, p. 316 
Nonbonding electron, p. 315 
Octet rule, p. 320 
Resonance, p. 328 
Resonance form, p. 328 
Resonance structure, p. 328 


THE IONIC BOND 
REVIEW QUESTIONS 


8.4 
8.5 


8.6 


8.7 


Explain what an ionic bond is. 

Explain how ionization energy and electron affinity de- 
termine whether elements will combine to form ionic 
compounds. 

Name five metals and five nonmetals that are very likely 
to form ionic compounds. Write formulas for compounds 
that might result from the combination of these metals 
and nonmetals. Name these compounds. 


Name one ionic compound that contains only nonmetallic 
elements. 


8.5 Name one ionic compound that contains a polyatomic 
cation and a polyatomic anion. 
Explain why ions with charges greater than three are sel- 
dom found in ionic compounds. 

' The term *‘molar mass’’ was introduced in Chapter 2 to 
replace ‘gram molecular weight.’’ What is the advantage 
in using the term ‘‘molar mass’’ when we discuss ionic 
compounds? 

Write Lewis dot symbols for the following ions: (a) Li*, 
(b) Cl”, (c) S?-, (d) Mg?*, (e) N3>. 

Write Lewis dot symbols for the following atoms and 
ions: (a) Br, (b) Br-, (c) S, (d) S?-, (&) P, (f) P?-, 
(g) Na, (h) Na*, (i) Mg, (j) Mg?*, (k) Al, (1) AB*, 
(m) Pb, (n) Pb?*, 

List some general characteristics of ionic compounds. 

+ State in which of the following states NaCl would be 
clectrically conducting: (a) solid, (b) molten (that is, 
melted), (c) dissolved in water. Explain your answers. 

’ Beryllium forms a compound with chlorine that has the 
empirical formula BeCl. How would you determine 
whether it is an ionic compound? (The compound is not 
soluble in water.) 


OBLEMS 


An ionic bond is formed between a cation A* and an 
anion B~. How would the energy of the ionic bond [see 
Equation (8.2)] be affected by the following changes? 
(a) doubling the radius of A*, (b) tripling the charge on 
A”, (c) doubling the charges on A* and B™, (d) decreas- 
ing the radii of A* and B™ to half their original values 
/ Give the empirical formulas and names of the compounds 
formed from the following pairs of ions: (a) Rb* and I”, 
(b) Cs* and SO3”, (c) Sr?* and N?~, (d) Al>* and S?-. 
* Use Lewis dot symbols to show electron transfer between 
the following atoms to form cations and anions: (a) Na 
and F, (b) K and S, (c) Ba and O, (d) Al and N. 
Write the Lewis dot symbols of the reactants and products 
in the following reactions. (First balance the equations.) 
(a) Sr + Se ——> SrSe 
(b) Ca + H —> CaH, 
(c) Li + N —> Li3N 
(d) Al+ S —> AbS3 
8.20 For each of the following pairs of elements, state whether 
the binary compound formed is likely to be ionic or mo- 
lecular. Write the empirical formula and name of the 
compound: (a) I and Cl, (b) K and Br, (c) Mg and F, 
(d) Al and F. 


LATTICE ENERGY 
REVIEW QUESTIONS 


8.21 Define lattice energy. What role does it play in the stabil- 
ity of ionic compounds? 
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8.22 Explain how the lattice energy of an ionic compound 
such as KCI can be determined by using the Born—Haber 
cycle. On what law is this procedure based? 

8.23 For each of the following pairs of ionic compounds, 
specify which compound has the higher lattice energy: 
(a) KCI or MgO, (b) LiF or LiBr, (c) Mg3N> or NaCl. 
Explain your choice. 

8.24 Compare the stability (in the solid state) of the following 
pairs of compounds: (a) LiF and LiF (containing the 
Li?* ion), (b) Cs,O and CsO (containing the O~ ion), 
(c) CaBry and CaBr; (containing the Ca** ion). 


PROBLEMS 


8.25 Use the Born—Haber cycle outlined in Section 8.3 for 
LiF to calculate the lattice energy of NaCl. (The heat of 
sublimation of Na is 108 kJ/mol and AA?(NaCl) = 
—411 kJ/mol. Energy needed to dissociate } mole of Cl> 
into Cl atoms = 121.4 kJ.) 

8.26 Calculate the lattice energy of calcium chloride given that 
the heat of sublimation of Ca is 121 kJ/mol and 
AH#(CaCl,) = —795 kJ/mol. 


THE COVALENT BOND 
REVIEW QUESTIONS 


8.27 What is Lewis’s contribution to the formulation of the 
covalent bond? 

8.28 Define the following terms: lone pairs, Lewis structure, 
molecular covalent compound, and network covalent 
compound. 

8.29 What is the difference between a Lewis dot symbol and a 
Lewis structure? 

8.30 Classify the following substances as ionic compounds, 
molecular covalent compounds, or network covalent 
compounds: CH4, KF, CO, SiO., MgCl. 

8.31 How many lone pairs are on the underlined atoms in these 
compounds? HBr, HS, CH, 

8.32 Distinguish among single, double, and triple bonds in a 
molecule, and give an example of each. 

8.33 Describe the main differences between ionic compounds 
and molecular covalent compounds. 


ELECTRONEGATIVITY AND BOND TYPE 


REVIEW QUESTIONS 


8.34 Define electronegativity, and explain the difference be- 
tween electronegativity and electron affinity. 

8.35 Describe in general how the electronegativities of the ele- 
ments change according to position in the periodic table. 

8.36 What is a polar covalent bond? Give two compounds that 
contain one or more polar covalent bonds. 
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PROBLEMS 


8.37 List the following bonds in order of increasing ionic char- 
acter: the lithium to fluorine bond in LiF, the potassium 
to oxygen bond in K30, the nitrogen to nitrogen bond in 
No, the sulfur to oxygen bond in SO;, the chlorine to 
fluorine bond in CIF3. 

8.38 Arrange the following bonds in order of increasing ionic 
character: carbon to hydrogen, fluorine to hydrogen, bro- 
mine to hydrogen, sodium to iodine, potassium to fluo- 
rine, lithium to chlorine. 

8.39 Four atoms are arbitrarily labeled D, E, F, and G. Their 
electronegativities are as follows: D = 3.8, E = 3.3, 
F = 2.8, and G = 1.3. If the atoms of these elements 
form the molecules DE, DG, EG, and DF, how would 
you arrange these molecules in order of increasing cova- 
lent bond character? 

8.40 List the following bonds in order of increasing ionic char- 

acter: potassium to fluorine, chlorine to chlorine, bro- 

mine to chlorine, silicon to carbon. 

Classify the following bonds as ionic, polar covalent, or 

covalent, and give your reasons: (a) the CC bond in 

H3CCHs3, (b) the KI bond in KI, (c) the NB bond in 

H3NBCl, (d) the ClO bond in ClO,, (e) the SiSi bond in 

Cl,SiSiCls, (f) the SiCl bond in Cl,SiSiCl;, (g) the CaF 

bond in CaF). 


LEWIS STRUCTURE AND THE OCTET RULE 
REVIEW QUESTIONS 


8.4 


8.42 Summarize the essential features of the Lewis octet rule. 

8.43 The octet rule applies mainly to the second-period ele- 
ments. Explain. 

8.44 Explain the concept of formal charge. Do formal charges 
on a molecule represent actual separation of charges? 


PROBLEMS. 


8.45 Write Lewis structures for the following molecules: 
(a) ICI, (b) PH3, (c) CS>, (d) Py (each P is bonded to three 
other P atoms), (e) H2S, (f) NoH4, (g) HCIO3, (h) COBr, 
(C is bonded to O and Br atoms). 

8.46 Write Lewis structures for the following ions: (a) O03~, 
(b) C3”, (c) NO*, (d) NOZ, (e) NH#, (f) NOZ. 

8.47 The skeletal structure of acetic acid in the following 
structure is correct, but some of the bonds are wrong. 
(a) Identify the incorrect bonds and explain what is wrong 
with them. (b) Write the correct Lewis structure for acetic 
acid. 


8.48 The following Lewis structures are incorrect. Explain 
what is wrong with each one and give a correct Lewis 
structure for the molecule. (Relative positions of atoms 
are shown correctly.) 


H—C=N @:F OF: 
(b) H=C—=C—H | 
‘a te :F: 
(c) O—Sn—O is 
(e) H—O=F 
H fies 5) I 
(f) at Ee. (g Bey 
CF 
ss Fe 


8.49 Write Lewis structures for the following four isolectronic 
species: (a) CO, (b) NO*, (c) CN™, (d) N>. Show formal 
charges. 


RESONANCE 
REVIEW QUESTIONS 


8.50 Define bond length, resonance, and resonance structure. 

8.51 Is it possible to ‘‘trap’’ a resonance structure of a com- 
pound for study? Explain. 

8.52 The resonance concept is sometimes described by anal- 
ogy to a mule, which is a cross between a horse and a 
donkey. Compare this analogy with that used in this 
chapter, that is, the description of a rhinoceros as a cross 
between a griffin and a unicorn. Which description is 
more appropriate? Why? 

8.53 Describe the general rules for drawing plausible reso- 
nance structures. 

8.54 What are the other two reasons for choosing (b) in Exam- 
ple 8.8? 


PROBLEMS 


8.55 Write Lewis structures for the following species, includ- 
ing all resonance forms, and showing formal charges: 
(a) HCO3, (b) CH;NO>. Relative positions of the atoms 
are as follows: 


oO H O 


oO H O 


8.56 Draw three resonance structures for the nitrate ion, NO3- 
Show formal charges. 

8.57 Draw three reasonable resonance structures for the 
OCN™ ion. Show formal charges. 


8.58 Write Lewis structures for hydrazoic acid, HN;, and di- 
azomethane, CHN>. Are there resonance forms of these 
molecules? If so, draw their Lewis structures. The skele- 
tal structures of the molecules are 


H NNN CNN 


6 


8.59 Some resonance forms of the molecule CO, are given 
here. Explain why some of them are likely to be of little 
importance in describing the bonding in this molecule. 

a se fe Se on 
(a) O=C=O (c) :O=C 0: 
+ Hees Bion. SS ae 
(b) -O=C—O: (d) -O—C—O: 

6.60 Draw three resonance structures for the molecule NO in 
which the atoms are arranged in the order NNO. Indicate 
formal charges. 


CEPTIONS TO THE OCTET RULE 
REVIEW QUESTIONS 


8.61 Why does the octet rule not hold for many compounds 
containing elements in the third period of the periodic 
table and beyond? 

8.62 Give three examples of compounds that do not satisfy the 
octet rule. Write a Lewis structure for each. 

8.63 Because fluorine has seven valence electrons (2s?2p°), 
seven covalent bonds in principle could form around the 
atom. Such a compound might be FH; or FCl;. These 
compounds have never been prepared. Why? 

8.64 What is a coordinate covalent bond? Is it different from a 
normal covalent bond? 


PROBLEMS 


%.65 In the vapor phase, beryllium chloride consists of discrete 
molecular units BeCls. Is the octet rule satisfied for Be in 
this compound? If not, can you form an octet around Be 
by drawing another resonance structure? How plausible is 
this structure? 

8.66 The AII, molecule (see Example 8.10) has an incomplete 
octet around Al. Draw three resonance structures of the 
molecule in which the octet rule is satisfied for both the 
Al and the I atoms. Show formal charges. 

8.67 Of all the noble gases only krypton and xenon are known 
to form compounds with fluorine and oxygen. These 
compounds are all covalent in character. Without looking 
at the formulas of these compounds we can conclude that 
neither Kr nor Xe obeys the octet rule in any of these 
compounds. Explain. 

8.68 Write Lewis structures for the following molecules: 
(a) XeF), (b) XeFy, (c) XeFe, (d) XeOF,, (e) XeOQ2Fo. In 
each case Xe is the central atom. 
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8.69 Write a Lewis structure for SbCl;. Is the octet rule 
obeyed in this molecule? 

8.70 Write Lewis structures for SeFy and SeFg. Is the octet rule 
satisfied for Se? 

8.71 Write Lewis structures for the reaction 


AICl, + Cl” —> AICly 


What kind of bond is between Al and Cl in the product? 
8.72 Draw a reasonable Lewis structure for sulfurous acid 
(H2SOs3). 


BOND ENERGIES 
REVIEW QUESTIONS 


8.73 Define bond energy and bond dissociation energy. Why 
are bond energies only average values, whereas bond dis- 
sociation energies are precisely known values? 

8.74 Explain why the bond energy of a molecule is usually 
defined in terms of a gas phase reaction? 

8.75 Why are bond-breaking processes always endothermic 
and bond-forming processes always exothermic? 


PROBLEMS 


8.76 From the following data, calculate the average bond en- 
ergy for the N—H bond: 


NH3(g) —> NH>(g) + H(g)  AH® = 435 kJ 
NH2(g) —> NH(g) + H(g) AH? = 381 kJ 
NH(g) —> N(g) + H(g) AH® = 360 kJ 


8.77 The bond energy of F>(g) is 150.6 kJ/mol. Calculate AH? 
for F(g). 
8.78 For the reaction 


H2(g) + CoHa(g) —> CoH6(g) 


(a) Estimate the enthalpy of reaction, using the bond en- 
ergy values in Table 8.4. (b) Calculate the enthalpy of 
reaction, using standard enthalpies of formation, (AH? 
for Hz, CsHy, and CsH¢ are 0, 52.3 kJ/mol, and 
—84.7 kJ/mol, respectively.) 

8.79 For the reaction 


2CH6(g) + 702(g) —> 4CO2(g) + 6H20(g) 


(a) Predict the enthalpy of reaction from the average bond 
energies in Table 8.4. (b) Calculate the enthalpy of reac- 
tion from the standard enthalpies of formation (see Ap- 
pendix 1) of the reactant and product molecules, and 
compare the result with your answer for part (a). 


MISCELLANEOUS PROBLEMS 


8.80 Match each of the following energy changes with one of 
the processes given: ionization energy, electron affinity, 
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8.83 


8.84 
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bond dissociation energy, standard enthalpy of forma- 
tion, and lattice energy. 

(a) F(g) + e~ —> F-(g) 

(b) Fo(g) —> 2F(g) 

(c) Na(g) —+> Na*(g) + e~ 

(d) NaF(s) —> Na*(g) + F-(g) 

(e) Na(s) + 3F(g) —+ NaF(s) 

The formulas for the fluorides of the third-period ele- 
ments are NaF, MgF>, AIF3, SiF,, PF;, SF,, and CIF3. 
Classify these compounds as covalent or ionic. Confirm 
your classification by looking up their melting points in 
the Handbook of Chemistry and Physics. 

Use the ionization energy (see Figure 7.14) and electron 
affinity (see Figure 7.16) values to calculate the energy 
change (in kJ) for the following reactions: 

(a) Li(g) + I(g) —> Li*(g) + (ge) 

(b) Na(g) + F(g) —> Na*(g) + F™(g) 

(c) K(g) + Cl(g) —> K*(g) + CI-(g) 

Describe some characteristics of an ionic compound such 
as KF that would distinguish it from a covalent com- 
pound such as benzene (C¢Hg). 

Write Lewis structures for BrF3, CIFs, and IF>. Identify 
those in which the octet rule is not obeyed. 


8.85 Write three reasonable resonance structures of the azide 
ion N3 in which the atoms are arranged as NNN, Show 
formal charges. 


8.86 Give an example of an ion or molecule cont ng Al that 
(a) obeys the octet rule, (b) has an expan’ vetet, and 
(c) has an incomplete octet. 

8.87 The amide group plays an important role i: ‘ermining 
the structure of proteins: 

2O3 
eal 
| 
H 
Draw another resonance structure of this » p. Show 
formal charges. 

8.88 Draw four reasonable resonance  structu for the 
PO F*~ ion. The central P atom is bonded three O 
atoms and to the F atom. Show formal chai 

8.89 Draw reasonable resonance structures for t! llowing 


ions: (a) HSO;, (b) SOF, (c) HSO3, (d) § 


9 Chemical Bonding II: 
Molecular Geometry and 
Molecular Orbitals 


9.2 


9.3 
9.4 
9.5 


- 


A space-filling model of a section of a molecule of deoxyribonucleic acid 
(DNA). The color codes are black, carbon; blue, nitrogen; red, oxygen; white, 


hydrogen; yellow, phosphorus. 
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———— 


n Chapter 8 we discussed bonding in terms of Lewis theory. Here we study the shape, or 

geometry, of molecules. Geometry has an important influence on the physical and chemi- 

cal properties of molecules, such as melting point, boiling point, and reactivity. We will 
see that we can predict the shapes of molecules with considerable accuracy using a simple 
method based on Lewis structures. 

Lewis theory of chemical bonding, although useful and easy to apply, does not tell us how 
and why bonds form. A proper understanding must come from quantum mechanics. There- 
fore, in the second part of this chapter we will apply quantum mechanics to the study of the 
geometry and stability of molecules. 


9.1 Molecular Geometry 


Many physical and chemical properties, such as melting point, boiling point, density, 
and the types of reactions that molecules undergo, are affected by a molecule’s shape, 
or molecular geometry. We can make some simple predictions about the shapes of 
molecules purely on the basis of geometry. If we imagine atoms as spheres and cova- 
lent bonds joining them as rods, we can generate a number of basic geometric shapes 
that are important in the study of simple molecules. Let’s consider each of them. 


Linear Molecules 


By definition, a diatomic molecule must be linear. Molecules containing three or more 
atoms may also be linear. The key to molecular geometry is the angle between two 
bonds to a common atom. The bond angle in a linear triatomic molecule is 180°. 


Pass. 
Planar Molecules 
If a triatomic molecule is not linear, the three atoms must lie in a common plane no 
matter how they are positioned relative to one another. This arrangement results in a 


planar molecule. A molecule with four atoms may or may not be planar. In this planar 
molecule containing four atoms the bond angles are all 120°. 


PN 
120° 


Planar 


This geometry is described as trigonal planar because the three end atoms are at the 
corners of an equilateral triangle. 
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Tetrahedral Molecules 


A tetrahedron has four sides, or four faces, all of which are equilateral triangles. In a 
tetrahedral molecule, the central atom is located at the center of the tetrahedron and the 
other four atoms are at the corners. The bond angles are all 109.5°. 


109.5° 


Tetrahedral 


Trigonal Bipyramidal Molecules 


A, trigonal bipyramid can be generated by joining two tetrahedrons along a common 
base. The central atom is located at the center of the common triangle with the other 
five atoms positioned at the five corners of the trigonal bipyramid. The atoms that are 
above and below the triangular plane are said to occupy axial positions, and those that 
are in the triangular plane are said to occupy equatorial positions. The angle between 
any two equatorial bonds is 120°; that between an axial bond and an equatorial bond is 
90°, and between the two axial bonds is 180°. 


90° 
120° 


Trigonal 
bipyramidal 


Octahedral Molecules 


An octahedron has eight sides (hence the prefix octa). It can be generated by joining 
two square pyramids on a common base. The central atom is located at the center of the 
square base and the other six atoms at the six corners. All bond angles are 90° except 
the one made by the bonds between the central atom and the two atoms diametrically 
opposite each other. That angle is 180°. Since the six bonds are equivalent in an 
octahedral molecule, we cannot use the terms ‘‘axial’’ and ‘‘equatorial’’ as in a trigo- 
nal bipyramidal molecule. 


Octahedral 


In Chapter 8 we studied chemical bond formation in terms of Lewis structures. 
However, Lewis structures show only how atoms in a molecule share electrons; they 
do not show the geometry of the molecule. In order to predict and understand the shape 
of a molecule, we must extend the Lewis description of chemical bonding. 
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VSEPR is pronounced 
“vesper.”” 
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9.2 The Valence-Shell Electron-Pair Repulsion (VSE!’®) 


Model 
The arrangement of atoms in a molecule can often be predicted reliably if «> knw the 
number of electrons surrounding a central atom. The basis of this appro 5 the idea 
that electrons in the valence shell of an atom repel one another. The valey nhed£ is the 
outermost electron-occupied shell of an atom; it holds the electrons thi e usually 
involved in bonding. In a covalent bond, a pair of electrons (often callec bortding 
pair) is responsible for holding two atoms together. However, in a polys) ic mole- 
cule, where there are two or more bonds between the central atom and thc ounding 
atoms, the repulsion between the electrons in different bonding pairs c: them to 
remain as far apart as possible. The shape that the molecule ultimately mes (as 
defined by the positions of all the atoms) is such that this repulsion is at nimun. 
Therefore this approach to the study of molecular geometry is called the } ce-shell 
electron-pair repulsion (VSEPR) model, because it accounts for the geo) icea€é ar- 
rangements of electron pairs around a central atom in terms of the repul berween 
electron pairs. 

The notion of *‘electron-pair repulsion’ can be demonstrated simply 6) img Sev- 
eral inflated round balloons together, so that the balloons are in close mu -Oontact. 
Each balloon in such a cluster represents a valence-shell electron pair t as. the 
balloons assume characteristic arrangements that minimize their mutual * [sions” 
(that is, the balloons all try to avoid being crowded into the same spa: VSEPR 
postulates similar electron-pair repulsions and predicts resulting geometric or mrvany 
simple molecules. 

With this model in mind, we can predict the geometry of molecules in tematic 
way. In studying molecular geometry, it is convenient to divide molecul: at@ two 
categories, according to whether or not the central atom has lone pairs ore we 


discuss the two categories, make note of the following useful rules: 


® As far as electron-pair repulsion is concerned, double bonds and triple nas can 


be treated as though they were single bonds between neighboring ai) 1s. “Khis 
approximation is good for qualitative purposes. For quantitative purposes. Suach 
as accurate bond angle measurements, you should note that multiple »onds are 


“‘larger’’ than single bonds. 
® If two or more resonance structures can be drawn for a molecule, we may apply 


the VSEPR model to any one of them. Furthermore, formal charges need NOt be 
shown. 


Molecules in Which the Central Atom Has No Lone Pairs 


For simplicity we will consider molecules that contain atoms of only two elements _ A 
and B, of which A is the central atom. These molecules have the general formula AR 
where x is an integer 2,3, . . . . (If x = 1, we have the diatomic molecule AB. Which 
is linear by definition.) In the vast majority of cases, x is between 2 and 6. 

Table 9.1 shows five possible arrangements of electron pairs around the C@mpeyal 
atom A. As a result of mutual repulsion, the electron pairs stay as far from one ANGER er 
as possible. Note that the table shows arrangements of the electron pairs butnOt gpe 
positions of the surrounding atoms. Molecules in this category have one of thes® £3 \¢ 
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TABLE 9.1 Arrangement of Electron Pairs About a Central Atom (A) in a 
Vielecule 


onceny 


umber of Arrangement of 
stron Pairs Electron Pairs* 
180° 
2 Linear 
A 
120° 

3 JX Trigonal planar 

4 Tetrahedral 

5 Trigonal bipyramidal 

6 Octahedral 


“The colored lines show the overall shapes. 


arrangements of electron pairs. We will therefore take a close look now at the geometry 
of molecules with the formulas AB2, AB3, ABs, ABs, and ABs. 


ABp: Beryllium Chloride (BeCl2). The Lewis structure of beryllium chloride in the 


gaseous state is 
180° 


ci-*Be™-Cl 
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For simplicity, we omit the 
lone pairs on the surrounding 
atoms in considering the 
geometry of a molecule. 
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Because the bonding pairs repel each other, they must be at opposite ends of a straight 
line in order for them to be as far apart as possible. Thus, the CIBeCl angle is 180°, and 
the molecule is linear (see Table 9.1). 


AB;: Boron Trifluoride (BF). Boron trifluoride contains three covalent bonds, or 
bonding pairs: 


I 
120° 
B 

A 

F F 


In the most stable arrangement, the three B—F bonds point to the corners of an 
equilateral triangle with B in the center of the triangle. Thus, each of the three FBF 
angles is 120° and all four atoms lie in the same plane. According to ‘Table 9.1, the 
geometry of BF; is trigonal planar. 


AB,4: Methane (CH4). The Lewis structure of methane is 


H 
| 
iE i ct ok 
H 
Since there are four bonding pairs, the geometry of CH, is tetrahedral. This is a 
three-dimensional shape, as shown in Table 9.1, with each HCH angle 109.5°. 


AB;: Phosphorus Pentachloride (PCl;)._ The Lewis structure of phosphorus pen- 
tachloride (in the gas phase) is 


alge 


P—Cl 
cl Cl 
The only way to minimize the repulsive forces among the five bonding pairs is to 
arrange the P—CI bonds in the form of a trigonal bipyramid (see Table 9.1). Note that 
there are three different CIPCI angles in this arrangement (90°, 120°, and 180°). Any 
attempt to increase one of the 90° or 120° angles would, by necessity, decrease some 
other CIPCI angle, and the net result would be a decrease in stability. The two Cl atoms 
in the axial positions show slightly different chemical reactivity than the three in 
equatorial positions. 


ABg: Sulfur Hexafluoride (SFg). The Lewis structure of sulfur hexafluoride is 


F 
So 
a Ps 

F 


The octahedral arrangement of the six bonding pairs, shown in Table 9.1, provides the 
most stable form for the SFs molecule, in which each of the FSF angles is either 90° or 
180°. 

Table 9.2 shows the geometries of some simple molecules as predicted by the 
VSEPR model. Note that Table 9.2 differs from Table 9.1 in showing the positions of 
all the atoms (and therefore the geometries of the molecules). Table 9.1 shows only the 
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TABLE 9.2 Geometry of Some Simple Molecules and fons in Which the 
Central Atom Has No Lone Pairs 


mere 
Molecule Geometry* Examples 
mes! 

AB» Linear B—A—B BeClh, HgCly 


AB; Trigonal planar y, ee BF 
oe ‘ 
B 
AB, Tetrahedral /| | Ne CHy, NHf 
B B 
\ 


ABs Trigonal bipyramidal PCls 


ABg Octahedral SFe 


weir 


*The colored lines are used only to show the overall shapes; they do not represent bonds. 


Bite 


central atom and the arrangement of all the electron pairs. As we will see shortly, Table 
9.1 can also be used to study the geometry of molecules in which the central atom 
possesses one or more lone pairs. 


Molecules in Which the Central Atom Has One or More Lone Pairs 


Determining the geometry of a molecule is more complicated if the central atom has 
both lone pairs and bonding pairs. In such molecules there are three types of repulsive 
forces—those between bonding pairs, between lone pairs, and between a bonding pair 
and a lone pair. In general, according to VSEPR, the repulsive forces decrease in the 
following order: 


lone pair vs. bonding S bonding pair vs. bonding 


lone pair vs. lone pair ; } 
pair repulsion 


repulsion pair repulsion 
Electrons in a bond are held by the attractive forces exerted by the nuclei of the two 
bonded atoms. These electrons have less ‘‘spatial distribution,” that is, they take up 
less space than lone pair electrons, which are associated with only one particular atom. 
Consequently, lone pair electrons in a molecule occupy more space and experience a 
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The forces are electrostatic in 
origin. 


Again using the balloon 
analogy, we can think of the 
lone pairs as fatter balloons 
and the bonding pairs as 
thinner ones. 
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This is the most plausible 
resonance structure of SO,. 
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greater repulsion from neighboring lone pairs and bonding pairs. To keep track of the 


total number of bonding pairs and lone pairs, we designate molecules with lone pairs as 
AB,E,, where A is the central atom, B is a surrounding atom, and E is a lone pair on 
A. Both x and y are integers; x = 2,3, ...,andy=1,2,... . Thus the values of 
x and y indicate the number of surrounding atoms and number of lone p: °s on the 
central atom, respectively. In the scheme here the simplest molecule wou! be a tri- 


atomic molecule with one lone pair on the central atom; the formula of this «> ‘ecule is 
ABE. 


For molecules in which the central atom has one or more lone pairs, need to 
distinguish between the overall arrangement of the electron pairs and the »«: ‘netry of 
the molecule. The overall arrangement of the electron pairs refers to the arrari. ment of 
all electron pairs on the central atom, bonding pairs as well as lone pairs. QO}. \¢ other 
hand, the geometry of a molecule is described only in terms of the arranger «nt of its 
atoms, and hence only the arrangement of bonding pairs is considered. Wo will see 
shortly that if lone pairs are present on the central atom, the overall arranger t of the 


electron pairs is not the same as the geometry of the molecule. 
This will become clearer as we consider some specific examples. 


ABE: Sulfur Dioxide (SO). The Lewis structure of sulfur dioxide is 


S 
Because in our simplified scheme we treat double bonds as if they were single \ ». 346), 
the SO. molecule can be viewed as consisting of three electron pairs on the « entral $ 
atom. Of these, two are bonding pairs and one is a lone pair. In Table 9.1 we see that 
the overall arrangement of three electron pairs is trigonal planar. But becaus~ one of 
the electron pairs is a lone pair, the SO) molecule has a ‘‘bent’’ shape. Since: ‘he lone 
pair vs. bonding pair repulsion is greater than the bonding pair vs. bonding pa’ repul- 


sion, the two sulfur-to-oxygen bonds are pushed together slightly and the OSO angle is 
less than 120°. By experiment the OSO angle is found to be 119.5°. 


AB3E: Ammonia (NH3). The ammonia molecule contains three bonding peirs and 
one lone pair: 


H—N—H 
h 
As Table 9.1 shows, the overall shape of four electron pairs is tetrahedral. But in NH3 
one of the electron pairs is a lone pair, so the geometry of NH; is trigonal pyramidal (so 
called because it looks like a pyramid, with the N atom at the apex). Because the lone 
pair repels the bonding pairs more strongly, the three N—H bonding pairs are pushed 


closer together; thus the HNH angle in ammonia is smaller than the ideal tetrahedral 
angle of 109.5° (Figure 9.1). 


AB2Eo: Water (H20). A water molecule contains two bonding pairs and two lone 
pairs: 
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FIGURE 9.1 (a) The relative 
sizes of bonding pair and lone 
pair in CHy, NH3, and H20. 
(b) The bond angles in CH4, 
NH;, and H20. In each diagram 
the dashed line represents a bond 
axis behind the plane of the 
paper, the wedged line a bond 
axis in front of the plane of the 
paper, and the thin solid lines 


Le bonds in the plane of the paper. 
Sine. water is a triatomic molecule, it is necessarily planar. The overall arrangement of 

th r electron pairs in water is tetrahedral, the same electron-pair arrangement that is 

fo in ammonia. However, unlike ammonia, water has two lone pairs on the central 

O . These lone pairs tend to be as far from each other as possible. Consequently, 

th ) O—H bonding pairs are pushed toward each other, so that we can predict an 

ey eater deviation from the tetrahedral angle than in NH3. This prediction is cor- 

rev s Figure 9.1 shows. 


AS. ©: Sulfur Tetrafluoride (SF4). The Lewis structure of SF, is 


The central sulfur atom has five electron pairs whose arrangement, according to Table 
9.1, is trigonal bipyramidal. In the SF, molecule, however, one of the electron pairs is 
a lone pair, so that the molecule must have one of the following geometries: 


F iy 


(a) () 
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Experimentally, the angle 
between the axial F atoms and 
S is found to be 186°, and that 
between the equatorial F 
atoms and § is 116°. 


The overall shape of the 
molecule is that of a pyramid 
with a square base. 
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In (a) the lone pair occupies an equatorial position and in (b) it occupies an axial 
position. The axial position has three neighboring pairs at 90° and one at 180°, while 
the equatorial position has two neighboring pairs at 90° and two more at 120°. The 
repulsion is smaller for (a) and indeed (a) is the structure observed experimentally. The 
shape shown in (a) is sometimes described as a distorted tetrahedron (or a folded 
square, or seesaw shape). 


AB,E,: Xenon Tetrafluoride (XeF 4). The Lewis structure for xenon tetrafluoride 
is 
F F 
N77 
Xe 
7S 
F F 
The Xe atom has four bonding pairs and two lone pairs. In Table 9.1 we can see that 
the overall arrangement of the six electron pairs is octahedral. In octahedral arrange- 
ments, the two lone pairs prefer to be opposite each other across the Xe atom because 
they are farthest away from each other. Thus XeF, has a square planar molecular 
geometry (the four F atoms lie in the corners of a square, which is two-dimensional or 
planar). The two lone pairs are placed above and below the plane as follows: 
F 
BS F 
Keen 
=a. sa 
F 


ABE: Bromine Pentafluoride (BrF5). The Lewis structure of bromine pentafluo- 
ride is 


The Br atom has five bonding pairs and one lone pair. The overall arrangement of six 
electron pairs is octahedral and the BrF; molecule has a square pyramidal geometry: 


Table 9.3 shows the geometries of simple molecules in which the central atom has 
one or more lone pairs including some that we have not discussed. 
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TABLE 9.3 Geometry of Simple Molecules in Which the Central Atom Has 


One or More Lone Pairs 


OBI OPI 
Total Number Number 
Class of of Electron Number of of 
Molecule Pairs Bonding Pairs Lone Pairs 
pee a 
AB3E 3 2 1 
ABE 4 3 1 
ABoI 4 2 2 
AB,E 5 4 1 . 
AB.E> 5 3 2 
AB>E; 5 2 3 
AB;E 6 5 1 
AB,E> 6 4 2 


“The colored lines are used to show the overall shape, not bonds. 


Geometry* 


A 
yy SS, 
Bent 


A 
pss 


Trigonal pyramidal 


| 
ites 
is) 
Bent 
ae. 
q 


B B 


A 


Distorted tetrahedron 


Square planar 


Examples 


SO, 


CIF; 


354 9 / CHEMICAL BONDING Il: MOLECULAR GEOMETRY AND MOLECULAR ORBITALS 


Geometry of Molecules with More than One Central Atom 


So far we have discussed the geometry of molecules having only one ce: ‘ral atom. 


(The term ‘‘central atom’’ here means an atom that is not a terminal atom '» a polya- 
tomic molecule.) The overall geometry of molecules with more than one « ~ ‘ral atom 
is difficult to define in most cases. Often we can only describe what the «ve is like 
around each of the central atoms. Consider methanol, CH;OH, whose Le . structure 
is H 

ees, 

H—C— O —H 

| 

H 
The two central (nonterminal) atoms in methanol are C and O. We can that the 


three C—H and the C—O bonding pairs are tetrahedrally arranged about C atom. 
The HCH and OCH bond angles are approximately 109°. The O atom he: like the 
one in water in that it has two lone pairs and two bonding pairs. The | ore, the 
H—O—C portion of the molecule is planar and the angle HOC is approxin: -ly equal 
to 105° (Figure 9.2). 

The Chemistry in Action on p. 355 discusses an effective way of studyiny olecular 
geometry. 


Guidelines for Applying the VSEPR Model 
Having studied the geometries of molecules in the two categories (central! » »ms with 


and without lone pairs), we summarize some rules that will help you apply |.» VSEPR 
model to all types of molecules: 


@ Write the Lewis structure of the molecule, considering only the ele. on pairs 
around the central atom (that is, the atom that is bonded to more tha: ne other 
atom). 

© Count the total number of electron pairs around the central atom (i.c _ bonding 
pairs and lone pairs). As a good approximation, treat double and trip: bonds as 


FIGURE 9.2 The geometry of CH30H. 
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annot directly observe molecules because of their 
mely small size. An effective way to visualize the 
-dimensional structure of molecules, which is 
| difficult to describe with words or diagrams, is by 
use of models. Two main types of molecular mod- 
‘re currently in use: ball-and-stick models and 
e-filling models. In ball-and-stick models the 
is are made of wooden or plastic balls with holes 
ed in them. These holes hold the sticks or springs 
represent the bond at angles similar to the actual 
| angles in the molecule. Each type of atom is rep- 
ated by a different color ball, and the balls are all 
ame size. In space-filling models atoms are repre- 
»d by truncated balls held together by snap fasten- 
so that the bonds are not visible. The atomic radii 
ccurate to scale in these models. 
sall-and-stick models show the arrangement of 
‘s clearly, and they are fairly easy to construct. 
ever, treating all atoms as if they were of equal 
does not give us a realistic picture of molecules. 
e-filling models represent molecules more accu- 
y since different atoms have different sizes. Their 
| backs are that they are time-consuming to con- 
‘ and they do not show bond orientations clearly. 
re 9.3 shows both types of models for several sim- 
nolecules. 
Chemists rely heavily on the use of molecular mod- 
In addition to helping us understand the shapes of 
olecules, an accurately constructed molecular model 
|so provides useful information about the spatial rela- 
‘ionship among atoms not bonded to one another and 
about the geometric requirements in a chemical reac- 
tion. In recent years much of our understanding of the 
structure and reactivity of many biologically important 


- CHEMISTRY IN ACTION 


MOLECULAR MODELS 


molecules such as proteins and DNA (deoxyribonucleic 
acid), which contain thousands or even tens of thou- 
sands of atoms, has been obtained from the study of 
models representing these molecules. 


FIGURE 9.3 Space-filling models and ball-and-stick mod- 
els for some simple molecules. 


though they were single bonds. Refer to Table 9.1 to predict the overall arrange- 


ment of the electron pairs. 


® Use Tables 9.2 and 9.3 to predict the geometry of the molecule. 

® In predicting bond angles, note that a lone pair repels another lone pair or a 
bonding pair more strongly than a bonding pair repels another bonding pair. 
Remember that there is usually no easy way to predict bond angles accurately 


when the central atom possesses one or more lone pairs. 
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FIGURE 9.4 Behavior of polar molecules (a) in the absence and (b) in the ence of an 
external electric field. Nonpolar molecules are not affected by an electric fie! 


the + and — charges on the plates), a polar molecule aligns itself \ its more 
negative end oriented toward the positive plate and its more positive en. ward the 
negative plate. Nonpolar molecules are unaffected by an electric field. pole mo- 
ments are usually expressed in debye units (D), named for Peter Debye.’ \e conver- 


sion factor is 
1D=3.33 x 10° Cm 


where C is coulomb and m is meter. 

The dipole moment of a molecule containing three or more atoms dep: ‘s on both 
polarity and molecular geometry. However, even if polar bonds are preses’ the mole- 
cule itself may not have a dipole moment. Consider the carbon dioxide )>) mole- 
cule. Since CO, is a triatomic molecule, its geometry is either linear or >ent: 


en 


o=C+O 
linear molecule \ resultant 
(no dipole moment) dipole moment 


bent molecule 
(has a dipole moment) 
The arrows show the net shift of electron density from the less electronegative carbon 
atom to the more electronegative oxygen atom. In each case, the dipole moment of the 
entire molecule is made up of two bond moments, that is, individual dipole moments in 
the polar C=O bonds. The measured dipole moment is equal to the sum of these bond 
moments. The dipole moment, like the bond moment, is a vector quantity, that is, it 


+Peter Joseph William Dehve (1884c104A ALE Oo 
Peter Joseph William Debye (1884-1966). American chemist and physicist of Dutch origin. Debye made 
many significant contributions in the study of molecular structure, polymer chemistry, X-ray analysis, and 
electrolyte solution. He was awarded the Nobel Prize in chemistry in 1936. 
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9.3 DIPOLE MOMENTS 


th magnitude and direction. It is clear that the two bond moments in CO, are 


in magnitude. Since they point in Opposite directions in a linear CO, molecule, 
‘mn or resultant dipole moment would be zero. On the other hand, if the CO, 
‘le were bent, the two bond moments would partially reinforce each other, so 


ene would have a dipole moment. Experimental evidence shows that 
\ioxide has no dipole moment. Therefore we conclude that the carbon dioxide 
© is linear, as is consistent with its nonpolar character. The linear nature of 
‘ioxide has, in fact, been confirmed through other experimental measurements. 
‘et us consider the NH3 and NF3 molecules shown in Figure 9.5. In both cases 
‘ral N atom has a lone pair whose ‘‘bond moment’’ points away from the N 
om Figure 8.8 we know that N is more electronegative than H, and F is more 
»gative than N. Thus the resultant dipole moment in NH; is larger than that in 


© moment measurements can be used to distinguish between molecules. For 
. the following two molecules both exist; they have the same molecular for- 
H»Cl5), the same number and type of bonds, but different molecular struc- 


resultant 
dipole moment 


cis-dichloroethylene trans-dichloroethylene 
= 1.89D u=0 
y-dichloroethylene is a polar molecule but trans-dichloroethylene is not, they 
lily be distinguished by a dipole moment measurement. 


Resultant dipole 
moment = 1.46 D 


aes i “ht 
H Resultant 
dipole moment 
=0.24D 


FIGURE 9.5 Bond moments and resultant dipole moments in NH3 and NF3. 


The VSEPR model predicts that 
CO, is a linear molecule. 
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An analogy is an object that is 
pulled in the directions shown 
by the three bond moments. If 
the forces are equal, the 
object will not move. 
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TABLE 9.4 Dipole Moments of Some Polar Molecules 
SS a EW PRT NI I IE rp 


Molecule Geometry Dipole Moment (D) 
HF Linear 1.92 
HCl Linear 1.08 
HBr Linear 0.78 
HI Linear 0.38 
H,0 Bent 1.87 
H,S Bent 1.10 
NH; Pyramidal 1.46 
SO, Bent 1.60 


Table 9.4 lists the dipole moments of several polar diatomic and polyatomic mole- 
cules. 
The following example shows how we can predict whether a molecule possesses a 


dipole moment if we know its molecular geometry. 


EXAMPLE 9.2 


Predict whether each of the following molecules has a dipole moment: (a) |Br, (b) BF; 
(trigonal planar), (c) CH2Cl, (tetrahedral). 


Answer 


(a) Since IBr (iodine bromide) is diatomic, it has a linear geometry. Bromine is more 
electronegative than iodine (see Figure 8.8), so Br is polar with bromine at the negative 
end. 


+> 

I—Br 
Thus the molecule does have a dipole moment. 
(b) Since fluorine is more electronegative than boron, each B—F bond in BF, (boron 
trifluoride) is polar and the three bond moments are equal. However, the symmetry of a 
trigonal planar shape means that the three bond moments exactly cancel one another: 


if 
b 
Ves 
LOSS, 
Consequently BF3 has no dipole moment; it is a nonpolar molecule. 
(c) The Lewis structure of CHCl, (methylene chloride) is 


| 
tee 


Cl 


9.4 VALENCE BOND THEORY 


This molecule is similar to CH, in that it has an overall tetrahedral shape. However, 
because not all the bonds are identical, there are three different bond angles: HCH, HCCI, 
and CICCI. These bond angles are close to, but not equal to, 109.5°. Since chlorine is 
more electronegative than carbon, which is more electronegative than hydrogen, the bond 
moments do not cancel and the molecule possesses a dipole moment: 


» CHCl, is a polar molecule. 


Sirnilar problems: 9.22, 9.23. 


%.- valence Bond Theory 


The VSEPR model, based largely on Lewis structures of molecules, provides a rela- 


tively simple and straightforward method for predicting the geometry of molecules. 
But as we noted earlier, Lewis theory of chemical bonding does not clearly explain 
why chemical bonds exist. We need a better understanding of bonding to account for 
many observed molecular properties. 


\_ewis’s idea of relating the formation of a covalent bond to the pairing of electrons 
was 4 step in the right direction, but it did not go far enough. For example, Lewis 
theory describes the single bond between the H atoms in H> and that between the F 
atoms in F in essentially the same way—as the pairing of two electrons. Yet these two 
molecules have quite different bond dissociation energies and bond lengths (436.4 kJ/ 
mol and 74 pm for Hy and 150.6 kJ/mol and 142 pm for F). These and many other 
discrepancies cannot be explained by Lewis theory. For a proper explanation of chemi- 
cal bond formation we must therefore look to quantum mechanics. In fact, the quantum 
mechanical study of chemical bonding also provides a means for understanding molec- 
ular geometry. 

At present, two quantum mechanical theories are used to describe the covalent bond 
and electronic structure of molecules. Valence bond (VB) theory assumes that the 
electrons in a molecule occupy atomic orbitals of the individual atoms. It permits us to 
retain a picture of individual atoms taking part in the bond formation. The second 
theory, called molecular orbital (MO) theory, assumes the formation of molecular 
orbitals from the atomic orbitals. The molecular orbital theory is discussed in Section 
9.7; here we focus on the valence bond theory. 

Let us start by considering the formation of an Hy molecule from two H atoms. 
Lewis theory describes the H—H bond in terms of the pairing of the two electrons on 
the H atoms. In the framework of valence bond theory, the covalent H—H bond is 
formed by the overlap of the two 1s orbitals in the H atoms. By overlap, we mean that 


the two orbitals share common region in space. 
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Recall that an object has 
potential energy by virtue of its 
position. 
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Chapter 7 discussed electron configuration of isolated atoms. Here we must exa@t¥h 
ine what happens to these atoms as they move toward each other and form a bond. 
Initially, when the two atoms are far apart, there is no interaction. We soy that the 


potential energy of this system (that is, the two H atoms) is zero. As the sioms @DP> 
proach each other, each electron is attracted by the nucleus in the other ato. andat the 
same time, the electrons repel each other, as do the nuclei. While the ators are still 
separated, attraction is stronger than repulsion, so that the potential en» sy of the 
system decreases (that is, it becomes negative) as the atoms approach cach other 
(Figure 9.6). This trend continues until the potential energy reaches a miniim value, 
At this point, where the system has the lowest potential energy, it is most | le. “his 
condition corresponds to substantial overlap of the 1s orbitals and formati: astable 
H> molecule. If the distance between nuclei were to decrease further, (potential 
energy would rise steeply and finally become positive as a result of th creased 
electron—electron and nuclear—nuclear repulsions. 

In accord with the law of conservation of energy, the decrease in potentis! “nergy 2S 


a result of Hz formation must be accompanied by a release of energy. By © <perinne nt 
we find that as a H, molecule is formed from two H atoms, heat is gives off. “he 
converse is also true. To break a H—H bond, energy must be supplied to the molecule. 

Thus we see that valence bond theory gives a clearer picture of chemical bond 
formation than Lewis theory does. Valence bond theory states that a stab!’ molecule 
forms from reacting atoms when the potential energy of the system has decr-ised to a 
minimum; Lewis theory ignores energy changes in chemical bond forma 
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FIGURE 9.6 Change in potential energy of two H atoms with their distance of separation. Az 


the point of minimum potential energy, the Hz molecule is in its most stable state and the bong 
length is 74 pm. 
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The concept of atomic orbital overlap applies equally well to diatomic molecules 


other ‘nan H3. Thus a stable F, molecule forms when the 2p orbitals (containing the The orbital diagram of the F 
unp» red electrons) in the two F atoms overlap to form a covalent bond. Similarly, the atom is shown on p. 250. 
forn.on of the HF molecule can be explained by the overlap of the 1s orbital in H 

with ‘2 2p orbital in F. In each case, we can account for the changes in potential 

ene is the distance between the reacting atoms changes. Because the orbitals in- 

vol. are not the same kind in all cases, we can see why the bond energies and bond 

len in H>, Fj, and HF might be different. As we stated earlier, Lewis theory treats 

all covalent bonds in the same manner and offers no explanation for why one 

co" bond might differ from another. 


9. vbridization of Atomic Orbitals 


Th cally, the concept of atomic orbital overlap should apply also to polyatomic 
mo es. However, a satisfactory bonding scheme for polyatomic molecules must 
als ount for molecular geometry. Consider the NH; molecule. Because the nitro- The orbital diagram of the N 
gen “om has three unpaired electrons (one in each of the three 2p orbitals), we might #tom is shown on p. 250. 
ex] the three N—H covalent bonds to be formed by overlap of the hydrogen 1s 
ort and the nitrogen 2p orbitals. If this were the case, the HNH bond angles in NH3 
wo ll be 90° because, as Figure 6.24 shows, the three 2p orbitals are mutually 
per dicular. But experimental evidence tells us that the angles are all 107.3° (see 
Fig ).1). It might be argued that because nitrogen is more electronegative than 
hy« n, the hydrogen atoms all bear a fractional positive charge and the forces of 
rep. on among these atoms increase the size of the HNH angles. Although such 
repii » forces do exist, their magnitude is not great enough to increase the angles 
fro to 107.3°. Similar discrepancies are noted for other polyatomic molecules. In 
adc ., bond formation often cannot be explained in terms of the ground-state elec- 
tro ofiguration of the central atom. 

way to explain bonding in polyatomic molecules is to introduce the concept of 
hy ation. Hybridization is the mixing of atomic orbitals in an atom (usually a 
cer atom) to generate a set of new atomic orbitals, called hybrid orbitals. Hybrid 
orbits... which are atomic orbitals obtained when two or more nonequivalent orbitals 
of i same atom combine, are used to form covalent bonds. It is important to under- 
stand that this ‘mixing’? of atomic orbitals is a human contrivance—a mathematical 
procedure that extends the utility of our atomic orbital model. To put it another way, 


hybridization takes place in chemists’ calculations, not in actual molecules. We accept 
the concept of hybridization not because of its objective reality, but because it gives 
results that are consistent with our knowledge of molecular bonding and molecular 
geometry. 

The following points are useful for an understanding of hybridization: 


® The concept of hybridization is not applied to isolated atoms. It is used only to 
explain a bonding scheme in a molecule. ; 

@ Hybridization is the mixing of at least two nonequivalent atomic orbitals, for 
example, s and p orbitals. Therefore, a hybrid orbital is not a pure (that is, 
native) atomic orbital. Hybrid orbitals have very different shapes from pure 


atomic orbitals. 
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Hybrid orbitals are named by 
specifying the type and number 
of atomic orbitals that 
participated in the 
hybridization. Since one s and 
one p atomic orbitals were 
combined here, the two hybrid 
orbitals are called sp hybrid 
orbitals. 
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@ The number of hybrid orbitals generated is equal to the number of pure =l0mic 
orbitals that participate in the hybridization process. 

@ Hybridization requires an input of energy; however, the system more thaara® Fecoy- 
ers this energy during bond formation. ; 

® Covalent bonds in polyatomic molecules are formed by the overlap of yb 
orbitals, or of hybrid orbitals with unhybridized ones. Therefore, the hay bridi 
tion bonding scheme is still within the framework of valence bond theory > el 
trons in a molecule are assumed to occupy hybrid orbitals of the indivi 
atoms. 


We will now apply the hybridization concept to bonding and geometry 1m s 
polyatomic molecules. The molecules are grouped according to their hybridi Z=etions, 
that is, according to the specific number of s and p orbitals of the central atoms that 
mixed. 


sp Hybridization 


Consider the BeCl, (beryllium chloride) molecule, which is known to be linear. The 
orbital diagram for the valence electrons in Be is 


besfaohi] 
2s 2p 


We know that in its ground state Be does not form covalent bonds with (| because its 
electrons are paired in the 2s orbital. So we turn to hybridization for an explantatieon of 
Be’s bonding behavior. The hybridization process can be imagined as fo!lows: Fearsta 
2s electron is promoted to a 2p orbital, resulting in 


2s 2p 


Now there are two different Be orbitals available for bonding, the 2s and 2). How © ver, 
we find this is a contradiction of known results from experiment. If two Cl atoms ~yere 
to combine with Be in this excited state, one Cl atom would share a 2s electron aime ‘the 
other Cl would share a 2p electron, making two nonequivalent Be—Cl bonds. Ixy the 
actual BeCl, molecule, the two Be—Cl bonds are identical in every respect. Thuas the 


2s and 2p orbitals must be mixed, or hybridized, to form two equivalent sp oy brid 


orbitals: 
al al 


Sp orbitals empty 
2p orbitals 


Figure 9.7 shows the shape and orientation of the Sp orbitals. These two hybrid Or bitals 


lie along the same line, the x axis, so that the angle between them is 180°. Each ©Ff the 


Be—Cl bonds is then formed by the overlap of a Be sp hybrid orbital and a C1 4p 
orbital, and the resulting BeCl, molecule has a linear geometry (Figure 9.8). 
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fEGURE 9.8 The linear geometry of BeCl, can be explained by assuming Be to be sp-hybrid- 
ized. The two sp hybrid orbitals overlap with the two 2p orbitals of chlorine to form two covalent 


bonds. 


Finally we note that whether the hybridization actually takes place in the steps 
lescribed above is not important. What is important is that by mixing the 2s and 2p 
rbitals we are able to explain both the bonding in BeCl, and the geometry of BeClp. 

» use the same approach for other types of hybridization. 


sp* Hybridization 


Next we will look at the BF; (boron trifluoride) molecule, known to have planar 
geometry. Considering only the valence electrons, the orbital diagram of B is 


2s 2p 
First, we promote a 2s electron to an empty 2p orbital: 
2s 2p 
Mixing the 2s orbital with the two 2p orbitals generates three sp” hybrid orbitals: sp? is pronounced “s-p two.” 


Chi uu 


sp” orbitals empty 
2p orbital 
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Hybridization 


FIGURE 9.9 Formation of sp? hybrid orbitals. 


These three sp? orbitals lie in a plane and the angle between any two of thom is 120° 
(Figure 9.9). Each of the B—F bonds is formed by the overlap of a boron «p* hybrid 
orbital and a fluorine 2p orbital (Figure 9.10). The BF; molecule is planar » ‘th all the 
FBF angles equal to 120°. This result conforms to experimental findings anc « VSEPR 
predictions. 


~ ai 


LM 


FIGURE 9.10 Overlap of the sp” hybrid orbitals of the boron atom with the p orbitals of the 
fluorine atoms. The BF; molecule is planar, and all the FBF angles are 120°. 
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Hybridization 
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FIG) © 9.11 Formation of sp’ hybrid orbitals. 
sp ybridization 
Av ample of a molecule containing an sp*-hybridized atom is CH, (methane), which __sp® is pronounced “s-p three.” 
has + tetrahedral geometry. Considering only the valence electrons, we can represent 
the vital diagram of C as 
ots oat 
2s 2p 
Firs’ we promote a 2s electron to the empty 2p orbital: 
= 
H 
2s 2p 
Then we mix the 2s orbital with the three 2p orbitals and get four sp orbitals: 
H H 
ss 
sp° orbitals H 


Figure 9.11 shows the shape and orientations of the sp? orbitals. These four equivalent. ———————___I 


hybrid orbitals are directed toward the four corners of a regular tetrahedron. Figure FIGURE 9.12 Formation of 
9.12 shows how the sp? hybrid orbitals of carbon and the 1s orbitals of hydrogen four bonds between the carbon 
overlap to form four covalent C—H bonds. Thus CH, has a tetrahedral shape and all sp’ hybrid orbitals and the hy- 


the HCH angles are 109.5°. drogen 1s orbitals in CH. 
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H 


(b) 


FIGURE 9.13 sp’ Hybridiza- 
tion. (a) In the NH; molecule, 
the N atom is sp*-hybridized. It 
forms three bonds with the H 
atoms. One of the sp* hybrid or- 
bitals is occupied by the lone 
pair. (b) In the H2O0 molecule, 
the O atom is sp*-hybridized. It 
forms two bonds with the H 
atoms, Two of the sp’ hybrid or- 
bitals are occupied by the lone 
pairs. 


The main second-period 
exceptions are Be and B, 
which sometimes associate 
themselves in bonding with 
four and six valence electrons, 
respectively. 


This procedure works for 
molecules that do not contain 
multiple bonds. Hybridization 
in molecules containing 
multiple bonds will be 
discussed shortly. 
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The NH; molecule provides another example of sp? hybridization. The ground-state 
electron configuration of N is 1s72s?2p3 , so that the orbital diagram for the s p°-hybrid- 


ized N atom is 
Lt [41] 


eS 


sp° orbitals 


Three of the four hybrid orbitals form covalent N—H bonds, and the fourth hybrid 
orbital accommodates the lone pair on nitrogen [Figure 9.13(a)]. Repulsion between 
the lone pair electrons and those in the bonding orbitals decreases the HNH bond angle 
from 109.5° to 107.3°. 

The geometry of the water molecule too can be explained by assuming (hat the O 
atom is sp*-hybridized. The ground-state electron configuration of O is Is-2y*2p*, so 
that the orbital diagram for the sp*-hybridized O atom is 


Lt] [ryfty 


Ss 
sp> orbitals 


Two of the four hybrid orbitals form O—H bonds, and the other two accommodate the 
two lone pairs [Figure 9.13(b)]. The strong repulsion between the lone pairs and the 
electrons in the bonding orbitals further reduces the HOH angle to 104.5 

Strictly speaking, the hybridization of nitrogen in NH; and that of oxygen in HO 
are close to but not exactly sp* because the bond angles in these molecules deviate 
somewhat from 109.5°. Although corrections can be made, we will not bother with the 
details and will assume that these atoms are sp*-hybridized. We will treat small devia- 
tions from other types of hybridization in a similar manner. 

You may have noticed an interesting connection between hybridization and the octet 
rule. Regardless of the type of hybridization, an atom starting with one s and three p 
orbitals will still possess four orbitals, enough to accommodate a total of vi ght elec- 
trons in a compound. For elements in the second period of the periodic table, eight is 
the maximum number of electrons that an atom of any of these elements can accommo- 
date. This is the reason that the octet rule is usually obeyed by the second-period 
elements. 

The situation is different for an atom of a third-period element. If the atom uses only 
the 3s and 3p orbitals to form hybrid orbitals in a molecule, then the octet rule applies. 
However, in some other molecules the same atom may use one or more 3d orbitals in 
addition to the 3s and 3p orbitals to form hybrid orbitals. In these cases the octet rule 
does not hold. We will see specific examples of the participation of the 3d orbital in 
hybridization shortly. 

Table 9.5 shows the sp, sp?, and sp* hybridizations (as well as other types of 
hybridizations to be discussed shortly) and the shapes of the hybrid orbitals. In order to 
assign a suitable state of hybridization of the central atom in a molecule, we must have 
some idea about the geometry of the molecule. We can start by drawing the Lewis 
structure of the molecule and predict the overall arrangement of the electron pairs (both 
bonding pairs and lone pairs) using the VSEPR model (see Table 9.1). We can then 
deduce the hybridization of the central atom by matching the arrangement of the elec- 
tron pairs with that of the hybrid orbitals in Table 9.5. The following example illus- 
trates this procedure. 


9.5 HYBRIDIZATION OF ATOMIC ORBITALS 


TABLE 9.5 Important Hybrid Orbitals and Their Shapes 


EE 
Pure Atomic 
Orbitals Hybridization 
of the of the Number of Shape of 
Central Central Hybrid Hybrid 
Atom Atom Orbitals Orbitals Examples 
ea 
180° 
&p ‘7p 2 Sa» BeCh 
Linear 
$, p sp? 3 BF; 
Planar 
109.5° 
z 
Si: Dy Pp sp° 4 CH4, NH; 
Tetrahedral 


90°, 
120° 
5,P,p,p, d sprd 2) PEls 


Trigonal bipyramidal 


902 
° SF, 
5, DP, p, p, d, d sped? 6 va z 


Octahedral 


rare ee 
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ee 
EXAMPLE 9.3 


Determine the hybridization state of the central (underlined) atom in each of the ‘!lowing 
molecules: (a) HgCly, (b) Alls, and (c) PF3. Describe the hybridization process +d deter- 
mine the molecular geometry in each case. 

Answer 

(a) The ground-state electron configuration of Hg is [Xe]6s*4f'*5d"; there! he Hg 
atom has two valence electrons (the 6s electrons). The Lewis structure « Ch is 

Cl—Hg—Cl 

There are no lone pairs on the Hg atom, so the arrangement of the two elect airs is 
linear (see Table 9.1). From Table 9.5 we conclude that Hg is sp-hybridized b« 2 it has 
the geometry of the two sp hybrid orbitals. The hybridization process can be : ined to 
take place as follows. First we draw the orbital diagram for the ground s' of Hg: 


aT 
6s 6p 
By promoting a 6s electron to the 6p orbital, we get the excited state: 
6s 6p 
The 6s and 6p orbitals then mix to form two sp hybrid orbitals: 


iu sy baba 


. empty 6p 
sp orbitals orbitals 
The two Hg—Cl bonds are formed by the overlap of the Hg sp hybrid orbitals wi’ the 3p 
orbitals of the Cl atoms. Thus HgCl, is a linear molecule. 

(b) The ground-state electron configuration of Al is [Ne]3s?3p'. Therefore, Al hos three 
valence electrons. The Lewis structure of All, is 


I 


| 
I—Al 

| 

I 


There are three bonding pairs and no lone pair on the Al atom. From Table 9.1 we see that 
the shape Sela electron pairs is trigonal planar, and from Table 9:5 we conclude that Al 
must be sp*-hybridized in All;. The orbital diagram of the ground-state Al atom is 


3s 3p 
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By promoting a 3s electron into the 3p orbital we obtain the following excited state: 
ea 
3s 3p 
3s and two 3p orbitals then mix to form three sp” hybrid orbitals: 


L 


empty 
3p orbital 


sp* orbitals 


p> hybrid orbitals overlap with the Sp orbitals of I to form three covalent Al—I 
». We predict the All; molecule to be planar and all the IAII angles to be 120°. 
he ground-state electron configuration of P is [Ne]3s*3p°. Therefore, the P atom has 
valence electrons. The Lewis structure of PF3 is 


F—P—F 
| 
F 


are three bonding pairs and one lone pair on the P atom. In Table 9.1 we see that the 
all arrangement of four electron pairs is tetrahedral, and from Table 9.5 we conclude 
» must be sp*-hybridized. The orbital diagram of the ground-state P atom is 


3s 3p 


rixing the 3s and 3p orbitals, we obtain four sp* hybrid orbitals. 


tit tN 


S| 


sp* orbitals 


in the case of NHg, one of the sp* hybrid orbitals is used to accommodate the lone pair 
| P. The other three sp? hybrid orbitals form covalent P—F bonds with the 2p orbitals of 

We predict the geometry of the molecule to be pyramidal; the FPF angle should be 
ymewhat less than 109.5°. 


Similar problems: 9.34, 9.35. 


Hybridization of s, p, and d Orbitals 


We have seen that hybridization neatly explains bonding that involves s and p orbitals. 
For elements in the third period and beyond, however, we cannot always account for 
molecular geometry by assuming the hybridization of only s and p orbitals. To under- 
stand the formation of molecules with trigonal bipyramidal and octahedral geometries, 
for instance, we must include d orbitals in the hybridization concept. 
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sp*d? is pronounced “s-p three 
d two.” 


Recall that when n = 2,1=0 
and 1. Thus we can only have 
2s and 2p orbitals. 
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Consider the SF, molecule as an example. In Section 9.2 we saw that this molecule 
has octahedral geometry, which is also the arrangement of the six electron pairs. From 
Table 9.5 we see that the S atom must be sp*d*-hybridized in SFs. The ground-state 


electron configuration of S is [Ne]3s73p*: 
[6 on ata gS mes] | 
35 3p 3d 


Since the 3d level is quite close in energy to the 3s and 3p levels, we can pron 
3s and 3p electrons to two of the 3d orbitals: 


Pa el 
3s 3p 3d 
Mixing the 3s, three 3p, and two 3d orbitals generates six sp*d* hybrid 


FOREN ES Ti ae 


empty 3d 
orbitals 


sp°d° orbitals 


The six S—F bonds are formed by the overlap of the $ hybrid orbitals an: 
orbitals of the F atoms. Since there are twelve electrons around the $ atom. t 
tule is not satisfied. The use of d orbitals in addition to s and p orbitals 
covalent bonds is an example of valence-shell expansion, which correspond 
expanded octet case discussed in Section 8.9. The second-period elements 
third-period elements, do not have 2d levels, so they can never expand their 
shells. Hence atoms of second-period elements can never be surrounded by mo: 
eight electrons in any of their compounds. { 


The following example shows the valence-shell expansion of a third-period 
in a compound. 


EXAMPLE 9.4 


Describe the hybridization state of phosphorus in phosphorus pentabromide (PBrs). 
Answer 


The Lewis structure of PBrs is 


e both 


rbitals: 


1e 2p 
octet 
form 
o the 
nlike 
lence 


» than 


ment 


9.6 HYBRIDIZATION IN MOLECULES CONTAINING DOUBLE AND TRIPLE BONDS 


Table 9.1 indicates that the arrangement of five electron pairs is trigonal bipyramidal. 
ferring to Table 9.5, we find that this is the shape of five sp°d hybrid orbitals. Thus P 
{ be sp°d-hybridized in PBrs;. The ground-state electron configuration of P is 
3s°3p*. To describe the hybridization process, we start with the orbital diagram for 
the ground state of P 


ea AST] 
3s 3p 3d 
moting a 3s electron into a 3d orbital results in the following excited state: 
a ae ate Dd 
3s 3p 3d 


‘ixing the one 3s, three 3p, and one 3d orbitals generates five sp°d hybrid orbitals: 


EUG SH | 


empty 3d 
orbitals 


sp°d orbitals 


| ‘These hybrid orbitals overlap with the 4p orbitals of Br to form five covalent P—Br 
ads. Since there are no lone pairs on the P atom, the geometry of PBrs is trigonal 
ipyramidal. 


| similar problem: 9.44, 


ilybridization in Molecules Containing Double and Triple 
Bonds 


The concept of hybridization is useful also for molecules with double and triple bonds. 
Consider the ethylene molecule, C2Hg, as an example. In Example 9.1 we saw that 
CH, contains a carbon-carbon double bond and has planar geometry. Both the geom- 
etry and the bonding can be understood if we assume that each carbon atom is sp?- 
hybridized. Figure 9.14 shows orbital diagrams of this hybridization process. We as- 
sume that only the 2p, and 2p, orbitals combine with the 2s orbital, and that the 2p, 
orbital remains unchanged. Figure 9.15 shows that the 2p, orbital is perpendicular to 
the plane of the hybrid orbitals. Now how do we account for the bonding of the C 
atoms? As Figure 9.16(a) shows, each carbon atom uses the three sp~ hybrid orbitals to 
form two bonds with the two hydrogen Is orbitals and one bond with the sp? hybrid 
orbital of the adjacent C atom. In addition, the two unhybridized 2p- orbitals of the C 
atoms form another bond by overlapping sideways [Figure 9.16(b)]. 

A distinction is made between the two types of covalent bonds found in C>Hy. In a 
covalent bond formed by orbitals overlapping end-to-end, as shown in Figure 9.16(a), 
the electron density is concentrated between the nuclei of the bonding atoms. A bond 
of this kind is called a sigma bond (a bond). The three bonds formed by each C atom 
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Ground 
state N * * 
2s 2p 
Promotion 
of il air ]t 
electron 25 2p 
2 
sp*- 
Hybridized [1 |] 7] iy 
state $$ —— 2p, 
sp* orbitals 


FIGURE 9.14 The sp” hybrid- 
ization of a carbon atom. The 2s 
orbital is mixed with only two 2p 
orbitals to form three equivalent 
sp” hybrid orbitals. This process 
leaves an electron in the unhy- 
bridized orbital, the 2p. orbital. 


90° 


120° 


FIGURE 9.15 Each carbon 
atom in the C>H4 molecule has 
three sp” hybrid orbitals and one 
unhybridized 2p, orbital that is 
perpendicular to the plane of the 
hybrid orbitals. 
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a 


H Is H ls 


~ AS 


H ls H ls 


(a) (b) (c) 


FIGURE 9.16 Bonding in ethylene, C2H,. (a) Top view of the sigma bonds between carbon atoms and between carb and 
hydrogen atoms. All the atoms lie in the same plane, making C>H, a planar molecule. (b) Side view showing how overlap of two 
2p, orbitals on the two carbon atoms takes place, leading to the formation of a pi bond. (c) The sigma bonds and the pi 1 in 
ethylene. Note that the pi bond lies above and below the plane of the molecule. 


4 
ra 
a nm 
BS 
ad 
f 
i 
5 
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in Figure 9.16(a) are all sigma bonds. On the other hand, a covalent bond forn | by 
sideways overlapping orbitals has electron density concentrated above and belo. the 
plane of the nuclei of the bonding atoms and is called a pi bond (a bond). The «0 C 
atoms form a pi bond as shown in Figure 9.16(b). Figure 9.16(c) shows the orien «tion 
of both sigma and pi bonds. Figure 9.17 is yet another way of looking at the ; nar 
C,H, molecule and the formation of the pi bond. Although we normally represe © the 


carbon-carbon double bond as C=C (as in a Lewis structure), it is important to cep 
in mind that the two bonds are different types: One is a sigma bond and the oth is a 
pi bond. 
The acetylene molecule (C>H>) contains a carbon-carbon triple bond. Sin the 
molecule is linear, we can explain its geometry and bonding by assuming that eh C 
atom is sp-hybridized (Figure 9.18). As Figure 9.19 shows, the two sp hybrid or ‘tals 
of each C atom form one sigma bond with a hydrogen Is orbital and another. «ma 
bond with the other C atom. In addition, two pi bonds are formed by the side ays 
Gronea overlap of the unhybridized 2p, and 2p, orbitals. Thus the C=C bond is made of 
state one sigma bond and two pi bonds. 


The following rule helps us predict hybridization in molecules containing mu!\iple 


Promotion 
of 
electron 


Sp- 
Hybridized 
state 


2py 2p; 


Nes 
sp orbitals 


FIGURE 9.18 The sp hybrid- 
ization of a carbon atom. The 2s 
orbital is mixed with only one 2p 
orbital to form two sp hybrid 
orbitals. This process leaves an 
electron in each of the two unhy- FIGURE 97 Another yi i = owes 
bridized 2p orbitals, namely, the _ lie in the same plane. It hoe te eta Z 


2H4 molecule. Note that all six atoms 
: overlap of the 2p. orbi : 
2p, and 2p, orbitals. planar structure, P of the 2p. orbitals that causes the molecule to assume a 


9.6 HYBRIDIZATION IN MOLECULES CONTAINING DOUBLE AND TRIPLE BONDS 


bonc 
dou 
aton 
forn 


One of its orbitals (2p,) forms a sigma bond 
pi bond with the unhybridized 2p, orbital of C 


ihe central atom forms a double bond, it is sp?-hybridized; if it forms two 
nds or a triple bond, it is sp-hybridized. Note that this rule applies only to 
he second-period elements. Atoms of third-period elements and beyond that 
\\iple bonds present a more involved problem and will not be dealt with here. 


“PLE 9.5 
1c the bonding in the formaldehyde molecule whose Lewis structure is 
H 
su EC 
we - 
H 


Assume that the O atom is unhybridized. 
Answer 


We note that the C atom (a second-period element) has a double bond; therefore, it is 
sp?-hybridized. The orbital diagram of the O atom is 


2s 2p 


with C, and the other orbital (2p.) forms a 
(Figure 9.20). The two lone pairs on the O 
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FIGURE 9.19 Bonding in acet- 
ylene, C2H>. (a) Top view show- 
ing the sigma bonds between 
carbon atoms and between car- 
bon and hydrogen atoms. All the 
atoms lie along a straight line; 
therefore acetylene is a linear 
molecule. (b) Side view showing 
the overlap of the two 2p, orbit- 
als and of the two 2p, orbitals of 
the two carbon atoms, which 
leads to the formation of two pi 
bonds. (c) Diagram showing 
both the sigma and the pi bonds. 


The choice of which 2p orbitals 
are used for bonding and 
which holds the lone pair is 
completely arbitrary. 
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atom then are the electrons in the 2s and 2p, orbitals. The two remaining sp’ orbitals of 
the C atom form two sigma bonds with the H atoms, as in ethylene. 


FIGURE 9.20 Bonding in the formaldehyde molecule. A sigma bond is formec by the 
overlap of the sp? hybrid orbital of carbon and the 2p, orbital of oxygen; « p' bond is 
formed by the overlap of the 2p. orbitals of the carbon and oxygen atoms. The vo lone 
pairs on oxygen are placed in the 2s and 2p, orbitals (not shown). 


Similar problems: 9.40, 9.45. 


In summary, the hybridization approach to molecular geometry is quantum mechan- 
ical, based on the concept of atomic orbitals. To make use of it we must have a rough 
idea about the arrangement of the electron pairs and then try to determine the hybrid- 
ization of the central atom, working with Tables 9.1 and 9.5. For molecules containing 


multiple bonds, we can deduce the hybridization of the central atom (if it b: longs toa 
second-period element), depending on whether it forms a double bond, ‘wo double 
bonds, or a triple bond. The hybridization procedure is more involved than the VSEPR 


model, but it also provides a more detailed picture of chemical bonding 


9.7 Molecular Orbital Theory 


Valence bond theory is one of the two quantum mechanical approaches that explain 
bonding in molecules. It accounts, at least qualitatively, for the stability of the covalent 
bond in terms of overlapping atomic orbitals. Using the concept of hybridization, 
valence bond theory can explain molecular geometries predicted by the VSEPR model. 
However, the assumption that electrons in a molecule occupy atomic orbitals of the 
individual atoms can only be an approximation, since each bonding electron in a 
molecule must be in an orbital that is characteristic of the molecule as a whole. 

In some cases, valence bond theory cannot satisfactorily account for observed prop- 
erties of molecules. Consider the oxygen molecule, whose Lewis structure is 


0=0 
According to valence bond theory, any molecule that has an even number of electrons 
should be diamagnetic, since all the electrons are assumed to be paired. By experiment 
we find that the oxygen molecule is paramagnetic, with two unpaired electrons (Figure 
9.21). This finding suggests a fundamental deficiency in valence bond theory, one that 


justifies searching for an alternative bonding approach capable of accounting for the 
properties of molecules, including commonplace Oy. 
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FIGURE 9.21 Liquid oxy- 
gen is caught between the 
poles of a magnet because the 
O,2 molecules are paramag- 
netic. 


» magnetic and other properties of molecules are sometimes better explained by 
ry quantum mechanical approach called molecular orbital (MO) theory. Molecu- 


anc 


lar orbital theory describes covalent bonds in terms of molecular orbitals, which result 
from interaction of the atomic orbitals of the bonding atoms and are associated with 
the entire molecule. That is how a molecular orbital differs from an atomic orbital—an 
atomic orbital is associated with only one atom. We must realize that neither theory 
perfectly explains all aspects of bonding; each has its strengths and weaknesses. We 
will use both theories, emphasizing one or the other as the situation warrants. 


Bording and Antibonding Molecular Orbitals 


According to MO theory the overlap of the 1s orbitals of two hydrogen atoms leads to 
the formation of two molecular orbitals: one bonding molecular orbital and one anti- 
bonding molecular orbital. A bonding molecular orbital has lower energy and greater 
stability than the atomic orbitals from which it was formed. An antibonding molecular 
orbital has higher energy and lower stability than the atomic orbitals from which it was 
formed. As the names ‘‘bonding’’ and ‘‘antibonding’’ suggest, placing electrons in a 
bonding molecular orbital yields a stable covalent bond, whereas placing electrons in 
an antibonding molecular orbital results in an unstable bond. 

In the bonding molecular orbital the electron density is greatest between the nuclei 
of the bonding atoms. In the antibonding molecular orbital, on the other hand, the 
electron density decreases to zero between the nuclei. We can understand this distinc- 
tion if we recall that electrons in orbitals have wave characteristics. A property unique 
to waves allows waves of the same type to interact in such a way that the resultant wave 
has either an enhanced amplitude or a diminished amplitude. In the former case, we 
call the interaction constructive interference; in the latter case, it is destructive interfer- 
ence (Figure 9.22). ae ‘ 

The formation of bonding molecular orbitals corresponds to constructive interfer- 
ence (the increase in amplitude is analogous to the buildup of electron density between 
the two nuclei). The formation of antibonding molecular orbitals corresponds to de- 
structive interference (the decrease in amplitude is analogous to the decrease in elec- 
tron density between the two nuclei). The constructive and destructive interactions 


between the two Is orbitals in the H) molecule, then, lead to the formation of a sigma 
sigma antibonding molecular orbital (a7): 


bonding molecular orbital (o),) and a 


377 


Wave | Wave | 
Wave 2 Wave 2 
Sum of Sum of 
land 2 1 and 2 
(a) (b) 


FIGURE = 9.22 Constructive 
interference (a) and destructive 
interference (b) of two waves of 
the same wavelength and ampli- 
tude. 
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a sigma bonding a sigma antibonding 
molecular orbital molecular orbital 
O1; on 
formed from formed fror 
ls orbitals Is orbital 


where the star denotes an antibonding molecular orbital. 
In a sigma molecular orbital (bonding or antibonding) the electron des. 'ty is con- 


centrated symmetrically around a line between the two nuclei of the bov«'»g atoms. 
Two electrons in a sigma molecular orbital form a sigma bond (see Sion 9.6), 
Remember that a single covalent bond (such as H—H or F—F) is aln always a 
sigma bond. 

Figure 9.23 shows the molecular orbital energy level diagram—that \s. | \¢ relative 
energy levels of the orbitals produced in the formation of the H» molec... and the 
constructive and destructive interactions between the two Ls orbitals. Not). ‘hat in the 
antibonding molecular orbital there is a node, or zero electron density, » ‘ween the 
nuclei. The nuclei are repelled by each other’s positive charges, rather |. held to- 
gether. Electrons in the bonding molecular orbital have less energy (and | ce greater 
stability) than they would have in the isolated atoms. On the other hand ctrons in 
the antibonding molecular orbital have higher energy (and less stabilit, | ‘han they 
would have in the isolated atoms. 

So far we have used the hydrogen molecule to illustrate molecular orbits’ ormation, 
but the concept is equally applicable to other molecules. In the Hy molc we con- 
sider only the interaction between 1s orbitals; with more complex molecules »e need to 
consider additional atomic orbitals as well. Nevertheless, for all s orbitals. |e process 
is the same as for 1s orbitals. Thus, the interaction between two 2s or 3s or) ‘als can be 
understood in terms of the molecular orbital energy level diagram and the | » mation of 


bonding and antibonding molecular orbitals shown in Figure 9.23. 


Atom Molecule Atom Destructive Antibonding sigm 
of, interaction molecular orbital 
a CO -o< 
/ \ > 
/ \ 
Is / NX ls 
Ey / \ 
5 i 
& i) \ f i 
a . yi Constructive Bonding sigma 
\ 51, vy, interaction molecular orbital 
\ y i ae 
a 
(a) (b) 


FIGURE 9.23 (a) Energy levels of bonding and antibonding molecular orbitals in the Hy molecule. Note that the two electrons in 
the oj, must have opposite spins in accord with the Pauli exclusion principle. Keep in mind that the higher the energy of the 
molecular orbital, the less stable the electrons in that molecular orbital. (b) Constructive and destructive interactions between the 
two hydrogen 1s orbitals lead to the formation of a bonding and an antibonding molecular orbital. In the bonding MO, there is 4 
buildup of the electron density between the nuclei, which acts as a negatively charged ‘‘glue’’ holding the positively charged nuclei 
together. z 


thi 


Constructive interaction molecular orbital 
| 
(a) 
Antibonding pi 
Destructive interaction molecular orbital 
Atom Molecule Atom 
* 
rn Y Pp 
EY i — i. » 
| J 
“ —> 
| 
Constructive interaction Bonding pi 
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Atom Molecul 
olecule Atom Antibonding sigma 


Op Destructive interaction molecular orbital 


Qe) + Wr OO oe 


Bonding sigma 


molecular orbital 


(b) 


29.24 Two possible interactions between two equivalent p orbitals and the corresponding molecular orbitals. (a) When the 
ials overlap end-to-end, a sigma bonding and a sigma antibonding molecular orbital form. (b) When the p orbitals overlap 
o-side, a pi bonding and a pi antibonding molecular orbital form. Normally, a sigma bonding molecular orbital is more stable 
| pi bonding molecular orbital, since side-to-side interaction leads to a smaller overlap of the p orbitals than does end-to-end 
iction. We assume here that the 2p, orbitals take part in the sigma molecular orbital formation. The 2py and 2p, orbitals can 


inveyact to form only 7 molecular orbitals. The behavior shown in ( b) represents the interaction between the 2p, orbitals or the 2p, 


orbitals, 


For p orbitals the process is more complex because they can interact with each other 
in two different ways. For example, two 2p orbitals can approach each other end-to- 
end to produce a sigma bonding and a sigma antibonding molecular orbital, as shown 
in Figure 9.24(a). Alternatively, the two p orbitals can overlap sideways to generate a 
bonding and an antibonding pi molecular orbital [Figure 9.24(b)]. 


a pi bonding a pi antibonding 
molecular orbital molecular orbital 


Ay ™s 


* 
Thy Top 


BS 


formed from formed from 
2p orbitals 2p orbitals 
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In a pi molecular orbital (bonding or antibonding), the electron density is concentrated 
above and below the line joining the two nuclei of the bonding atoms. Two electrons im 
a pi molecular orbital form a pi bond (see Section 9.6). A double bond almost always 
comprises a sigma bond and a pi bond; a triple bond is always a sigma bond plus two pi 
bonds. 


9.8 Molecular Orbital Configurations 


To understand properties of molecules, we must know their electron configurations , 
that is, the distribution of electrons among various molecular orbitals. > procedure 
for determining the distribution is analogous to the one we use to determine the elec— 
tron configurations of atoms (see Section 6.9). 


Rules Governing Molecular Electron Configuration and Siabilily 


In order to write the electron configuration of any molecule, we must first arrange the 
molecular orbitals that are formed in the molecule in order of increasing energy. Once 
the order is known, we can use the following rules to guide us in filling these molecular 


orbitals with electrons. The rules also help us understand the stabilities of the molec u— 
lar orbitals: 
@ The number of molecular orbitals formed is always equal to the number Of 


atomic orbitals combined. 

@ The more stable the bonding molecular orbital, the less stable the cor respondin = 
antibonding molecular orbital. 

@ Ina stable molecule, the number of electrons in bonding moleculu orbitals. is 
always greater than that in antibonding molecular orbitals. 


®@ Like an atomic orbital, each molecular orbital can accommodate up to two elec— 
trons with opposite spins in accordance with the Pauli exclusion principle. 
@ When electrons are added to molecular orbitals of the same energy, the most 


stable arrangement is that predicted by Hund’s rule, that is, electrons enter the se 
molecular orbitals with parallel spins. 

@ The number of electrons in the molecular orbitals is equal to the sum of all the 
electrons on the bonding atoms. 


Hydrogen and Helium Molecules 


Later in this section we will study molecules formed by atoms of the second-petlod 
elements. Before we do, it will be instructive to predict the relative stabilities of Che 
following simple species H}, Hp, He}, and He, using the molecular orbital enet ey 
level diagrams shown in Figure 9.25. The O15 and of, orbitals can accommodate aq 
maximum of four electrons. The total number of electrons increases from one for H3_ to 
four for Hey. Pauli’s exclusion principle must be obeyed, so each molecular orbital Can 
accommodate a maximum of two electrons with Opposite spins. We are concerned on Ly 
with the ground-state electron configurations in these cases. 
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FIGURE 9.25 Energy levels of the bonding and antibonding molecular orbitals in H} , H2, 
He? , and He». Inall these species, the molecular orbitals are formed by the interaction of two 1s 


orbitals. 


in comparing the stabilities of these species—and, in fact, in general—it is useful 
to introduce a quantity called bond order, defined as 


number of electrons _ number of elections (9.2) 


bones a( in bonding MOs in antibonding MOs 


‘The bond order gives us a measure of the strength of the bond. For a single covalent 
bond, the bond order is one. For example, if there are two electrons in the bonding 
molecular orbital and none in the antibonding molecular orbital the bond order is one. 
4, bond order of zero (or a negative value) means the bond has no stability, and the 
solecule cannot exist. It should be understood that bond order can be used only 
qualitatively for purposes of comparison. For example, two electrons in a bonding 
sigma molecular orbital or two electrons in a bonding pi molecular orbital would have a 
bond order of one. Yet, these two bonds must differ in bond strength (and bond length) 
because of the differences in extent of atomic orbital overlap. 

We are ready now to make predictions about the stabilities of H} , H2, He3 , and He» 
(sce Figure 9.25). The H} molecule ion has only one electron, in the oj, orbital. Since 
a covalent bond consists of two electrons in a bonding molecular orbital, Hy has only 
half of one bond, or a bond order of 4. Thus, we predict that the H} molecule may be 
a stable species. The electron configuration of Hz is written as (Gis) 

The Hy molecule has two electrons, both of which are in the a, orbital. According 
to our scheme, two electrons equal one full bond; therefore, the H2 molecule has a 
bond order of one, or one full covalent bond. The electron configuration of H is 
(04,)*. 

As for the Het molecule ion, we find the first two electrons in the oj, orbital and 
the third electron in the of, orbital. Because the antibonding molecular orbital is desta- 
bilizing, we expect He} to be less stable than H>. Roughly speaking, the instability 
resulting from the electron in the of, orbital is canceled by the stability gained by 
having an electron in the oj, orbital. Thus, the bond order is 4 and the overall stability 
of Het is similar to that of the H3 molecule. The electron configuration of He? is 
(O,)°(oF,)!. ; 

In He> there would be two electrons in the oj, orbital and two electrons in the oj, 
orbital, so the molecule would have no net stability and the bond order is zero. The 


‘ 2 
electron configuration of He, would be (013) (oIs)- 
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The quantitative measure of 
the strength of a bond is bond 
dissociation energy, or bond 
energy (Section 8.10). 


Note that the superscript in 
(ys)! indicates that there is 
one electron in the sigma 
bonding molecular orbital. 
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Figure 9.26 also provides a 
useful insight regarding 
antibonding MOs. Note that 
although the antibonding 
orbital (oj,) has higher energy 
and is thus less stable than 
the bonding orbital (a,,), this 


antibonding orbital has greater 


stability than the ao», bonding 
orbital. This simply reminds us 
that the concepts of stability 
and energy applied here are 
relative terms rather than 
absolutes. 
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To summarize, we can arrange these four species in order of decreasing stability = 
H, > H3, He3 > He2 


The hydrogen molecule is, of course, a stable species. Our simple molecular orbatal 
method predicts that Hy and He3 also possess some stability, since both have boxact 
orders of 4. Indeed, their existence has been demonstrated by experiment. !t turns @Utt 
that H} is somewhat more stable than He}, since there is only one eleviron in tHe 
hydrogen molecule ion and therefore it has less electron—electron repuls.on. Furthhe@xr— 
more, Hf also has less nuclear repulsion than Hey. As for Heo, our prediction that 2€ 
would have no stability is correct; no one has ever found evidence for the «xistencee Of 
He, molecules. 


Homonuclear Diatomic Molecules of Second-Period Eles.” its 


cules cOma— 
of honao— 


We are now ready to study the ground-state electron configuration in 1 
taining second-period elements. We will consider only the simplest case, 
nuclear diatomic molecules. , 

Figure 9.26 shows the molecular orbital energy level diagram for the 
which involves only s orbitals. The situation is more complex when the 


molecu le . 
ndingals@ 


Molecule 


o% 


FIGURE 9.26 Molecular orbital energy level diagram for the Liz molecule. The six eleC'?~a72~— 
in Lip (Li is 1s°2s') are in the 015, O15, and o>, orbitals. Since there are two electrons eac Fz ine 
7, and oj, (just as in Hez), there is no net bonding or antibonding effect. Therefore, the sit2zay 

covalent bond in Liz is the result of the two electrons in the bonding molecular orbital oul 
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ves p orbitals. Two p orbitals can form either a sigma bond or a pi bond. Since 
are three p orbitals for each atom of a second-period element, we know that one 
sic: and two pi molecular orbitals will result from the constructive interaction. The 
moiecular orbitals are called F2p,5 Tp, and 772, orbitals, where the subscripts indicate 
which atomic orbitals take part in forming the molecular orbitals. As Figure 9.24 
si . overlap of the two p orbitals is normally greater in a o molecular orbital than in 
\olecular orbital, so we would expect the former to be lower in energy. However, 
vy. “must also consider the influence of other filled orbitals. In reality the energies of 
-ular orbitals actually increase as follows: 


* * = a 
O15 < Ols < Fas < O35 < Tp, = Tp, < O27, < Tp, = Tp, < Op, 


reversal of the oz, and the 7, and 7, energies may be qualitatively under- 
‘ is follows. The electrons in the o),, of,, 02s, and 04, orbitals tend to concentrate 
a (he line between the two nuclei. Since the g2,_ orbital has a geometry similar to 
(o> of the @, orbitals, its electrons will concentrate in the same region. Consequently, 
e ons in a Gp, orbital will experience greater repulsion as a result of the filled o, 
a - orbitals than those in the 7, and 7,_ orbitals. 
th these concepts and Figure 9.27, which shows the order of increasing molecu- 
Jay orbital energies, we can write the electron configurations and predict the magnetic 
rties and bond orders of second-period homonuclear diatomic molecules. We will 
vith lithium and move across the period. 


Atom Molecule Atom 


FIGURE 9.27 General molecular orbital energy level diagram for the second-period homonu- 
clear diatomic molecules. For simplicity, the 01, and 02, orbitals have been omitted. Note that in 
these molecules the O2p orbital is higher in energy than either the 72p, or the Tp, or bitals. This 


means that electrons in the 0p, orbitals are less stable than those in 72), and Tp. This reversal 


in relative stability arises as a result of the different interactions between the electrons in the 6p, 
’ e other hand, with the electrons in the lower 


orbital on one hand and Tp, and Tp, orbitals on th 
o; orbitals. 
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The Lithium Molecule (Li,) 


The electron configuration of Li is 1s*2s', so Li, has a total of six electrons. According 
to Figure 9.26, these electrons are placed (two each) in the o),, aj,, and o>, molecular 
orbitals. Since there are two more electrons in the bonding molecular orbitals than in 
antibonding orbitals, the bond order is one [see Equation (9.2)]. We conclude that the 
Li, molecule is stable and, since it has no unpaired electron spins, should be diamag- 
netic. Indeed, diamagnetic Li, molecules are known to exist in the vapor phase at high 
temperatures. 


The Beryllium Molecule (Be,) 


The Be atom has the electron configuration 1572s, for a total of eight electrons in Be>. 
The electrons are placed in the o),, o7;, 025, and o3, orbitals similar to those for Li, 
(see Figure 9.26). Because there are equal numbers of electrons in the bonding and 
antibonding molecular orbitals, the bond order of Be is zero [Equation (9.2)|. As we 
would expect, the Be molecule does not exist. 


The Boron Molecule (B,) 


The electron configuration of B is 1s*2s?2p'. Boron is the first element in the second 
period with p electrons that participate in bonding. There is a total of ten electrons in 
B,; the first eight are placed in the first four molecular orbitals (that is, 0 ,. 7!,, O55 
and o3,). According to Hund’s rule, the last two electrons are assigned to the Top) and 
Tp, orbitals with parallel spins (see Figure 9.27). Consequently, the By molecule has a 
bond order of one and is predicted to be paramagnetic with two unpaired electrons. 
These properties are confirmed by studies of B> gas. 

An interesting feature of B> is that the single bond in the molecule is a pi bond 
(because of the two electrons in the two pi molecular orbitals). We noted earlier that in 
the vast majority of cases single bonds are sigma bonds; the boron molecule is one of 
the few exceptions. 


The Carbon Molecule (C,) 


The carbon atom has the electron configuration 15?2s?2p*; thus there are twelve elec- 
trons in the C; molecule. From the preceding discussion, we see that as we go from Bz 
to C, the two additional electrons are also placed in the Tp, and 72, orbitals. There- 
fore, C2 has a bond order of two and is diamagnetic. Again, diamagnetic C) molecules 
have been detected in the vapor state. Note that in the double bond in C, both bonds are 
pi bonds (because of the four electrons in the two pi molecular orbitals). In most other 
molecules, a double bond is made up of a sigma bond and a pi bond. 


The Nitrogen Molecule (N,) 


The electron configuration of N is 1s*2s?2p3, and there are fourteen electrons in N>. 
Continuing the buildup process, we place the last two electrons in the 0), orbital (see 
Figure 9.27). Thus N> has a bond order of three and should be diamagnetic. As we 
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know, the nitrogen molecule is a very stable species that exists as a gas at room 
temperature. The triple bond in N> is made up of one sigma bond and two pi bonds. 
This is the pattern for all triple bonds. 


The Oxygen Molecule (0,) 


The oxygen atom has the electron configuration 1s?2s?2p*; thus there are sixteen elec- 


trons in O». According to Hund’s rule, the two electrons gained in going from N, to O5 
are placed in the 73, and 73, orbitals with parallel spins (see Figure 9.27). Conse- 
quently, te O2 molecule has a bond order of two and is expected to be paramagnetic. 
These predictions are confirmed by experiment. 

As we stated earlier, valence bond theory does not account for the magnetic proper- 
ties of (he oxygen molecule. To show the two unpaired electrons on Oz, we need to 
draw, in addition to the resonance structure on p. 376, another that shows two unpaired 
electrons 

Yom on 
This structure is unsatisfactory on at least two counts. First, it implies the presence of 
a single covalent bond, but experimental evidence strongly suggests that there is a 
double bond in this molecule. Second, it places seven valence electrons around each 
oxygen atom, a ‘‘violation’’ of the octet rule. 

The correct prediction that O2 is paramagnetic was one of the early triumphs of 
molecular orbital theory. 


The Fluorine Molecule (F) 


The electron configuration of F is 1s?2s?2p°; thus F, has eighteen electrons. The two 
electrons gained in going from O, to F> also go into the antibonding pi molecular 
orbitals (see Figure 9.27). We predict that the fluorine molecule has a bond order of 
one and is diamagnetic; this is borne out by experiment. 


The Neon Molecule (Ne2) 


With neon (1s22s22p°), we come to the last element of the second period. Because the 

two electrons gained in going from F, to Ne, go into the antibonding sigma molecular 

orbital (@3,,), the neon molecule has a bond order of zero and does not exist. 
Table 9.6 summarizes the general properties of Lis, Bz, C2, No, Oz, and Fp. 


EXAMPLE 9.6 
Write the ground-state electron configuration for the O2 molecule. 


Answer 


The O, molecule has a total of sixteen electrons. Using the order of increasing energies of 
the molecular orbitals presented on p. 383 and referring to Table 9.6, we write the ground- 


state electron configuration of O2 as 
(or Pots) O2 03) (ap Pp) Cap Hp) Td 


The magnetic properties of O, 
had been known for some time, 
but the origin of its 
paramagnetism was nol 
understood. 


386 9 / CHEMICAL BONDING II; MOLECULAR GEOMETRY AND MOLECULAR ORBITALS 


TABLE 9.6 Properties of Homonuclear Diatomic Molecules of the Second-Period Elements* 


Liz B> CO N> O> 
Tp LJ LJ a [al L 
Tin Ty [1] filial [alate pSeyeal inde 1 
om, ee 7 
ry ime rom 
a 0 a iu 
On [ny] ny 
Bond order 1 | 2 3 2 
Bond length (pm) 267 159 131 110 121 
Bond dissociation 
energy (kJ/mol) 104.6 288.7 627.6 941.4 498.7 
Magnetic 
properties Diamagnetic Paramagnetic Diamagnetic Diamagnetic Paramagnetic 


*For simplicity the o,, and of, orbitals are omitted. These two orbitals hold a total of four electrons. 
SS a a 


Example 9.7 shows how MO theory can help predict molecular prop 


EXAMPLE 9.7 
The N3 ion can be prepared by bombarding the N> molecule with fast-moving 


(c) magnetic character, and (d) bond length relative to the bond length of No (is 
or shorter?). 


Answer 


(15)"(4s)"(28)(O3,) (rap, )"(t2p,)-(Or»,)! 
(b) The bond order of N} is found by using Equation (9.2): 
bond order = 3(9 — 4) = 2.5 


(c) N3 has one unpaired electron, so it is paramagnetic. 


the bond length of N3 is 112 pm, compared to 110 pm for N>.) 


Similar problems: 9.59, 9.60. 
i 


ctrons. 
Predict the following properties of N?: (a) electron configuration, (b) bon 


(a) Since N3 has one fewer electron than No, its electron configuration is (see Table 9.6) 


(d) Since the electrons in the bonding molecular orbitals are responsible for holding the 
atoms together, N3 should have a weaker and, therefore, longer bond than Np. (In fact, 


150.6 


order, 
longer 
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FIGURE 9.29 
molecular orbital formed by the overlap 
possesses pi symmetry and lies above and below the plan 
2p. orbitals can combine in six different ways to yield three 


9.9 DELOCALIZED MOLECULAR ORBITALS 


elocalized Molecular Orbitals 


so far discussed chemical bonding in terms of electron pairs. However, the 
5 of a molecule often cannot be explained accurately by a single structure. A 
»oint is the O3 molecule, discussed in Section 8.8. There we overcame the 
»y introducing the concept of resonance. In this section we tackle the problem 
: way—by applying the molecular orbital approach. As in Section 8.8, the 
molecule and the carbonate ion will be used as examples. 


nzene Molecule 


ne molecule is a planar hexagonal molecule CgH¢ with carbon atoms situated 
sorners. All carbon—carbon bonds are equal in length and strength, as are all 
ydrogen bonds, and the CCC and HCC angles are all 120°. Therefore, each 
om is sp?-hybridized; it forms three sigma bonds with two adjacent carbon 
| a hydrogen atom (Figure 9.28). This arrangement leaves an unhybridized 
on each carbon atom, perpendicular to the plane of the benzene molecule, or 
ing, as it is often called. So far the description resembles the configuration of 
(C>H4) as discussed in Section 9.6, except that in this case there are six 
‘zed 2p, orbitals in a cyclic arrangement. 


ose of their similar shape and orientation, each 2p, orbital overlaps two others, 


ch adjacent carbon atom. According to the rules listed on p. 380, the interac- 
'« 2p- orbitals leads to the formation of six pi molecular orbitals, of which three 
ing and three antibonding. A benzene molecule in the ground state therefore 
iectrons in the three pi bonding molecular orbitals, two electrons with paired 


, each orbital (Figure 9.29). 
oracteristic of these pi metecular orbitals is that they are not confined between 


icent bonding atoms, as they are in the case of ethylene, but actually extend 
ce or more atoms. Therefore, electrons residing in any of these orbitals are free 


Side view 


Top view 


(a) (b) 


(a) The six 2p, orbitals on the carbon atoms in benzene. (b) The delocalized 
of the 2p, orbitals. The delocalized molecular orbital 
e of the benzene ring. Actually, these 
bonding molecular orbitals and three 


antibonding molecular orbitals. The one shown here is the most stable. 


387 


FIGURE 9.28 The sigma bond 


framework in the benzene mole- 


cule. Each carbon atom is sp- 
hybridized and forms sigma 
bonds with two adjacent carbon 
atoms and another sigma bond 
with a hydrogen atom. 
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The resonance structures of 


benzene are shown on p. 328. 


The Lewis structure of the 
carbonate ion is shown on 
p. 328. 
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to move around the benzene ring. Molecular orbitals of this type are called delocalized 
molecular orbitals. For this reason, the structure of benzene is sometimes represented 
as 


in which the circle indicates that the pi bonds between carbon atoms are not confined to 
individual pairs of atoms; rather, the pi electron densities are evenly distributed 
throughout the benzene molecule. The carbon and hydrogen atoms are not shown in the 
simplified diagram. 

We can now describe each carbon-to-carbon linkage as containing a sigma bond and 
a ‘‘partial’’ pi bond. The bond order between any two adjacent carbon atoms is there- 
fore somewhere between one and two. Thus molecular orbital theory offers an alterna- 
tive to the resonance approach, which is based on valence bond theory. 


The Carbonate lon 


Cyclic compounds like benzene are not the only ones with delocalized molecular 
orbitals. Let’s look at bonding in the carbonate ion (COZ). The planar structure of the 
carbonate ion can be understood by assuming the carbon atom to be sp*-hybridized. 
The C atom forms sigma bonds with three O atoms. Thus the unhybridized 2), orbital 
of the C atom can simultaneously overlap the 2p, orbitals of all three O atoms (Figure 
9.30). The result is a delocalized molecular orbital that extends over all four nuclei in 
such a way that the electron densities (and hence the bond orders) in the carbon-to- 
oxygen bonds are all the same. Molecular orbital theory therefore provides an accepta- 
ble alternative explanation of the properties of the carbonate ion as compared to the 
resonance structures of the ion shown on p. 328. 

We should note that molecules with delocalized molecular orbitals are generally 
more stable than those containing molecular orbitals extending over only two atoms. 


FIGURE 9.30 Bonding in the carbonate ion. The carbon atom forms three sigma bonds with 
the three oxygen atoms. In addition, the 2p, orbitals of the carbon and oxygen atoms overlap to 
form delocalized molecular orbitals, so that there is also a partial pi bond between the carbon 
atom and each of the three oxygen atoms. 


SUMMARY 


For example, the benzene molecule, which contains delocalized molecular orbitals, is 
chemically less reactive (and hence more stable) than molecules containing ‘‘local- 
ized’? C==C bonds, such as the ethylene molecule. 


SUM: RY 


6. 


10. 


LL, 


. The VSEPR model for predicting molecular geometry is based on the assumption 


that valence-shell electron pairs repel one another and tend to stay as far apart as 
possible. 


. According to the VSEPR model, molecular geometry can be predicted from the 


number of bonding electron pairs and lone pairs. Lone pairs repel other pairs more 
strongly than bonding pairs do and thus distort bond angles from those of the ideal 
geometry. 

The dipole moment is a measure of the charge separation in molecules containing 
atoms of different electronegativity. The dipole moment of a molecule is the 
resuliant of whatever bond moments are present in a molecule. Information about 


molecular geometry can be obtained from dipole moment measurements. 


. In valence bond theory, hybridized atomic orbitals are formed by the combination 


and rearrangement of (for example, s and p) orbitals of the same atom. The 
hybridized orbitals are all of equal energy and electron density, and the number of 
hybridized orbitals is equal to the number of pure atomic orbitals combined. 


. Valence-shell expansion can be explained by invoking hybridization of s, p, and d 


orbitals. 


In sp hybridization, the two hybrid orbitals lie in a straight line; in sp” hybridiza- 
tion, the three hybrid orbitals are directed toward the corners of a triangle; in sp* 
hybridization, the four hybrid orbitals are directed toward the corners of a tetrahe- 
dron: in spd hybridization, the five hybrid orbitals are directed toward the corners 


of a trigonal bipyramid; in sp?d? hybridization, the six hybrid orbitals are directed 
toward the corners of an octahedron. 


. In an yp?-hybridized atom (for example, carbon), the one unhybridized p orbital 


can form a pi bond with another p orbital. A carbon-carbon double bond consists 
of a sigma bond and a pi bond. In an sp-hybridized carbon atom, the two unhy- 
bridized p orbitals can form two pi bonds with two p orbitals on another atom (or 
atoms). A carbon-carbon triple bond consists of one sigma bond and two pi 


bonds. 


. Molecular orbital theory describes bonding in terms of the combination and rear- 


rangement of atomic orbitals to form orbitals that are associated with the molecule 


as a whole. 


. Bonding molecular orbitals increase electron density between the nuclei and are 


lower in energy than individual atomic orbitals. Antibonding molecular orbitals 
have a region of zero electron density between the nuclei, and an energy level 
higher than that of the individual atomic orbitals. 
We write electron configurations for molecular orbitals as we do for atomic orbit- 
als, filling in electrons in the order of increasing energy levels. The number of 
molecular orbitals always equals the number of atomic orbitals that were com- 
bined. In filling the molecular orbitals, the Pauli exclusion principle and Hund’s 
tule are followed. 


Molecules are stable if th : 
greater than that in antibonding molecular orbitals. 


e number of electrons in bonding molecular orbitals is 
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12. Delocalized molecular orbitals, in which electrons are free to move around a 
whole molecule or group of atoms, are formed by electrons in p orbitals of adja- 
cent atoms. Delocalized molecular orbitals are an alternative to resonance struc- 
tures in explaining observed molecular properties. 


KEY WORDS 


Antibonding molecular orbital, p. 377 


Hybrid orbital, p. 363 


Valence shell, p. 346 


Bond order, p. 381 Hybridization, p. 363 Valence-shell electron-;» repulsion 
Bonding molecular orbital, p. 377 Molecular orbital, p. 377 (VSEPR) model, p 
Delocalized molecular orbital, p. 388 Nonpolar molecule, p. 357 Valence-shell expansi . 372 
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Heteronuclear diatomic molecule, Pi molecular orbital, p. 380 
p:. 357 Polar molecule, p. 357 
Homonuclear diatomic molecule, Sigma bond, p. 373 
p. 357 Sigma molecular orbital, p. 378 
EXERCISES 
SIMPLE GEOMETRIC SHAPES 9.9 What are the geometries of the follo. species? 
: ; (a) AICI, (b) ZnCl, (c) ZnClz~, (d) PI 
REVIEW QUESTIONS 9.10 Predict the geometry of the following mol: using the 
9.1 How is the geometry of a molecule defined? Why is the VSEPR method: (a) HgBr2, (b) N20 ( sement of 
study of molecular geometry important? atoms is NNO), (c) SCN” (arrangeme atoms is 
9.2 Sketch the shape of a linear triatomic molecule, a trigonal SCN). 
planar molecule containing four atoms, a tetrahedral mol- 9.11 What are the geometries of the following | (a) NHf, 
ecule, a trigonal bipyramidal molecule, and an octahedral (b) NHz, (c) CO}, (d) IC, (e) ICl. (f) ATHy, 
molecule. Give the bond angles in each case. (g) SnCl5, (h) H30*, (i) BeFZ, (j) ClO 
9.3 How many atoms are directly bonded to the central atom 9.12 Which of the following species are tetrel, cal? SiCly, 


in a tetrahedral molecule, a trigonal bipyramidal mole- 
cule, and an octahedral molecule? 


VSEPR 
REVIEW QUESTIONS 


9.4 Discuss the basic features of the VSEPR method. 

9.5 Explain why the repulsion decreases in the following 
order: lone pair—lone pair > lone pair—bonding pair > 
bonding pair—bonding pair. 

9.6 In the trigonal bipyramid arrangement, why does a lone 
pair occupy an equatorial position rather than an axial 
position? 

9.7. Another possible geometry for CH, is square planar, with 
the four H atoms at the corners of a square and the C atom 
at the center of the square. Sketch this geometry and 
compare its stability with that of a tetrahedral CHyg. 


PROBLEMS 


9.8 Predict the geometries of the following species using the 
VSEPR method: (a) PCl, (b) CHCl;, (c) SiH4, 
(d) TeCly. 


SeF,, XeFy, Cly, CdCl}~ 
9.13 Describe the geometry around each of th: 
atoms in the CH;COOH molecule. 


DIPOLE MOMENT AND MOLECULAR 
GEOMETRY 


REVIEW QUESTIONS 


ee central 


9.14 Define dipole moment. What are the units and symbol for 
dipole moment? 

9.15 What is the relationship between the dipole moment and 
bond moment? How is it possible for a molecule to have 
bond moments yet be nonpolar? 

9.16 Explain why an atom cannot have a dipole moment. 

9.17 The bonds in beryllium hydride (BeH>) molecules are 
polar, yet the dipole moment of the molecule is ZeTo- 
Explain. 

PROBLEMS 


9.18 Does the molecule OCS have a higher or lower dipole 
moment than CS,? 

9.19 Arrange the following molecules in order of increasing 
dipole moment: HO, H2S, HoTe, H2Se. (See Table 9.4.) 


HYBi 


REVI 


9.25 \ 


9.26 


9.27 


9.28 


List the following molecules in order of increasing dipole 
moment: H,O, CBry, H2S, HF, NH3, CO). (See Table 


The dipole moments of the hydrogen halides decrease 
frou: IF to HI (see Table 9.4). Explain this trend. 
Sketch the bond moments and resultant dipole moments 
in following molecules: H,0, PCl;, XeFy, PCl;, SFo. 
W';- of the following molecules has a higher dipole 
m nt? 


Bi H Br B 
Se r 


P XS 
H Br H H 
(a) (b) 


ee the following compounds in order of increasing 
dipole moment: 


Cl Cl 


(d) 


\TION 
ty JURSTIONS 


is valence bond theory? How does it differ from the 
Levis concept of chemical bonding? 

Us. valence bond theory to explain the bonding in Cl 
and’ HCl. Show the overlap of atomic orbitals in the bond 
formation. 

Drow a potential energy curve for the bond formation in 
HC} 

What is the hybridization of atomic orbitals? Why is it 
impossible for an isolated atom to exist in the hybridized 
state? 

How does a hybrid orbital differ from a pure atomic or- 
bital? 

Can two 2p orbitals of an atom hybridize to give two 
hybridized orbitals? 

What is the angle between the following two hybrid or- 
bitals on the same atom? (a) sp and sp hybrid orbitals, 
(b) sp? and sp? hybrid orbitals, (c) sp* and sp° hybrid 
orbitals 

How would you distinguish between a sigma bond and a 
pi bond? 


3 Which of the following pairs of atomic orbitals of adja- 


cent nuclei can overlap to form a sigma bond? Which 
overlap to form a pi bond? Which cannot overlap (no 


EXERCISES 391 


bond)? Consider the x axis to be the internuclear axis, 
that is, the line joining the nuclei of the two atoms. (a) Is 
and 1s; (b) ls and 2p,; (c) 2p, and 2p,; (d) 3p, and 3p); 
(e) 2p, and 2p,; (f) Ls and 2s 


PROBLEMS 


9.34 


9.37 


9.38 


9.39 


9.40 


9.44 
9.45 


Describe the bonding scheme of the AsH3; molecule in 
terms of hybridization. 

What is the hybridization of Si in SiHy and in 
H3Si—SiH3? 

Describe the change in hybridization (if any) of the Al 
atom in the following reaction: 


AIC], + Cl” —=> AICI, 
Consider the reaction 
BF; + NH; —> F;3B—NH; 


Describe the changes in hybridization (if any) of the B 
and N atoms as a result of this reaction. 

What hybrid orbitals are used by nitrogen atoms in the 
following species? (a) NH3, (b) HyN—NHb, (c) NO; 
Draw a diagram representing the formation of a double 
bond between two carbon atoms in ethylene (CjH,). 
What are the hybrid orbitals of the carbon atoms in the 
following molecules? 

(a) H;C—CH3 

(b) H;C—CH=CH) 

(c) CH;—CH,;—OH 

(d) CH;CH=O 

(e) CH;COOH : 

What hybrid orbitals are used by carbon atoms in the 
following species? (a) CO, (b) CO2, (c) CN” 

What is the state of hybridization of the central N atom in 
the azide ion, Ny? (Arrangement of atoms: NNN) 


3 The allene molecule H}>C—=C=CH)j is linear (that is, the 


three C atoms lie on a straight line). What are the hybrid- 
ization states of the carbon atoms? Draw diagrams to 
show the formation of sigma bonds and pi bonds in al- 
lene. 

Describe the hybridization of phosphorus in PFs. 

What are the hybridization states of the C, N, and O 
atoms in this molecule? 
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9.46 What is the total number of sigma bonds and pi bonds in 
each of the following molecules? 


H 
A Gl 
el —C— el c=c 
a 
H H H 
(a) (b) 


(c) 
MOLECULAR ORBITAL THEORY 
REVIEW QUESTIONS 


9.47 What is molecular orbital theory? How does it differ from 
valence bond theory? 

9.48 Define the following terms: bonding molecular orbital, 
antibonding molecular orbital, pi molecular orbital, 
sigma molecular orbital. 

9.49 Sketch the shapes of the following molecular orbitals: a, 
and of, and 72, and 775,. How do their energies compare? 

9.50 Explain the significance of bond order. Can bond order 
be used for quantitative comparisons of the strengths of 
chemical bonds? 


PROBLEMS 


9.51 Explain in molecular orbital terms the changes in H—H 
internuclear distance that occur as the molecule Hp is ion- 
ized first to Hf and then to H3*. 

9,52 Formation of the H» molecule from two H atoms is an 
energetically favorable process. Yet statistically there is 
less than a 100 percent chance that any two H atoms will 
undergo the reaction. Apart from energy consideration, 
how would you account for this observation simply from 
the electron spins in the two H atoms? 

9.53 Draw a molecular orbital energy level diagram for each 
of the following species: Hes, HHe, He? . Compare their 
relative stabilities in terms of bond orders. (Treat HHe as 
a diatomic molecule with three electrons.) 

9.54 Arrange the following species in order of increasing sta- 
bility: Lin, Lid, Liz . Justify your choice with a molecular 
orbital energy level diagram. 

9.55 Use molecular orbital theory to explain why the Be, mol- 
ecule does not exist. 

9.56 Which of these species has a longer bond, B2 or B? 
Explain. 

9.57 Acetylene (C2H) has a tendency to lose two protons 
(H*) and form the carbide ion (C3-), which is present in 
a number of ionic compounds, such as CaCz and MgC). 


Describe the bonding scheme in the C3” ion in terms of 
molecular orbital theory. Compare the bond order in C3~ 
with that in C). 

9.58 Compare the Lewis and molecular orbital theory treat- 
ments of the oxygen molecule. 

9.59 Explain why the bond order of N> is greater than that of 
Nj, but the bond order of Op is less than that of OF. 

9.60 Compare the relative stability of the following species 
and indicate their magnetic properties (that is, diamag- 
netic or paramagnetic): O2, OF, O3 (superoxide ion), 
03” (peroxide ion). 

9.61 Use molecular orbital theory to compare the relative sta- 
bilities of F, and F2. 

9.62 A single bond is almost always a sigma bond and a dou- 
ble bond is almost always made up of a sigma bond anda 
pi bond. There are very few exceptions to this rule. Show 
that the B, and C, molecules are examples of the excep- 
tions. 


DELOCALIZED MOLECULAR ORBITAL: 
REVIEW QUESTIONS 


9.63 How does a delocalized molecular orbital ()/fer from a 
molecular orbital such as that found in H» or C)H4? 

9.64 What do you think are the minimum conditions (for ex- 
ample, number of atoms and types of orbitals) for form- 


ing a delocalized molecular orbital? 

9.65 In Chapter 8 we saw that the resonance concept is useful 
for dealing with species such as the benzene molecule 
and the carbonate ion. How does molecular orbital theory 
deal with these species? 


PROBLEMS 


9.66 Both ethylene (C)H,4) and benzene (CgH¢) contain the 
C=C bond. The reactivity of ethylene is greater than that 
of benzene. For example, ethylene readily reacts with 
molecular bromine, whereas benzene is normally quite 
inert toward molecular bromine and many other com- 
pounds. Explain this difference in reactivity. 

9.67 Explain why the symbol on the left is a better representa- 
tion for benzene molecules than that on the right: 


OO 


9.68 Determine which of these molecules has a more delocal- 
ized orbital and justify your choice: 


biphenyl naphthalene 


(Hint: Both molecules contain two benzene rings. In 
naphthalene, the two rings are fused together. In biphenyl] 
the two rings are joined by a single bond, around which 
the (wo rings can rotate.) 
| fluoride (FNO2) is very reactive chemically. The 
rine and oxygen atoms are bonded to the nitrogen 
atom. (a) Write a Lewis structure for FNO). (b) Indicate 
the ybridization of the nitrogen atom. (c) Describe the 
bonding in terms of the molecular orbital theory. Where 
you expect delocalized molecular orbitals? 
>scribe the bonding in the nitrate ion (NO; ) in terms of 
delocalized molecular orbitals. 
9.71 What is the state of hybridization of the cental O atom in 


O,? Describe the bonding in O3 in terms of delocalized 
moiccular orbitals. 

MISC! NEOUS 

9.72 Which of the following species is not likely to have a 
tetrahedral shape? (a) SiBry, (b) NF{, (c) SF,, 
(d) BeClf-, (e) BFz, (f) AICI, 

9.73 Draw the Lewis structure of mercury(I) bromide. Is this 
molecule linear or bent? How would you establish its 
geometry? 

9.74 How many pi bonds and sigma bonds are there in the 
tetracyanoethylene molecule? 

N=C Cc==N 
Ne Pye ee 
yf aoe te 
N=cC can 
9.75 Altnough both carbon and silicon are in Group 4A, very 


Si bonds are known. Account for the instability 
of «iicon-to-silicon double bonds in general. (Hint: The 
Si atom is larger than the C atom. What effect would the 
larger size have on pi bond formation?) 

9.76 Predict the geometry of sulfur dichloride (SCl2) and the 
hybridization of the sulfur atom. 

9.77 Describe the bonding in the formate ion (HCOO”) in 
terms of (a) resonance and (b) molecular orbital theory. 

9.78 Antimony pentafluoride, SbFs, reacts with XeF, and 
XeF, to form ionic compounds XeF} SbF, and 
XeF!SbF¢. Describe the geometries of the cations and 
anion in these two compounds. 

9.79 Predict the bond angles for the following molecules: 
(a) BeCh, (b) BCs, (c) CCly, (d) CH3Cl, (e) Hg2Cle 
(arrangement of atoms: CIHgHgCl), (f) SClo, (8) SCh, 
(h) H,0>, (i) SnHy. 4 

9.80 Write Lewis structures and give any other information 
requested for the following molecules: (a) BF3. Shape: 
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planar or nonplanar? (b) ClO;. Shape: planar or 
nonplanar? (c) H.O. Show the direction of the resultant 
dipole moment. (d) OF. Polar or nonpolar molecule? 
(e) NO. Estimate the ONO bond angle. 

9.81 Briefly compare the VSEPR and hybridization ap- 
proaches to the study of molecular geometry. 

9.82 Describe the state of hybridization of arsenic in arsenic 
pentafluoride (AsFs). 

9.83 Give Lewis structures and any other information re- 
quested for the following: (a) SO3. Polar or nonpolar 
molecule? (b) PF3. Polar or nonpolar molecule? 
(c) F;SiH. Show the direction of the resultant dipole 
moment. (d) SiH;. Planar or pyramidal shape? 
(e) ClCH. Polar or nonpolar molecule? 

9.84 Which of the following molecules are linear? IC]; , IF}, 
OF;, Snip, CdBry 

9.85 Draw the Lewis structure for the BeCl}~ ion. Predict its 
geometry and describe the state of hybridization of the Be 
atom. 

9.86 The following molecules (AX4Y2) all have octahedral 
geometry. Group the molecules that are equivalent to 


each other. 
Y yi 
Xx x x ‘4 
x Xx x X 
Y x 
(a) (b) 
x xX 
x Y x ¥ 
Y X x Y 
x X 
© @) 


9.87 Does the following molecule have a dipole moment? 


(Hint: See answer to Problem 9.43.) 
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. is less dense than water, an iceberg floats. 
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Ithough we live immersed in a mixture of gases that make up Earth’s atmosphere, we 

are more familiar with the behavior of liquids and solids because they are more visi- 

ble. Every day we use water and other liquids for drinking, bathing, cleaning, and 
cooking, and we handle, sit upon, and wear solids. 

Molecular motion is more restricted in liquids than in gases, and in solids, the atoms and 

molecules are packed even more tightly together. In fact, in a solid they are held in well- 
defined positions and are capable of little free motion relative to one another. In this chap- 
ter we will examine the structure of liquids and solids and discuss some of their common 
and important properties. 


Ga 


10.1 The Kinetic Molecular Theory of Liquids and © 


In Chapter 5 we saw how the kinetic molecular theory could explain the behavior of 
gases. That explanation was based on the understanding that a gaseous system is a 


collection of molecules in constant, random motion. In gases, the distances between 
molecules are so great (compared to their diameters) that at ordinary temperatures and 
pressures (say, 25°C and 1 atm), there is no appreciable interaction between the mole- 
cules. This rather simple description explains several characteristic properties of gases. 
Because there is a great deal of empty space in a gas, that is, space not occupied by 
molecules, gases can be readily compressed. The lack of strong forces between mole- 
cules allows a gas to expand to the volume of its container. The large amount of empty 
space also explains why gases have very low densities under norma! conditions. 

Liquids and solids are quite a different story. The principal difference between the 
condensed state (liquids or solids) and the gaseous state lies in the distance between 


molecules. In a liquid the molecules are held close together, so that there is very little 
empty space. Thus liquids are much more difficult to compress than gases and much 
denser under normal conditions. Molecules in the liquid are held by one or more types 
of attractive forces, which will be discussed in the next section. A liquid also has a 
definite volume, since molecules in a liquid do not break away from the attractive 
forces. The molecules can, however, move past one another freely, and so a liquid can 
flow, can be poured, and assumes the shape of its container. 

In a solid, molecules are held rigidly in position with virtually no freedom of 
motion. Many solids are characterized by long-range order, that is, the molecules are 
arranged in regular configurations in three dimensions. The amount of empty space in 
a solid is even less than that in a liquid. Thus solids are almost incompressible and 
possess definite shape and volume. With very few exceptions (water being the most 
important), the density of the solid is higher than that of the liquid for a given sub- 
stance. Table 10.1 summarizes some of the characteristic properties of the three states 
of matter. 


10.2 Intermolecular Forces 


Attractive forces between molecules, called intermolecular forces, are responsible for 
the nonideal behavior of gases that was described in Chapter 5. They are also respons 
ble for the existence of the condensed states of matter—liquids and solids. AS the 


10.2 INTERMOLECULAR FORCES 


TABLE 10.1 Characteristic Properties of Gases, Liquids, and Solids 


eo 
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State of Motion of 
Matter Volume/Shape Density Compressibility Molecules 
me 
Gas Assumes the volume and shape of its Low Very compressible Very free motion 
container 
Liquid Has a definite volume but assumes High Only slightly compressible Slide past one another 
the shape of its container freely 
Solid Has a definite volume and shape High Virtually incompressible Vibrate about fixed 
positions 
ee ee ____.___ 


temperature of a gas is lowered, the average kinetic energy of its molecules decreases. 
Eventually, at a sufficiently low temperature, the molecules no longer have enough 


energy to break away from one another’s attraction. At this point, the molecules aggre- 
gate to form small drops of liquid. This phenomenon of going from the gaseous to the 
liquid state is known as condensation. 

In contrast to intermolecular forces are intramolecular forces, or forces that hold 
atoms together in a molecule. (Chemical bonding, discussed in Chapters 8 and 9, 
involves intramolecular forces.) Intramolecular forces are responsible for the stability 


of individual molecules, whereas intermolecular forces are primarily responsible for 


the bulk properties of matter (for example, melting point and boiling point). 
Generally, intermolecular forces are much weaker than intramolecular forces. Thus 
it usually ‘equires much less energy to evaporate a liquid than to break the bonds in the 
molecules of the liquid. For example, it takes about 41 kJ of energy to vaporize 1 mole 
of water at its boiling point; it takes about 930 kJ of energy to break the two O—H 
bonds in | mole of water molecules. The boiling points of substances often reflect the 
strength of the intermolecular forces operating among the molecules. At the boiling 


point, enough energy must be supplied to overcome the attraction among molecules so 
that they can enter the vapor phase. If it takes more energy to separate molecules of 
substance A than of substance B because A molecules are held together by stronger 
intermolecular forces than in substance B, then the boiling point of A is higher than 
that of B. The same principle applies also to the melting points of the substances. In 
general the melting points of substances increase with the strength of the intermolecu- 
lar forces. 

To understand the properties of condensed matter, we must understand the different 
types of intermolecular forces. Some of them can be explained by Coulomb’s law. 
Quantum mechanics provides an explanation for others. Depending on the physical 
state of a substance (that is, gas, liquid, or solid) and the nature of the molecules, more 
than one type of interaction may play a role in the total attraction between molecules, 
as we will see below. 


Dipole—Dipole Forces 


Dipole—dipole forces are forces that act between polar molecules, that is, between 
molecules that possess dipole moments (see Section 9.3). Their origin is electrostatic, 
and they can be understood in terms of Coulomb’s law. The larger the dipole moments, 
the greater the force. Figure 10.1 shows the orientation of polar molecules in a solid. In 
liquids the molecules are not held as rigidly as in a solid, but they tend to align 


FIGURE 10.1 Molecules that 
have a permanent dipole moment 
tend to align in the solid state for 
maximum attractive interaction. 


FIGURE 10.2 Two types of 
ion—dipole interaction. 


lonic compounds generally 
have very low solubilities in 
nonpolar solvents. 


Induced dipole 


Induced dipole 


Dipole 
— > 


(c) 


FIGURE 10.3 (a) Spherical 
charge distribution in a helium 
atom. Distortion caused by 
(b) the approach of a cation, and 
(c) the approach of a dipole. 
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themselves in such a way that, on the average, the attractive interaction ‘s at a maxi- 
mum. 


lon—Dipole Forces 


Coulomb’s law also explains ion—dipole forces, which occur between » (either a 
cation or an anion) and a dipole (Figure 10.2). The strength of this inters..0n depends 
on the charge and size of the ion and on the magnitude of the dipole. ‘| harges on 
cations are generally more concentrated, since cations are usually smal! in anions, 
Therefore, for equal charges, a cation interacts more strongly with dipol: in does an 
anion. 

Hydration, discussed in Section 4.7, is one example of ion—dipole inte tion. In an 
aqueous NaCl solution, the Na* and Cl~ ions are surrounded by w: .olecules, 
which have a large dipole moment (1.87 D). In this way the water mole: act as an 
electrical insulator that keeps the ions apart. This process explains what | ens when 
an ionic compound dissolves in water. Carbon tetrachloride (CCl,), on her hand, 
is a nonpolar molecule, and therefore it lacks the ability to participate »n—dipole 
interaction. What we find in practice is that carbon tetrachloride is a px ivent for 


ionic compounds, as are most nonpolar liquids. 


Dispersion Forces 


So far only ionic species and polar molecules have been discussed. Yo ’ be won- 
dering what kind of attractive interaction exists between nonpolar mol: 3. To an- 
swer this question, consider the arrangement shown in Figure 10.3. If ce an ion 
or a polar molecule near a neutral atom (or a nonpolar molecule), the ele: distribu- 
tion of the atom (or molecule) is distorted by the force exerted by the ion. the polar 
molecule. The resulting dipole in the atom (or molecule) is said to be an iv ced dipole 
because the separation of positive and negative charges in the neutral om (or a 
nonpolar molecule) is due to the proximity of an ion or a polar molecule. 1) attractive 
interaction between an ion and the induced dipole is called ion-induced dip\'¢ interac- 


tion, and the attractive interaction between a polar molecule and the induced! dipole is 
called dipole—induced dipole interaction. 

The ease with which a dipole moment can be induced depends not only on the 
charge on the ion or the strength of the dipole but also on the polarizability of the 
neutral atom or molecule. Polarizability is the ease with which the electron distribution 
in the neutral atom (or molecule) can be distorted. Generally, the larger the number of 
electrons and the more diffuse the electron cloud in the atom or molecule, the greater 
its polarizability. By diffuse cloud we mean an electron cloud that is spread over an 
appreciable volume, so that the electrons are not held tightly by the nucleus. 

Polarizability gives us the clue to why gases containing neutral atoms or nonpolar 
molecules (for example, He and N>) are able to condense. When we say that the helium 
atom has no dipole moment, we are speaking of an isolated helium atom. But in a 
collection of helium atoms moving around in a container, each atom collides with other 
atoms many times per second. Since a collision almost always distorts the symmetrical 
shape of the charge cloud, a temporary dipole is created within the atom. This temp0- 
rary dipole can instantaneously induce dipoles in its nearest neighbors (Figure 10.4). 


10.2 INTERMOLECULAR FORCES 


FIGURE | Induced dipoles interacting with each other. Such patterns exist only momentarily; new arrangements are formed in 
the next t. This type of interaction is responsible for the condensation of nonpolar gases. 
Many su.» « ipoles are created and destroyed every moment, but because their orienta- 
tions are npletely random, the dipole moment of helium averaged over a given 
period o! . is zero. The important point is that at any instant the temporary dipoles 
attract © other—at very low temperatures (and reduced atomic speeds) this attrac- 
tion is ¢ f to hold the atoms together, causing the helium gas to condense. 
A qu , mechanical interpretation of temporary dipoles was provided by Fritz 
London 230. London showed that the magnitude of this attractive interaction is 
directly tional to the polarizability of the atom or molecule. As we might expect, Strictly speaking, the forces 
the attr ‘orces that arise as a result of temporary dipoles induced in the atoms or epics yl arep mente 
molecul lied dispersion forces, may be quite weak. This is certainly true of forces. However. for-aimpllelty 
helium ) has a boiling point of only 4.2 K or —269°C. (Note that helium has only we use the term 
two elec that are tightly held in the 1s orbital. Therefore, the helium atom has a ber pironecigey| forces: for 
aga oth atoms and molecules. 
small p ability.) 
Disp | forces usually increase with molar mass for the following reason. Mole- 
cules wi ‘rer molar mass tend to have more electrons, and dispersion forces in- 
crease i ogth with the number of electrons. Furthermore, larger molar mass often 
means a | + atom whose electron distributions are more easily disturbed because the 
outer elev’ ns are less tightly held by the nuclei. Table 10.2 compares the melting 
points o/ © substances that consist of nonpolar molecules. As expected, the melting 
point incr=.ses as the number of electrons in the molecule increases. Since these are all 
nonpolar pnolecules, the only attractive intermolecular forces present are the dispersion 
forces. 


In many cases dispersion forces can be comparable to or even greater than the 
dipole—di forces between polar molecules. For a dramatic illustration, let us com- 
pare the melting points of CH3F (—141.8°C) and CCl, (—23°C). Although CH3F has a 
dipole moment of 1.8 D, it melts at a much lower temperature than CCl,, a nonpolar 
molecule. CCl, melts at a higher temperature simply because it contains more elec- 
trons. As a result, the dispersion forces between CCly molecules are stronger than the 
dispersion forces plus the dipole—dipole forces among CHGF molecules. (Keep in mind 
that dispersion forces exist among species of any type, whether they are neutral or bear 
a net charge, and whether they are polar or nonpolar.) 

The following example shows that if we know the kind of species present, we can 
readily determine the types of intermolecular forces that exist between the species. 


}Fritz London (1900-1954). German physicist. London was a theoretical physicist whose major work was 
On superconductivity in liquid helium. 


TABLE 10.2 Melting 
Points of Similar Non- 
polar Compounds 


Melting 

Point 

Compound (°C) 
CH, —182.5 
CoHe6 —183.3 
CF, ~183.7 
CCl, —23.0 
CBr4 90.0 
ch 171.0 


al 


400 


Atomic radius 


266 pm 
a 


430 pm 


van der Waals radius = 215 pm 


FIGURE 10.5 The relationship 
between van der Waals radius 
and atomic radius for I>. In solid 
I, the molecules pack together so 
that the shortest distance be- 
tween iodine nuclei in adjacent Ip 
molecules is 430 pm. The van 
der Waals radius of iodine is de- 
fined as half this distance, or 
215 pm. On the other hand, the 
atomic radius of iodine is half the 
distance between two iodine nu- 
clei in the same molecule, which 
is half of 266 pm, or 133 pm. 


TABLE 10.3 Van der 
Waals Radii of Some Com- 
mon Atoms 


er EEE 
Van der Waals 


Atom Radius (pm) 
SS Ee Ee 

H 120 

Cc 165 

N 150 

oO 140 

F 135 

P 190 

S 185 

cl 180 

Br 195 

I 215 


Eee 
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EXAMPLE 10.1 


What type(s) of intermolecular forces exist between the following pairs: (a) HBr and H,S, 
(b) Cly and CBry, (c) I, and NO3, (d) NH3 and CsH¢? 


Answer 
(a) Both HBr and H)§ are polar molecules so the forces between them are dipo! 


forces. There are also dispersion forces between the molecules. (b) Both Cl, 
nonpolar so there are only dispersion forces between these molecules. (c) |) is : 


Oispersion 


the forces between it and the ion NO}3 are ion-induced dipole forces and 

forces. (d) NH3 is polar and CH is nonpolar. The forces are dipole—inéucod dipole 

forces and dispersion forces. 

Similar problem: 10.13. 
van der Waals Forces and van der Waals Radii 
The dipole-dipole, dipole—induced dipole, and dispersion forces make up what chem- 
ists have commonly referred to as van der Waals forces, after the Dutch physicist 
Johannes van der Waals (see Section 5.10). These forces are all attractive in nature and 
play an important role in determining the physical properties of substances, such as 
melting points, boiling points, and solubilities. 

The distance between molecules (or monatomic species) in a solid or liquid is 
determined by a balance between the van der Waals forces of attraction anu the forces 
of repulsion between electrons and between nuclei. The van der Waals radius is 
one-half the distance between two equivalent nonbonded atoms in theiy most stable 


arrangement, that is, when the net attractive forces are at a maximum. 

The main difference between the atomic radius and ionic radius, on the one hand, 
and the van der Waals radius, on the other hand, is that the latter applies only to atoms 
that are not chemically bonded to each other. For instance, two He atoms will not 
combine to form a stable He, molecule, yet He atoms do attract one another through 
dispersion forces. In liquid helium, we can imagine that the atoms are drawn to one 
another until the net attractive forces are at their maximum. If any two neighboring 
atoms are pushed together more closely, repulsive forces between the electrons and 
between the nuclei cause the system to lose stability. Under the condition of maximum 
attraction, half the distance between any two adjacent He atoms in liquid helium is the 
van der Waals radius of He atom. 

As another example, consider iodine molecules in the solid state (Figure 10.5). The 
I, molecules are packed in such a way that the total potential energy of the system is 
at a minimum, which corresponds to maximum net attraction. In this case, half the 
distance between two adjacent iodine atoms in two different I, molecules is the van der 
Waals radius of an iodine atom. Table 10.3 shows the van der Waals radii of selected 
atoms arranged in increasing atomic number. 


10.2 INTERMOLECULAR FORCES 


The Hydrogen Bond 


The hydrogen bond is a special type of dipole-dipole interaction between the hydro- 
gen atom in a polar bond such as O—H or N—H, and electronegative atoms like O, N, 
or F. This interaction is written 


A-H-—-B or A—H~A 


A and B represent O, N, or F; AH is one molecule or part of a molecule and B is 
a part of another molecule; and the dashed line represents the hydrogen bond. The three 
atoms usu lie along a straight line, but the angle AHB (or AHA) can deviate as 
much as 3)” from linearity. 

The average energy of a hydrogen bond is quite large for a dipole—dipole interaction 
(up to 40 kJ/mol). Thus, hydrogen bonds are a powerful force in determining the 
structures and properties of many compounds. Figure 10.6 shows several examples of 
hydrogen bonding. : 

Early evidence for hydrogen bonding came from the study of boiling points of 
compounds. Normally, the boiling points of a series of similar compounds containing 
elements in the same group increase with increasing molar mass. But, as Figure 10.7 
shows, some exceptions were noticed for the hydrogen compounds of Groups 5A, 6A, 
and 7A elements. In each of these series, the lightest compound (NH3, H2O, HF) has 
the highes: boiling point, contrary to our expectations based on molar mass. This study 
and other related observations led chemists to postulate the existence of the hydrogen 
bond. In solid HF, for example, the molecules do not exist as individual units; instead, 
they forma long zigzag chains: 


Tate 
a ey My emer 
H H H H 
H H 
sai ine I ere | 
H H H H 
H H 
H—F-——-H—N H—N--—-H—F 
H H 


FIGURE 10.6 Hydrogen bonding in water, ammonia, and hydrogen fluoride. Solid lines rep- 
resent covalent bonds and dashed lines, hydrogen bonds. 


401 


Note that these atoms all 
possess at least one lone pair 
that can interact with the 
hydrogen atom in hydrogen 
bonding. 
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0 
| Group 7A 


Boiling point (°C) 


SbH3 
NH; Hl 
Group 5A snH, 
Group 4A 
FIGURE 10.7 Boiling points of the hydrogen compounds of Groups 4A, 5°. A, and 7A 
elements. Although normally we expect the boiling point to increase as we Mo\ ma group, 
we see that three compounds (NH3, H,0, and HF) behave differently. The 0 naly can be 
explained in terms of intermolecular hydrogen bonding. 
This is an example of intermolecular hydrogen bonding. In the liquid the zigzag 
chains are broken, but the molecules are still extensively hydroge: led to one 
another. Molecules held together by hydrogen bonding are more d it to break 
apart, so that liquid HF has an unusually high boiling point. 

The strength of the hydrogen bond is determined by the couloi interaction 
between the lone pair electrons of the electronegative atom and the hy’) -°n nucleus. 
It may seem odd at first that the boiling point of HF is lower thar it of water. 
Fluorine is more electronegative than oxygen, and so we would exp..t a stronger 
hydrogen bond to exist in liquid HF than in HO. But H2O is unige. in that each 
molecule takes part in four intermolecular hydrogen bonds, and the HO molecules are 
therefore held together more strongly. We will return to this very import"! property of 


water in the next section. The following example shows the type of 
form hydrogen bonds with water. 


ecies that can 


EXAMPLE 10.2 


Which of the following can form hydrogen bonds with water? CHj;OCH3, CHa, F 


HCOOH, Na* 
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Answei 


There ar’ io electronegative elements in either CH, or Na‘. Therefore, only CH;0CH3, 
F-, an’ “COOH can form hydrogen bonds with water (Figure 10.8). 


SS “ see + ry - 
O—-H ~-3( :F?--H—O: H,C—O+--H—O: 
H | | 
H3C H 
FIGUK '.8 Hydrogen bond formation (dashed lines) between various solutes and 
water ? ules. 


Similar blem: 10.15. 


= 
The various types of intermolecular forces discussed so far are all attractive in 
nature. | in mind, though, that molecules also exert repulsive forces on one an- 
other. T' hen two molecules are brought into contact with each other the repulsion 
between lectrons and between the nuclei in the molecules will come into play. The 
magnituc the repulsive force rises very steeply as the distance separating the mole- 
cules in adensed state is shortened. This is the reason that liquids and solids are so 
hard to co: ress. In these states, the molecules are already in close contact with one 
another, hat they greatly resist being compressed. 
10.3 Ti Liquid State 
Now that you are familiar with intermolecular forces, we can look at the properties of 
substances i: condensed states, which are largely determined by those forces. We will 
start with ‘ne liquid state. A great many interesting and important chemical reactions 
occur in water and other liquid solvents, as we will discover in subsequent chapters. In 


this section we will look at two phenomena associated with liquids: surface tension and 
viscosity. We will also discuss the structure and properties of water. 


Surface Tension 


We have seen that one property of liquids is their tendency to assume the shapes of 
their containers. Why, then, does water bead up on a newly waxed car instead of 
forming a sheet over it? The answer to this question lies in intermolecular forces. 

Molecules within a liquid are pulled in all directions by intermolecular forces; there 


is no tendency for them to be pulled in any one way. However, molecules at the surface 


are pulled downward and sideways by other molecules, but not upward away from the 
tions thus tend to pull the molecules 


surface (Figure 10.9). These intermolecular attrac : ! 
into the liquid and cause the surface to behave as if it were tightened like an elastic 
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L a 


FIGURE 10.9 Intermolecular 
forces acting on a molecule in 
the surface layer of a liquid and 
in the interior region of the lig- 
uid. 
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For any given quantity of 
liquid, the sphere offers the 
minimum surface area. 
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FIGURE 10.10 (a) When adhesion is greater than cohesion, the liquid (for example, water) 
rises in the capillary tube. (b) When cohesion is greater than adhesion, as it is for mercury, a 
depression of the liquid in the capillary tube results. Note that the meniscus in the ‘ube of water 
is concave, or rounded downward, whereas that in the tube of mercury is convex, or rounded 
upward. 


film. Since there is little or no attraction between polar water molecules and the wax 
molecules (which are essentially nonpolar) on a freshly waxed car, a drop of water 
assumes the shape of a small round bead. 

A measure of the elasticlike force existing in the surface of a liquid is surface 
tension. The surface tension of a liquid is the amount of energy required to stretch or 
increase the surface by unit area. As expected, liquids containing moiecules that 
possess strong intermolecular forces also have high surface tensions. For example, 
because of hydrogen bonding, water has a considerably greater surface tension than 
most common liquids. 

Another way that surface tension manifests itself is in capillary action. Figure 
10.10(a) shows water rising spontaneously in a capillary tube. A thin film of water 
adheres to the wall of the glass tube. The surface tension of water causes this film to 
contract and, as it does, it pulls the water up the tube. Two types of forces bring about 
capillary action. One is the intermolecular attraction between like molecules (in this 
case, the water molecules), called cohesion. The other, which is called adhesion, is an 
attraction between unlike molecules, such as those in water and in the walls of a glass 
tube. If adhesion is stronger than cohesion, as it is in Figure 10.10(a), the contents of 
the tube will be pulled upward along the walls. This process continues until the adhe- 
sive force is balanced by the weight of the water in the tube. This action is by no means 
universal among liquids, as Figure 10.10(b) shows. In mercury cohesion is greater than 
the adhesion between mercury and glass, so that a depression in the liquid level actu- 
ally occurs when a capillary tube is dipped into mercury. 


Viscosity 


The expression ‘‘slow as molasses in January’’ owes its truth to another physical 
property of liquids called viscosity. Viscosity is a measure of a fluid’s resistance 10 
flow. The greater the viscosity, the more slowly the liquid flows. The viscosity of a 
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TABLE 10.4 Viscosity of Some Common Liquids at 20°C 


ee 


Viscosity 
Liquid (N s/m?)* 

ce LT 

Acetone (C3H,0) 3:16 410” 

Benzene (C¢H) 6.25 x 1074 

Carbon tetrachloride (CCl4) 9.69 x 10-4 

Ethanol (C,H;OH) 1.20 x 10-3 

Ethyl ether (C)H;0C,Hs) 2.33 x 10-4 

Glycerol (C3HgO3) 1.49 

Mercury (Hg) 1e55:X10r* 

Water (H,0) 1.01 x 10-3 

Blood 4x 103 
ee — ssf 
*In SI units. viscosities are expressed as newton-second per meter squared. 
me nis 
liquid usually decreases as temperature increases; thus hot molasses flows much faster 
than cold molasses. Lubricating motor oils are rated according to their viscosities, and 
motorists are usually advised to use a high viscosity oil in summer and a low viscosity 
oil in winter. Because the average operating temperature of a car’s engine can be quite 
high in summer, starting with a more viscous lubricant ensures that the oil will not 


become too thin. In cold weather, the temperature of the engine will not get quite as 
J a more viscous oil would be less effective. 

ds that have strong intermolecular forces have higher viscosities than those 

weak intermolecular forces (Table 10.4). Water has a higher viscosity than 

liquids because of its ability to form hydrogen bonds. Interestingly, the 

* glycerol is significantly higher than that of all the other liquids used. 

Glycero! has the structure 


CH,— OH 
CH — OH 
| 

CH,— OH 


Like water, glycerol can form hydrogen bonds. We see that each glycerol molecule has 
three —OH groups that can participate in hydrogen bonding with other glycerol mole- 
cules. Furthermore, because of their shape the molecules have a great tendency to 
become entangled rather than to slip past one another as the molecules in less viscous 
liquids do. These interactions contribute to its high viscosity. 


The Structure and Properties of Water 


Water is so common a substance on Earth that we often overlook its unique nature. All 
life processes involve water. Water is an excellent solvent for many ionic compounds, 
as well as for other substances capable of forming hydrogen bonds with water. As 
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Glycerol is a clear, odorless, 
syrupy liquid used in 
explosives, ink, and lubricants, 
among other things. 


If water didn’t have the ability 
to form hydrogen bonds, it 
would be a gas at room 
temperature. 
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The oxygen atom in water is 
sp*-hybridized. The four H 
atoms are tetrahedrally 
arranged about the 0 atom. 
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Table 4.1 shows, water has a high specific heat. The reason for this is that to raise the 


temperature of water (that is, to increase the average kinetic energy of water mole- 
cules), we must first break the many intermolecular hydrogen:bonds. Thus, water can 
absorb a substantial amount of heat while its temperature rises only s!ichtly. The 
converse is also true: Water can give off much heat with only a slight coc rase in its 
temperature. For this reason, the huge quantities of water that are presen our lakes 
and oceans can effectively moderate the climate of adjacent land areas ibsorbing 
heat in the summer and giving off heat in the winter, with only small ‘es in the 
temperature of the body of water. 

The most striking property of water is that its solid form is less dense ' its liquid 
form: an ice cube floats at the surface of water in a glass. This is a vi 'y unique 
property. The density of almost all other substances is greater in the sol. te than in 
the liquid state. 

To understand why water is different, we have to examine the electron ‘ucture of 
the HO molecule. A water molecule is made up of one oxygen atom j: by cova- 
lent bonds to two hydrogen atoms. As we saw in Chapter 8, there at pairs of 
nonbonding electrons, or lone pairs, on the oxygen atom: 

ae On 

H H 

Although many compounds are capable of forming intermolecular hy’. \n bonds, 
there is a significant difference between H2O and other polar molecules h as NH3 
and HF. In water, the number of hydrogen bonds about each oxygen at 5 equal to 
two, the same as the number of lone electron pairs on the oxygen atom —\us, water 
molecules are joined together in an extensive three-dimensional network hich each 
oxygen atom is tetrahedrally bonded to four hydrogen atoms, two by «cnt bonds 
and two by hydrogen bonds. This equality in the number of hydrogen « and lone 
pairs is not characteristic of NH; or HF or, for that matter, any other mo! ‘¢ capable 
of forming hydrogen bonds. Consequently, these other molecules can | rings or 
chains, but not three-dimensional structures. 

The highly ordered three-dimensional structure of ice (Figure 10.11) | events the 
molecules from getting too close to one another. But consider what happe» when heat 
is provided and ice melts. There is ample evidence to show that the thre« nensional 
structure remains largely intact, although the bonds may become somev bent and 
distorted. At the melting point, a relatively small number of water mo cules have 
enough kinetic energy to pull free of the intermolecular hydrogen bonds. * ese mole- 
cules become trapped in the cavities of the three-dimensional structure. “s a result 
there are more molecules per unit volume in liquid water than in ice. | hus, since 


density = mass/volume, the density of water is greater than that of ice. With further 
heating, more water molecules are released from intermolecular hydrogen bonding, s© 
that just above the melting point water’s density tends to rise with temperature. of 
course, at the same time, water expands as it is being heated, with the result that its 
density is decreased. These two processes—the trapping of free water molecules in 
cavities and thermal expansion—act in opposite directions. From 0°C to 4°C, the 


trapping prevails and water becomes progressively denser. Beyond 4°C, 


however, 


thermal expansion predominates and the density of water decreases with increasing 


temperature (Figure 10.12). 
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H, ° 
H-O | 4 | FIGURE 10.11 The — three- 
| | | | | | Ly dimensional structure of ice. 
| H ee ome Yt Sie Oe Each O atom is bonded to four H 
| H TT H~9-#- jl | atoms. The covalent bonds are 
Pe Whe Se ee a a wy aS) si shown by short solid lines and 
fl I 0 H ig aeeor ye the weaker hydrogen bonds by 
Ge ! aH Vex A 


v4 J - 
fosti Rae) rr ~ long dashed lines between O and 
ye Ee) 20 2 
| | H. The empty space in the struc- 
ture accounts for the low density 
of ice. 


Liquid water 
> 0.97 -— 
& 
3 
> 0 2 
F 0.95 
0.94 - 
FIGURE 10.12 Plot of density 
0.93 versus temperature for liquid 
{Ice water. Note the large difference 
0.92 [aap ! oie ee ee between the density of ice and 
540 20 40 60 80 100 that of liquid water at 0°C. The 


maximum density of water is 
reached at 4°C. 


Temperature (°C) 
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CHEMISTRY IN ACTION 
WHY DO LAKES FREEZE FROM TOP TO BOTTOM? 


The fact that ice is less dense than water has a profound 
ecological significance. Consider, for example, the 
temperature changes in the fresh water of a lake in a 
cold climate. As the temperature of the water near the 
surface is lowered, its density increases. The colder 
water then sinks toward the bottom, while warmer 
water, which is less dense, rises to the top. This normal 
convection motion continues until the temperature 
throughout the water reaches 4°C. Below this tempera- 
ture, the density of water begins to decrease with de- 
creasing temperature (see Figure 10.12), so that it no 
longer sinks. On further cooling, the water begins to 
freeze at the surface. The ice layer formed does not 
sink because it is less dense than the liquid; it even acts 
as a thermal insulator for the water below it. Were ice 
heavier, it would sink to the bottom of the lake and 
eventually the water would freeze upward. Most living 
organisms in the body of water could not survive. For- 
tunately, this does not happen, and it is this unusual 
property of water that makes the sport of ice fishing 
possible (Figure 10.13). 


FIGURE 10.13 Ice fishing. The ice layer that forms on the 
surface of a lake insulates the water beneath and maintains a 
high enough temperature to sustain aquatic life. 


10.4 Crystal Structure 


Solids can be divided into two categories: crystalline and amorphous. A crystalline 
solid, such as ice or sodium chloride, possesses rigid and long-range order; its atoms, 
molecules, or ions occupy specific positions. The center of each of the positions is 
called a lattice point, and the geometrical order of these lattice points is called the 
crystal structure. The arrangement of atoms, molecules, or ions in a crystalline solid is 
such that the net attractive intermolecular forces are at their maximum. The forces 
responsible for the stability of any crystal can be ionic forces, covalent bonds, van der 
Waals forces, hydrogen bonds, or a combination of these forces. Amorphous solids 
such as glass lack well-defined arrangement and long-range molecular order. We will 
discuss them in Section 10.7. In this section we concentrate on the structure of crystal- 
line solids. 
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FIGURE 19.14 (a) A unit cell and (b) its extension in three dimensions. The black spheres 
represent either atoms or molecules. 


The basic repeating unit of the arrangement of atoms or molecules in a crystalline 
solid is a weit cell. Figure 10.14 shows a unit cell and its extension in three dimen- 
sions. Every crystalline solid can be described in terms of one of the seven types of unit 
cells shown in Figure 10.15. Any of these unit cells, when repeated in space, forms the 
lattice structure characteristic of a crystalline solid. Consider, for example, the cubic 


a, 
} ® 
a de 
i B 
P [ 
° v 
fa 
‘j 
a 
Simple cubic Tetragonal Orthorhombic Rhombohedral 
a=b=¢ a=b#c Cel ial ie a=b=c ' 
a=B=7=90° a=B=7=90° a=p=7=90 a=p=7#90 


Monoclinic Triclinic Hexagonal 
atb#c atb#e a=b#c sae 
a=y=90°, 8 # 90° at BEE IO a = B= 90°,y = 120 


FIGURE 10.15 The seven types of unit cells. Angle a is defined by edges a and c, angle B by 
edges b and c, and angle y by edges a and b. 
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Simple cubic Body-centered cubic Face-centerec 


= — | 


FIGURE 10.16 Three types of cubic cells. In reality, the spheres representir »ms, mole- 
cules, or ions are in contact with one another in these cubic cells. 


unit cell. For simplicity, we can assume that each lattice point is occupic’ y an atom. 
The geometry of the cubic unit cell is particularly simple, since all sides all angles 
are equal. As Figure 10.16 shows, the location of the atoms determine: hether we 
call a cubic unit cell a simple cubic cell (scc), a body-centered cubic « ec), ora 
face-centered cubic cell (fcc). Because every unit cell in a crystalline s: adjacent 
to other unit cells, most of the atoms are shared by neighboring unit cell: example, 
in all types of cubic cells, each corner atom belongs to eight unit 5 [Figure 
10.17(a)]; a face-centered atom is shared by two unit cells [Figure 10 »)). 


-——__— = 


(a) (b) 


a Me oe ee ree 


FIGURE 10.17 (a) A corner atom in any cubic cell is shared by eight unit cells; (b) a face- 
centered atom in a cubic cell is shared by two unit cells. 
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CRYSTAL STRUCTURE 


Packing «heres 

We can uy. stand the general geometric requirements for crystal formation by consid- 
ering the (“rent ways of packing a number of identical spheres (Ping-Pong balls, for 
example) | orm an ordered three-dimensional structure. In the simplest case, a layer 
of spheres.» be arranged as shown in Figure 10.18(a). The three-dimensional struc- 
ture can be . -nerated by placing a layer above and below this layer in such a way that 
spheres in) © layer are directly over the spheres in the layer below it. This procedure 
can be ex‘ ‘ed to generate many, many layers, as in the case of a crystal. Focusing on 
the sphere — irked with ‘‘x’’ we see that it is in contact with four spheres in its own 
layer, one here in the layer above, and one sphere in the layer below. Thus each 
sphere in» arrangement is said to have a coordination number of 6 because it has 
six immec’.‘~ neighbors. The coordination number is therefore the number of atoms 
(or ions) © *ounding an atom (or ion) in a crystal lattice. Figure 10.18(b) shows that 
the basic, © seating unit in this array of spheres is a simple cubic unit cell. 
Packing © ’siency. The packing efficiency, or percentage of the cell space occu- 
pied by th. «heres, is an important crystal property. For one thing, it determines the 
density of «© crystal. For a simple cubic cell, let a be the length of the edge of the 
cubic uni: =|! and r the radius of the spheres, so that a = 2r (Figure 10.19). Then 

aay wen 
volume of one sphere = 3 r BENG 


volume of the unit cell = a? 


Since each corner sphere is shared by eight unit cells and there are eight corners ina 
cube, there will be the equivalent of only one complete sphere inside a simple cubic 
unit cell [see Figure 10.18(c)]. We can now write 


volume of spheres inside the cell 


“ki ‘ = x 100% 
inary teas volume of the cell 
4m (a> 
= eh ed x 100% 
#3 
4na? 
7 
= cas xX 100% = — X 100% 
a 6 


= 52% 
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FIGURE 10.18 Arrangement 
of identical spheres in a simple 
cubic cell. (a) Top view of one 
layer of spheres. (b) Definition of 
a simple cubic cell. (c) Since 
each sphere is shared by eight 
unit cells and there are eight cor- 
ners in a cube, there is the equiv- 
alent of one complete sphere in- 
side a simple cubic unit cell. 


FIGURE 10.19 The relation 
between atomic radius, r, and 
edge length, a, of a simple cubic 
cell, a = 2r. 
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FIGURE 10.20 Arrangement of identical spheres in a body-centered cube. () Top view. 
(b) Definition of a body-centered cubic unit cell. (c) There are the equivalent of vo complete 
spheres inside a body-centered cubic unit cell. 


A body-centered cubic arrangement (Figure 10.20) differs from a simple cube in 
that the second layer fits into the depressions of the first layer and the third layer into 
the depressions of the second layer. The coordination number of each sphere in this 
structure is 8 (each sphere is in contact with four spheres in the layer above and four 
spheres in the layer below), and the packing efficiency is 68 percent. 


Closest Packing 


The efficiency of packing can be further increased. We start with the structvre shown in 
Figure 10.21(a), which we call the A layer. Each sphere is in contact wiih six neigh- 
bors in the same layer. In the second layer (which we call the B layer), spheres are 


packed as closely as possible to the first layer by resting them in the depressions 
between the spheres in the first layer [Figure 10.21(b)]. 

There are two ways that a third layer sphere may cover the second layer to achieve 
what is called closest packing, which refers to the most efficient arrangement for 
spheres. The spheres may fit into the depressions so that each third-layer sphere is 
directly over a first-layer sphere [Figure 10.21(c)]. Since there is no difference be- 
tween the arrangement of the first and third layers, we call the third layer the A layer. 
Alternatively, the third-layer spheres may fit into the depressions that lie directly over 
the depressions in the first layer [Figure 10.21(d)]. In this case we call the third layer 
the C layer. Figure 10.22 shows the ‘‘exploded views’’ and the resulting structures 
from these two arrangements. The ABA arrangement generates the hexagonal close- 
packed (hcp) structure, and the ABC arrangement generates the cubic close-packed 
(ccp) structure, which is also called a face-centered cube. Note that in the hep structure 
the spheres in every other layer occupy the same vertical position (ABABAB . . .); 
while in the ccp structure the spheres in every fourth layer occupy the same vertical 
position (ABCABCA .. . .). In both structures each sphere has a coordination number 
of 12 (each sphere is in contact with six spheres in its own layer, three spheres in the 
layer above, and three spheres in the layer below). The packing efficiency is the same 
for both: 74 percent. 

Figure 10.23 summarizes the relationships between atomic radius, r, and edge 
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FIGURE 10.21 (a) In a close-packed layer, each sphere is in contact with six others. 
(b) Spheres in the second layer fit into the depressions of the first-layer spheres. (c) na 
hexagonal close-packed structure, each third-layer sphere is directly over a first-layer sphere. 
(d) In the cubic close-packed structure, each third-layer sphere fits into a depression that is 
directly over a depression in the first layer. 


length, a, of a simple cubic cell (scc), a body-centered cubic cell (bec), and a face- 
centered cubic cell (fcc). ; 

Examples 10.3 and 10.4 show how unit cell dimensions are related to the density of 
the solid. 
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Exploded view 


Hexagonal close-packed 
structure 


Exploded view (b) Cubic close-packed 
structure 


FIGURE 10.22 Exploded views of (a) hexagonal close-packed structure and (b) cubic close- 
packed structure. The arrow is tilted to show the face-centered cubic unit cell more clearly. 
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FIGUR! °° 23. The relationship between the edge length and radius of atoms for simple cubic cell, body-centered cubic cell, and 
face-cer i cubic cell. 
| eal 

EX/ LE 10.3 

Gok allizes in a cubic close-packed structure (the face-centered cube). Calculate the 

dens gold, The atomic radius of gold is 144 pm. 

Ans 


From figure 10.23 we see that the relationship between edge length a and atomic radius r 
is a= V8r. Thus 


a= V8 (144 pm) = 407 pm 
The volume of the unit cell is 
‘ $ (Gee mon \ 
V =a’ = (407 pm) X eS 1x 102m 
= 6.74 x 10773 cm? 


Each unit cell has eight corners and six faces. Therefore, the total number of atoms within 
such a cell is, according to Figure 10.17, 


1 1 
8x—+6x—=4 
8 2 


Remember that density is an 
intensive property, so that it is 
the same for 1 gram or 1 mole 
of a substance. 
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The mass of a unit cell is 
4 atoms 197.0 g 1 mol 


= x 
™ TY unit cell Imol 6.02 x 10”? molecules 
= 1.31 x 10°?! g/unit cell 


Finally the density of gold is given by 


m 131% 1032! g 
d=—= = 19.4 g/cm* 
V 6.74 x 10°33 cm? “ 


This value is in excellent agreement with the experimental value of 19.3 g/em’ 


Similar problem: 10.50. 


se 


EXAMPLE 10.4 


The metal zinc has a hexagonal close-packed structure with a density of 7. \4 g/em*. 
Calculate the radius of a Zn atom in picometers. 


Answer 


First we calculate the volume of the hep structure occupied by 1 mole of Zn. \<t Viep be 
the molar volume, so that we can write 

_ molar mass of Zn 

ie density of Zn 
_ 65.39 g Zn/mol Zn 
7.14 g/cm? 

= 9.16 cm*/mol Zn 

This a molar volume, so it contains 6.02 x 107° Zn atoms. From the packing efficiency 


of hep structure, we know that 74 percent of the volume is occupied by the Zn atoms (the 
other 26 percent is empty space); that is 


volume of Zn atoms = 0.74 X 9.16 cm*/mol Zn = 6.78 cm*/mol Zn 
The volume of a single Zn atom is given by 


6.78 cm? 1 mol Zn 


1 mol Zn 6.02 X 10% Zn atoms 
= seel05- em? 


volume of one Zn atom = 


The volume of a sphere of radius r is 


so for one spherical Zn atom 


1.13 x 10-7 cm? = 4ar3 
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r= 2.70 X 107% cm? 


r= 1.39 x 10-8 cm 
= 139 pm 


This cal-ulated value is in excellent agreement with the experimentally determined value 
of 138 pm for the radius of a Zn atom. 


Similar »roblem: 10.51. 


10.5 \ ey Diffraction of Crystals 


Virtually ai! we know about crystal structure has been learned from X-ray diffraction 
studies. X-ray diffraction refers to the scattering of X rays by the units of a regular 
crystalline solid. The scattering (or diffraction) patterns obtained are used to deduce 
the arrangement of particles in the solid lattice. 

In Section 9.7 we discussed the interference phenomenon associated with waves 
(see Figure 9.22). Since X rays are one form of electromagnetic radiation, and there- 
fore waves. we would expect them to exhibit such behavior under suitable conditions. 
In 1912 thie German physicist Max von Laue? correctly suggested that, because the 


wavelengin of X rays is comparable in magnitude to the distances between lattice 
points in « crystal, the lattice should be able to diffract X rays. An X-ray diffraction 
pattern is « result of interference in the waves associated with X rays. 


Figure |0.24 shows a typical arrangement for producing an X-ray diffraction pattern 


X-ray tube 


FIGURE 10.24 An arrangement for obtaining the X-ray diffraction pattern of a crystal. The 
shield prevents the strong undiffracted X rays from damaging the photographic plate. 


+Max Theodor Felix von Laue (1879-1960). German physicist. Von Laue received the Nobel Prize in 


Physics in 1914 for his discovery of X-ray diffraction. 
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Reinforced waves are waves 
that have interacted 
constructively (see Figure 
9.22). 
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Incident rays Reflected rays 
A 
dsind C dsin@ 
e e e e e 
e e e e e 
FIGURE 10.25 Reflection of X rays from two layers of atoms. The lowe travels a 
distance 2d sin 0 longer than the upper wave does. For the two waves to be inp): igain after 
reflection, it must be true that 2d sin 0 = nd, where d is the wavelength of the X indn = 1, 
Dy ae taleuis 
of a crystal. A beam of X rays is directed at a mounted crystal. Atom: he crystal 
absorb some of the incoming radiation and then reemit it; the proces valled the 
scattering of X rays. 
To understand how a diffraction pattern may be generated, consider th tering of 
X rays by atoms in two parallel planes (Figure 10.25). Initially, the two dent rays 
are in phase with each other (that is, their maxima and minima occu! the same 
positions). The upper wave is scattered or reflected by an atom in the first ‘ayer, while 
the lower wave is scattered by an atom in the second layer. In order for these two 


scattered waves to be in phase again, the extra distance traveled by the |ower wave 
must be an integral multiple of the wavelength (A) of the X ray, that is 


BC + CD = 2d sin 0= nA n= 0, 2,3, «+0 (10.1) 


where @ is the angle between the X rays and the plane of the crystal and d is the 

distance between adjacent planes. Equation (10.1) is known as the Bragg equation after 

William H. Bragg? and Sir William L. Bragg.¢ The reinforced waves produce a dark 

spot on a photographic film for each value of @ that satisfies the Bragg equation. 
The following example illustrates the use of Equation (10.1). 


+William Henry Bragg (1862-1942). English physicist. Bragg’s work was mainly in X-ray crystallography. 
He shared the Nobel Prize in physics with his son Sir William Bragg in 1915. 


+Sir William Lawrence Bragg (1890-1972). English physicist. Bragg formulated the fundamental equation 
for X-ray diffraction and shared the Nobel Prize in physics with his father in 1915. 
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aS ST 


EXAM)’. 10.5 

X rays vavelength 0.154 nm strike an aluminum crystal; the rays are reflected at an 

angle ©: ».3°. Assuming that n = 1, calculate the spacing between the planes of alumi- 

num a! (in pm) that is responsible for this angle of reflection. The conversion factor is 
obtain vm 1 nm = 1000 pm. 

Ans\\ 

From ! tion (10.1) 

OE 
2sin@ 2sind 
1000 pm 
0.154 nm x 
Le cin 19e 
= 233 pm 

Similar » oblems: 10.67, 10.68, 10.69. 

The - diffraction technique offers the most accurate method for determining 
bond le: and bond angles in molecules in the solid state. Because X rays are 
scatterec! lectrons, chemists can construct an electron density contour map from the 
diffractic. stterns by using a complex mathematical procedure. Basically, an electron 
density ur map tells us the relative electron densities at various locations in a 
molecul: « densities reach a maximum near the center of each atom. In this man- 
ner, We ¢ ietermine the positions of the nuclei and hence the geometric parameters 
of the n ile. 

10.6 s of Crystals 

The struci.res and properties of crystals are determined by the kinds of forces that hold 
the particics together. We can classify any crystal as one of four types, ionic, covalent, 
molecular, or metallic (Table 10.5). 


lonic Crystals 


Two important characteristics of ionic crystals should be noted: (1) They are composed 
of charged species, and (2) anions and cations are generally quite different in size. 
Knowing the radii of the ions is helpful in understanding the structure and stability of 
these compounds. There is no way to measure the radius of an individual ion, but under 
favorable circumstances it is possible to estimate the radii of a number of ions. For 
example, if we know the radius of I~ in KI is about 216 pm, we can proceed to 
determine the radius of K* ion in KI, and from that, the radius of Cl~ in KCl, and so 
on. Figure 7.11 (p. 278) gives the radii of a number of ions. Keep in mind that these 
values are averaged over many different compounds. Let us consider the NaCl crystal 
which has a face-centered cubic lattice (see Figure 2.10). Figure 10.26 shows that the 
edge length of the unit cell of NaCl is twice the sum of the ionic radius of Na* and Cl-. 
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TABLE 10.5 
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Types of Crystals and General Properties 


Type of Units at Force(s) Holding the 
Crystal Lattice Points Units Together General Properties Examples 
a. me a! 
lonic Positive and Electrostatic attraction Hard, brittle, high melting NaCl, LiF, Mgt) 
negative ions point, poor conductor of 
heat and electricity 
Covalent Atoms Covalent bond Hard, high melting point, C (diamond),* SiO, (quartz) 
poor conductor of heat 
and electricity 
Molecular* Molecules or Dispersion forces, dipole— Soft, low melting point, Ar, CO:, Ib, 420, 
atoms dipole forces, hydrogen poor conductor of heat Ci2H220); (sucrose) 
bonds and electricity 
Metallic Atoms Metallic bond Soft to hard, low to high All metallic elements; 
melting point, good for example. Na, Mg, Fe, 
conductor of heat and Cu 
electricity 
€ _ 
*Included in this category are crystals made up of individual atoms. 
+Diamond is a good thermal conductor. 
mee t_=i 


FIGURE 10.26 Relation be- 
tween the radii of Na* and Cl” 
ions and the unit cell dimension. 
Here the cell edge length is equal 
to twice the sum of the two ionic 
radii. 


Using the values in Figure 7.11, we calculate the same edge length ‘o be 2(95 + 
181) pm or 552 pm. But the edge length shown in Figure 10.26 is determined by X-ray 
diffraction to be 564 pm. The discrepancy between these two values tells us that the 
radius of an ion actually varies slightly from one compound to another 

Figure 10.27 shows the crystal structures of three ionic compounds: Cs“, ZnS, and 
CaF. Because Cs* is considerably larger than Na*, CsCl has the simple cubic lattice. 
ZnS has the zincblende structure which is based on the face-centered culyic lattice. If 
the S2~ ions are located at the lattice points, the Zn?* ions are located one ‘ourth of the 
distance along each body diagonal. Other ionic compounds that have tic zincblende 
structure include CuCl, BeS, CdS, and HgS. CaF; has the fluorite structure. The Ca’* 
ions are located at the lattice points and each F” ion is tetrahedrally surrounded by four 
Ca?* ions. Compounds such as SrF>, BaF3, BaCl, and PbF, also have the fluorite 
structure. 


——————— ae 


EXAMPLE 10.6 


How many Na* and Cl ions are in each NaCl unit cell? 


Answer 


NaCI has a face-centered cubic lattice. As Figure 2.10 shows, one whole Na‘ ionis at the 
center of the unit cell and there are twelve Na* ions at the edges. Since each edge Na* ion 
is shared by four unit cells, the total number of Na* ions is 1 + (12 X 4) = 4. Similarly, 
there are six Cl” ions at the face centers and eight Cl” ions at the corners. Each face- 
centered ion is shared by two unit cells and each corner ion is shared by eight unit cells 


(see Figure 10.17), so the total number of Cl~ ions is (6 x 4) + (8 x 4) = 4. Thus there 
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FIGURE {0.27 Crystal structures of (a) CsCl, (b) ZnS, and (c) CaF2. In each case, the cation is the smaller sphere. 


are four Na* ions and four Cl” ions in each NaCl unit cell. Figure 10.28 shows the 
portions of the Na* and Cl” ions within a unit cell. 


FIGURE 10.28 Portions of Na* and CI” ions within a face-centered cubic cell. i“ 


—— ER 
EXAMPLE 10.7 
The edge length of the NaCl unit cell is 564 pm. What is the density of NaCl in g/cm*? 


Answer 


From Example 10.6 we see that there are four Na®* ions and four Cl” ions in each unit 
cell. The total mass (in amu) in a unit cell is therefore 


mass = 4(22.99 amu + 35.45 amu) = 233.8 amu 


The volume of the unit cell is (564 pm)>. The density of the unit cell is 
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density = mass/volume 


1 
(233.8 am)(——— 2 —} 
6.02 x 10° amu 


eu a ee 


1 x 10!° pm 
= 2.16 g/cm* 

Most ionic crystals have high melting points, an indication of the s cohesive 
force holding the ions together. A measure of the stability of ionic crys ihe lattice 
energy (see Section 8.3); the higher the lattice energy, the more stable ©: »mpound. 
Table 8.1 lists the lattice energies of some alkali and alkaline ear! ial halides 


together with their melting points. 


Covalent Crystals 


In covalent crystals, atoms are held together entirely by covalent bonds extensive 
three-dimensional network. Well-known examples are the two allotro of carbon: 
Diamond melts at about diamond and graphite (see Figure 7.22). In diamond each carbon atoi bonded to 
3550°C. Since this process four other atoms (Figure 10.29). The strong covalent bonds in three dim asions con- 
involves breaking strong s : es ae A 3 
covalent bonds, such a high tribute to diamond’s unusual hardness (it is the hardest material known. ‘» graphite, 
melting point is not surprising. carbon atoms are arranged in six-membered rings. The atoms are all hybridized; 
each atom is covalently bonded to three other atoms. The remaining un! bridized 2p 
orbital is used in pi bonding. In fact, in each layer of graphite there» 'ne kind of 
delocalized molecular orbital that is present in benzene (see Section ). Because 
electrons are free to move around in this extensively delocalized m ar orbital, 
graphite is a good conductor of electricity in directions along the p! of carbon 
atoms. The layers are held together by the weak van der Waals force ic covalent 
The central electrode in bonds in graphite account for its hardness; however, because the layers slide over 
— hatteries is made of —_gne another, graphite is slippery to the touch and is used as a lubricant. }i . also used in 
pa. pencils and typewriter ribbons. 

Another type of covalent crystal is quartz (SiO>). The arrangement) © .icon atoms 
in quartz is similar to that of carbon in diamond, but in quartz there is a) ygen atom 
between each pair of Si atoms. Since Si and O have different electron: tivities (see 

= 


FIGURE 10.29 (a) The struc- 
ture of diamond. Each carbon is 
tetrahedrally bonded to four 
other carbon atoms. (b) The 
structure of graphite. The dis- 
tance between successive layers 
is 335 pm. 
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S s 
P. gs, “Sos, 
LS “ 
NY 

(a) (b) 
Figure 8 . e Si—O bond is polar. Nevertheless, SiO. is similar to diamond in many 
respects, as hardness and high melting point. 
Molecw!:) Crystals 
Ina mole. + crystal, the lattice points are occupied by molecules, and the attractive 
forces be . them are van der Waals forces and/or hydrogen bonding. An example 
of a mole: crystal is solid sulfur dioxide (SO2), in which the predominant attractive 
force is « --dipole interaction. Intermolecular hydrogen bonding is mainly respon- 
sible for ‘aiming the three-dimensional ice lattice (see Figure 10.11). Other exam- 
ples of m -wlar crystals are Ih, P4, and Sg (Figure 10.30). 

In gene, except in ice, molecules in molecular crystals are packed together as 
closely a ir size and shape allow. Because van der Waals forces and hydrogen 
bonding ar: »enerally quite weak compared to the covalent and ionic bonds, molecular 
crystals are considerably less stable than ionic and covalent crystals. Indeed, most 


molecular crystals melt below 100°C. 


Metallic Crystals 


In a sense, the structure of metallic crystals is the simplest to deal with, since every 
lattice point in a crystal is occupied by an atom of the same metal. Metallic crystals are 
generally body-centered cubic, face-centered cubic, or hexagonal close-packed (Figure 
10.31). As we saw earlier, the packing efficiency of these crystal structures is quite 
high, so metallic elements are usually very dense. 

The bonding in metals is quite different from that in other types of crystals. In a 
metal the bonding electrons are delocalized over the entire crystal. In fact, metal atoms 
in a crystal can be imagined as an array of positive ions immersed in a sea of delocal- 
ized valence electrons (Figure 10.32). The great cohesive force resulting from delocali- 
zation is responsible for the strength of metals. The mobility of the delocalized elec- 
trons accounts for metals being good conductors of heat and electricity. 
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FIGURE 10.30 (a) The struc- 
ture of the Pz molecule. (b) The 
structure of the Ss molecule. 


The melting point of quartz is 
1610°C. 
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Hexagonal 
close-packed 


Body-centered cubic 


Other structures 
(see caption) 


Face-centered cubic 


FIGURE 10.31 © Crystal structures of various metals. The metals are shown in their positions in the periodic table. Mn has a cubic 
structure, Ga an orthorhombic structure, In and Sn the tetragonal structure, and Hg the rhombohedral structure. 


FIGURE 10.32 A cross section of the crystal structure of a metal. Each circled positive charge 
represents the nucleus and inner electrons of a metal atom. The gray area surrounding the 
positive metal ions indicates the mobile sea of electrons. 


10.7 Amorphous Solids 


Solids that are not crystalline in structure are said to be amorphous. Amorphous solids, 
such as glass, lack a regular three-dimensional arrangement of atoms In this section, 
we will discuss briefly some interesting and important properties of glass . 

Glass is one of civilization’s most valuable and versatile materials. It is ails one of 
the oldest—glass articles date as far back as 1000 B.c. The term glass is commonly 
used to mean an optically transparent fusion product of inorganic materials that has 
cooled to a rigid state without crystallizing. In some respects glass behaves eae: like a 
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TABLE 10.6 Composition and Properties of Three Types of Glass 


ce ES 


Name Composition Properties and Uses 

— 

Pure quartz glass 100% SiO, Low thermal expansion, transparent to wide 
range of wavelengths. Used in optical 
research. 

Pyrex glass SiOz, 60-80% Low thermal expansion; transparent to visible 

B,03, 10-25% and infrared, but not to UV radiation. Used 
Al,O3, small mainly in laboratory and household cooking 
amount glassware. 

Soda-lime glass SiOz, 75% Easily attacked by chemicals and sensitive to 

Na,O, 15% thermal shocks. Transmits visible light, but 
CaO, 10% absorbs UV radiation. Used mainly in 


windows and bottles. 
Se A SS EEE SSE 


liquid than a solid. X-ray diffraction studies show that glass lacks long-range periodic 
order. 

There are about 800 different types of glass in common use today. Table 10.6 shows 
the composition and properties of three of them. Figure 10.33 shows two-dimensional 
schematic representations of crystalline quartz and quartz glass. 

The color of glass is due largely to the presence of metal ions (as oxides). For 
example, green glass contains iron(II) oxide, Fe2O3, or copper(II) oxide, CuO; yellow 
glass contains uranium(IV) oxide, UO; blue glass contains cobalt(II) and copper(II) 
oxides, CoO and CuO; and red glass contains small particles of gold and copper. 


FIGURE 10.33 T\vo-dimensional representation of (a) crystalline quartz, ( b) noncrystalline 
quartz glass. The small spheres represent silicon. 
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Note that most of the ions are 
derived from the transition 
metals, 
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OPTICAL FIBERS 


It has been known for years that glass can be drawn into 
fibers thinner than human hair and still possess great 
mechanical strength. However, scientists and engineers 
had to wait for two recent technological advances— 
development of the laser and the perfection of high- 
purity glass—to make use of this property in communi- 
cation and medicine. The material used in these areas is 
called optical fiber. 

Figure 10.34 shows a glass fiber that acts as a me- 
dium for a beam of laser light whose source can be 
smaller than the period at the end of this sentence. Note 
that the glass fiber is able to ‘“‘bend”’ the light by inter- 
nal reflection with very little leakage through the glass. 
By varying the amplitude of the light wave, such a light 
beam can be made to carry messages just as a radio 
wave does. Theoretically, one light beam could accom- 
modate every telephone message, radio broadcast, and 
television program in North America simultaneously! 
Telephone companies use optical fibers to transmit tele- 


FIGURE 10.34 Laser light traveling along an optical fiber. 


CHEMISTRY IN ACTION 


| 
phone calls. They are cheaper than copper wir’: and 
take up much less space under city streets ‘ure 
10.35). Furthermore, optical fibers can carry fa sore 
messages and are unaffected by static electricity, » ich 
causes the background noise sometimes heard 0 ‘cle- 
phones using copper wires. 

Optical fibers are made of the same materials |... go 
into windowpanes: silica (SiO), soda (NaxCO ind 
lime (CaO). But unlike ordinary glass, which sa 
light beam in less than a meter, optical fibers for .om- 
munication transmit light over kilometers withow any 
appreciable decrease in light intensity. 

Since light stays within a fiber even when the ris 
bent, doctors sometimes use optical fibers to see © side 
parts of the human body. This procedure avoids ©» pen- 
sive and painful exploratory surgery and involve: \ess 
risk. Because these fibers are so fine, doctors ca en 


insert a fiber through a vein to photograph the ins ~ of 
a patient’s heart! 


FIGURE 10.35 The thin optical fiber can transmit the same 
number of messages as the copper wires shown with it. 
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10.8 Phas~ Changes 


The discussi¢ a Chapter 5 and in this chapter have given us an overview of the 
properties 0! three states of matter. A logical next question is how substances 
behave as the) © vange from one state to another. As temperature changes they undergo 
what is know! phase changes, or transformation from one phase to another. Mole- 
cules in the state have the most order; those in the gas phase have the greatest 
randomness know from experience that energy (usually in the form of heat) is 
required to | \bout solid-to-liquid-to-gas changes, which are accompanied by in- 
creases in ra ness or disorder. As we study phase transformations, keep in mind 
the relations setween energy change and the increase or decrease in molecular 
order. These meters will help us understand the nature of these physical changes. 


Liquid—Vay oe Equilibrium 


Vapor Pres .. Molecules in a liquid are not held in fixed positions. Although 
they lack the freedom of gaseous molecules, they are in constant motion. Because 
liquids are de than gases, the collision rate among molecules is much higher in the 
liquid phase in the gas phase. 

Figure 10) sows the kinetic energy distribution of molecules in a liquid. At any 
given temper _acertain number of the molecules in a liquid possess sufficient 
kinetic energ scape from the surface. This process is called evaporation, or vapor- 
ization. 

When a | evaporates, its molecules in the gas phase exert a vapor pressure. 
Consider the .» oaratus shown in Figure 10.37. Before the evaporation process starts, 
the mercury 's in the manometer are equal. As soon as a few molecules leave the 
liquid, a vapor ohase is established. The vapor pressure is measurable only when a fair 
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FIGURE 10.36 Kinetic energy distribution curves for molecules in a liquid at (a) a tempera- 
ture T, and (b) at a higher temperature T>. Note that at the higher temperature the curve flattens 
out. The shaded areas represent the number of molecules possessing kinetic energy equal to or 


greater than a certain kinetic energy Ey. The higher the temperature, the greater the number of 


molecules with high kinetic energy. 
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The difference between a gas 
and a vapor is explained in 
Section 5.2. 
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Rate of Dynamic 
evaporation equilibrium 
established 


a Rate of 


condensation 


FIGURE 10.38 Comparison of 
the rates of evaporation and con- 
densation at constant tempera- 
ture. 


Equilibrium vapor pressure is 
independent of the amount of 
liquid as long as there is some 
liquid present. 
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FIGURE 10.37 Apparatus for the measurement of the vapor pressure of a liquid (a) before the 
evaporation. begins and ( b) at equilibrium. In (b) the number of molecules leaving th: liquid is 
equal to the number of molecules returning to the liquid. The difference in the mercury « vels (h) 
gives the equilibrium vapor pressure of the liquid at the specified temperature. 


amount of vapor is present. The process of evaporation does not continue indefinitely, 
however. Eventually, the mercury levels stabilize and no further changes are seen. 

What happened at the molecular level? In the beginning, there is only one-way 
traffic: Molecules are moving from the liquid to the empty space. Soon the molecules 
in the space above the liquid establish a vapor phase. As the concentration of molecules 
in the vapor phase increases, some molecules return to the liquid phase, a process 
called condensation. Condensation occurs because a molecule striking the liquid sur- 
face loses some of its kinetic energy and becomes trapped by intermolecular forces in 
the liquid. 

The rate of evaporation is constant at any given temperature, and the rate of conden- 
sation increases with increasing concentration of molecules in the vapor phase. A state 
of dynamic equilibrium (when the rate of a forward process is exactly balance by the 
rate of the reverse process) is reached when the rates of condensation and evaporation 
become equal (Figure 10.38). The vapor pressure measured under dynamic equilib- 
rium of condensation and evaporation is called the equilibrium vapor pressvre. We 
often use the simpler term ‘‘vapor pressure”” when we talk about the equilibrium vapor 
pressure of a liquid. This is acceptable as long as we know the meaning of the abbrevi- 
ated term. 

It is important to remember that the equilibrium vapor pressure is the maximum 
vapor pressure a liquid exerts at a given temperature and that it is a constant at c: ynstant 
temperature. Vapor pressure does, however, change with temperature. Plots of vapor 
pressure versus temperature for three different liquids are shown in Figure 10.39. From 
the distribution curve in Figure 10.36 we know that the number of molecules with 
higher kinetic energies is greater at the higher temperature, and that therefore so is the 
evaporation rate. For this reason, the vapor pressure of a liquid always increases with 


temperature. For example, the vapor pressure of water is 17.5 mmHg at 20°C, but it 
rises to 760 mmHg at 100°C (see Figure 5.16). 


Heat of Vaporization and Boiling Point 


A measure of how strongly molecules are held in a liquid is its molar heat of vaporiza- 
tion (AH vap)s defined as the energy (usually in kilojoules) required to vaporize ! mole 
of a liquid. The molar heat of vaporization is directly related to the strength of intermo- 
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i Ethyl ether Water Mercury 


Vapor pressure (atm) 


200 357 400 
Temperature (°C) 


ee ee 


A 


FIGURE 10.88 The increase in vapor pressure with temperature for three liquids. The normal 
boiling points of the liquids (at 1 atm) are shown on the horizontal axis. 


lecular forces that exist in the liquid. If intermolecular attraction is strong, then mole- 
cules in a liquid cannot easily escape into the vapor phase. Consequently, the liquid has 
a relatively low vapor pressure and a high molar heat of vaporization because much 
energy is needed to increase the kinetic motion of individual molecules to free them 
from intermol«cular attraction. 

The quantity AHyap) can be determined experimentally. As Figure 10.39 shows, 
vapor pressure increases with increasing temperature. The quantitative relationship 
between the vapor pressure P of a liquid and the absolute temperature T is given by the 
Clausiust—Clapeyront equation 


In P= _ Se iG (10.2) 
RT 
where In is the natural logarithm, R is the gas constant (8.314 J/K- mol), and C is a 
constant. In terms of common, or base 10 logarithms, Equation (10.2) can be written 
as follows: 


log P= — 


The factor 2.303 converts common logs to natural logs (see Appendix 4). The 


Clausius—Clapeyron equation has the form of the linear equation y = ™x tr 


Care 


pelea pags 
b 


= m oh 


In P 


{Rudolf Julius Emanuel Clausius (1822-1888). German physicist. Clausius’s work was mainly in electric- 


ity, kinetic theory of gases, and thermodynamics. 


sent Paul Emile Clapeyron (1799-1864). French engineer. Clapeyron 
namic aspects of steam engines. 


made contributions to the thermo- 
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If you have a scientific 
calculator, you will probably 
find it easier to work with 
natural logarithms. 
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()HsOC3Hs 


b reeenmege 


1/T 


FIGURE 10.40 Plots of In P 
versus 1/T for water and ethyl 
ether. 


Figure 10.40 shows that by plotting In P versus 1/7, we obtain a straight 
slope (which is negative) equal to —AHya)/R. Table 10.7 lists the AH,.,, v: 
number of common liquids. 
The Clausius—Clapeyron equation can be used in a different way. Suppose 
AH,ap is independent of the values of AH,,,, and P of a liquid at one temperature. We can calculate 


temperature. pressure of the liquid at a different temperature as follows. At temperatures 


the vapor pressures are P; and P>. From Equation (10.2) we can write 


vap 


In-Py == #0 


vap 


In P2 = — 


ra: 
2 


Subtracting Equation (10.4) from Equation (10.3) we obtain 


AM\, 
In P; — In Py = “? ( =a 
RT, Tp 
AF vay ( fire * ) 
REST 


TABLE 10.7 Molar Heats of Vaporization for Selected Liquids 


Boiling Point* AA yap 
Substance (°C) (kJ/mol) 

Argon (Ar) — 186 6.3 
Methane (CHy) —164 9.2 
Ethyl ether (C)H;0C>Hs) 34.6 26.0 
Ethanol (C;H;OH) 78.3 39.3 
Benzene (C¢Hg) 80.1 31.0 
Water (H,0) 100 40.79 
Mercury (Hg) 357 59.0 


e with 
sofa 


know 
» vapor 
ind T> 


(10.3) 


(10.4) 


i. (Ee 


*Measured at | atm. 


i 
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Hence 
hoe ee 1 ) 
Py aR GSE eS) 

The follo example illustrates the use of Equation (10.5). 

EXAMPL 8 

The vapor e of ethyl ether is 401 mmHg at 18.0°C. Calculate its vapor pressure at 

Ba0rC. 

Answer 

From Tabi . AA yay = 26.0 kJ/mol = 26,000 J/mol. The data are 

P, = 401 mmHg P3=? 
T, = 18.0°C = 291 K Tz = 32.0°C = 305 K 

From Equa 10.5) we have 

401 26,000 J/mol ( 1 1 ) 
n = —— | —__ — — 
P» 8.314 J/K-mol ‘305K 291K 
Taking the »g of both sides (see Appendix 4), we obtain 
401 
— = 0.6106 
P2 
Hence 
P, = 657 mmHg 

Similar pro : 10.107. 

A practical way to demonstrate the molar heat of vaporization is by rubbing alcohol 
on your hands. The heat from-your hands increases the kinetic energy of the alcohol 
molecules. The alcohol evaporates rapidly, thus extracting heat from your hands and 
cooling them. The process is similar to perspiration, which is one of the effective 


Means by which the human body maintains a constant temperature. Because of the 
strong intermolecular hydrogen bonding that exists in water, a considerable amount of 
energy is needed to vaporize the water of perspiration from the body’s surface. This 
energy is supplied by the heat generated in various metabolic processes. 

You have already seen that the vapor pressure of a liquid increases with tempera- 
ture. For every liquid there exists a temperature at which it begins to boil. The boiling 
Point is the temperature at which the vapor pressure of a liquid is equal to the external 
Pressure. The normal boiling point of a liquid is the boiling point when the external 
Pressure is 1 atm. — 

At the boiling point bubbles form within the liquid. When a bubble forms, the liquid 
originally occupying that space is pushed aside, and the level of the liquid in the 
Container is forced to rise. The pressure exerted on the bubble is largely atmospheric 
Pressure, plus some hydrostatic pressure (that is, pressure due to the presence of 
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Putting it another way, above 

the critical temperature there 
is no fundamental distinction 

between a liquid and a gas— 

we simply have a fluid. 


Keep in mind that 
intermolecular forces are 
independent of temperature, 
whereas the kinetic energy of 
molecules increases with 
temperature. 
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liquid). The pressure inside the bubble is due solely to the vapor pressure of the liquid. 
When the vapor pressure becomes equal to the external pressure, the bubble rises to the 
surface of the liquid and bursts. If the vapor pressure in the bubble were lower than the 
external pressure, the bubble would collapse before it could rise. We can thus conclude 
that the boiling point of a liquid depends on the external pressure. (We usually ignore 


the small contribution due to the hydrostatic pressure.) For example, at 1 atm water 
boils at 100°C, but if the pressure is reduced to 0.5 atm, water boils at only 82°C, 
Since the boiling point is defined in terms of the vapor pressure of the liquid, we 


expect the boiling point to be related to the molar heat of vaporization: The hiyher the 
AA», the higher the boiling point. The data in Table 10.7 roughly confirm our predic- 
tion. Ultimately, both the boiling point and AHy,, are determined by the strength of 
intermolecular forces. For example, argon (Ar) and methane (CHy), which have weak 
dispersion forces, have low boiling points and small molar heats of vaporization. Ethyl 
ether (C)H;0C>Hs) has a dipole moment, and the dipole—dipole forces account for its 
moderately high boiling point and AH,,,. Both ethanol (C)HsOH) and wai r have 
strong hydrogen bonding, which accounts for their high boiling points and lar; AA yap 


values. Strong metallic bonding causes mercury to have the highest boiling point and 
AH ap of this group of liquids. Interestingly, the boiling point of benzene, which is 
nonpolar, is comparable to that of ethanol. Benzene has a large polarizability Cue to its 
electrons in the delocalized pi molecular orbitals, and the dispersion forces among 


benzene molecules can become as strong as or even stronger than dipole—dipole forces 
and/or hydrogen bonds. 


Critical Temperature and Pressure. The opposite of evaporation is condensa- 


tion. In principle, a gas can be made to liquefy by either one of two techniques. By 
cooling a sample of gas we decrease the kinetic energy of its molecules, and eventually 
molecules aggregate to form small drops of liquid. Alternatively, we may apply pres- 


sure to the gas. Under compression, the average distance between molecules is reduced 
so that they are, in this way too, held together by mutual attraction. Industrial |iquefac- 
tion processes described in the Chemistry in Action at the end of this section use a 
combination of these two methods. 

Every substance has a temperature, called the critical temperature (T.), above 
which its gas form cannot be made to liquefy, no matter how great the applicd pres- 
sure. This is also the highest temperature at which a substance can exist as « liquid. 
The minimum pressure that must be applied to bring about liquefaction at the critical 
temperature is called the critical pressure (P,). The existence of the critical tempera- 
ture can be qualitatively explained as follows. The intermolecular attraction is a finite 
quantity for any given substance. At temperatures below T,, this force is sufficiently 
strong to hold the molecules together (under some appropriate pressure) in a liquid. 
Above T,., molecular motion becomes so energetic that the molecules can always break 
away from this attraction. Figure 10.41 shows what happens when sulfur hexafluoride 
a eo: above its critical temperature (45.5°C) and then cooled down to below 

Table 10.8 lists the critical temperatures and critical pressures of a number of com- 


mon substances. The critical temperature of a substance is determined by the strength 
of its intermolecular force. Substances such as benze! 


which have strong intermolecular forces, also have 
pared to the other substances listed in the table. 


ne, ethanol, mercury, and water, 
high critical temperatures com- 
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(d) 
FIGURE 10.4 rhe critical phenomenon of sulfur hexafluoride. (a) Below the critical temperature. (b) Above the critical tempera- 
ture. Note t/ liquid phase disappears. (c) The substance is cooled just below its critical temperature. The fog represents the 


condensatior ipor. (d) Finally the appearance of the liquid phase. 


TABLE (0.2 Critical Temperatures and Critical Pressures of Selected 
Substanc« 


be 
Substance T. (°C) P.. (atm) 
ee : 
monia (NH3) 132.4 111.5 
\rgon (Ar) —186 6.3 
nzene (CsHe6) 288.9 47.9 
rbon dioxide (CO?) 31.0 73.0 
hanol (C;HsOH) 243 63.0 
Ethyl ether (C3H;0C3Hs) 192.6 35.6 
Molecular hydrogen (H2) =239°9 12.8 
Mercury (Hg) 1462 1036 
Methane (CH4) —83.0 45.6 
Molecular nitrogen (N2) —147.1 33.5 
Molecular oxygen (O3) —118.8 49.7 
Sulfur hexafluoride (SFg) 45.5 37.6 
Water (H;0) 374.4 219.5 


434 10 / INTERMOLECULAR FORCES AND LIQUIDS AND SOLIDS 


CHEMISTRY IN ACTION 


LIQUEFACTION OF GASES 
LS — 


The discussion of critical temperature and boiling point _ the synthesis of ammonia (see Section 14.6), to provide 
has a direct bearing on the liquefaction of gases such as__ an inert atmosphere in the iron and steel industr,. as a 
nitrogen and oxygen. Figure 10.42 shows the sche- _ blanketing gas in the electronics industry (it {> ns a 
matic diagram of an apparatus for liquefying gases on _ protective layer of silicon nitride over silicon ch’ +), as 
the industrial scale. The gas is first compressed in the a refrigerant, and in food processing. Liquid nitr> °n is 
compressor and then allowed to pass down a long spiral _ used in low temperature research. 

tube. As the pressurized gas exits through a nozzle into 
a low pressure region it expands rapidly. As it does, the 
average kinetic energy of the molecules decreases since 
they must overcome intermolecular attractive forces in 
moving away from each other. In Chapter 5 we saw 
that the average kinetic energy of a gas is directly pro- 
portional to the absolute temperature of the gas [Equa- 
tion (5.13)]. Thus the expansion causes cooling of the 
gas. The cooler gas is then pumped back into the com- 
pressor and the process is repeated. With each succes- 
sive expansion the temperature of the gas drops until it 
is below its critical temperature. When the temperature 
of the gas finally falls below its boiling point, liquid 
begins to drip out of the nozzle. 

Air, which is about 80 percent nitrogen and 20 per- 
cent oxygen by volume, is liquefied in this manner. 
The boiling points of liquid oxygen and nitrogen are 
—183°C and —196°C, respectively. Since oxygen has 
the higher boiling point, its gas will condense first, and 
liquid oxygen can be conveniently removed from the 
mixture. The remaining gas, nitrogen, will then con- 
dense when the lower temperature is reached. 

Oxygen gas is used in steelmaking and other metal- 
lurgical processes; in the production of titanium diox- 
ide (TiO2), which is the white pigment in paint; in the 
preparation of many organic compounds; for sewage 
treatment; and for medicinal treatment (for example, 
oxygen tents in hospitals). Liquid oxygen (see Figure 
9.21) is used as a rocket fuel. Nitrogen gas is used in FIGURE 10.42 The Linde process for liquefying air. 


_—__——4 
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Liquid—So!id Equilibrium 


The transfor<‘ion of liquid to solid is called freezing, and the reverse process is called 
melting or firs 0”. The melting point of a solid (or the freezing point of a liquid) is the 
temperature hich solid and liquid phases coexist in equilibrium. The normal melt- 
ing point (or ‘ic normal freezing point) of a substance is the melting point (or freezing 
point) measti at | atm pressure. We generally omit the word *‘normal’’ in referring 
to the meltir » point of a substance at 1 atm. 

The mos: \*/niliar liquid—solid equilibrium occurs between water and ice. At 0°C 
and 1 atm, ‘)° dynamic equilibrium is represented by 


ice == water 


A practical i!) stration of this dynamic equilibrium is provided by a glass of ice water. 
As the ice c melt to form water, some of the water between ice cubes may freeze, 
thus joining ‘) cubes together. This is not a true dynamic equilibrium; since the glass 
is not kept C, all the ice cubes will eventually melt away. 

Because cules are more strongly held in the solid state than in the liquid state, 
heating is re -d to bring about the solid—liquid phase transition. The energy (usually 
in kilojoules guired to melt I mole of a solid is called the molar heat of fusion 
(AH jus). Ta 10.9 shows the molar heats of fusion for the substances listed in Table 
10.7. A con son of the data in the two tables shows that AH, is smaller than AH), 
for the same sbstance. This is consistent with the fact that molecules in a liquid are 
still fairly c y packed together, so that some energy is needed to bring about the 
rearrangeme. ‘rom solid to liquid. On the other hand, when a liquid evaporates, its 
molecules } 1e completely separated from one another and considerably more en- 
ergy is requ to overcome the attractive force. 

Heating av. Jooling Curves. Heating curves such as the one shown in Figure 
10.43 are he\/ul in the study of phase transitions. When a solid sample is heated, its 
temperature \~reases gradually until point A is reached. At this point, the solid begins 
to melt. During the melting period (A —> B), the first flat portion of the curve in 


Figure 10.43. heat is being absorbed by the system, yet its temperature remains con- 


TABLE 10.9 Molar Heats of Fusion for Selected Substances 


Lee 
Melting Point* AA jus 
Substance (°C) (kJ/mol) 
Argon (Ar) —190 1.3 
Methane (CHg) —183 0.84 
Ethyl ether (C)Hs0C2Hs) —116.2 6.90 
Ethanol (C;Hs;OH) -117.3 7.61 
Benzene (CgH6) tis) 10.9 
Water (HO) 0 6.01 
=39 23.4 


Mercury (Hg) 


“Measured at 1 atm. 


OOO 
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“Fusion” refers to the process 
of melting. Thus a “fuse” 
breaks an electrical circuit 
when a metallic strip melts 
due to the heat generated by 
excessively high electrical 
current, 
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FIGURE 10.43 A typical heat- 
ing curve, from the solid phase 
through the liquid phase to the 
gas phase of a substance. Be- 
cause AHy,; is usually smaller 
than AH,q,, a substance melts in 
less time than it takes to boil. 
This explains why AB is shorter 
than CD. The steepness of the 
solid, liquid, and vapor heating 
lines is determined by the spe- 
cific heat of the substance in 
each state. 
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Boiling point 


Liquid and vapor 
in equilibrium 


2 
2 
3 
& 
& 
by 
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3 
= 


Melting point 


Solid and liquid 
in equilibrium 


stant. The heat helps the molecules overcome the attractive forces in the solid. Once 
the sample has melted completely (point B), the heat absorbed increases the average 
kinetic energy of the liquid molecules, and the liquid temperature rises (B ——> C). 
The vaporization process (C ——> D) can be explained similarly. The temperature 
remains constant during the period when the increased kinetic energy is overcoming 
the cohesive forces in the liquid. When all molecules are in the gas phase, the tcmpera- 
ture rises again. 

As we would expect, the cooling curve of a substance is the reverse of its heating 
curve. If we remove heat from a gas sample at a steady rate, its temperature decreases. 


As the liquid is being formed, heat is given off by the system, since its potential energy 
is decreasing. For this reason, the temperature of the system remains constant over the 
condensation period (D —— C). After all the vapor has condensed, the temperature 


of the liquid begins to drop. Continued cooling of the liquid finally leads to freezing 
(B —> A). 

A liquid can be temporarily cooled to below its freezing point. This phenomenon, 
called supercooling, may occur when heat is removed from a liquid so rapidly that the 
molecules literally have no time to assume the ordered structure of a solid. A super- 
cooled liquid is unstable; gentle stirring or the addition to it of a small ‘‘seed”’ crystal 
of the same substance will cause it to solidify quickly. 


Solid—Vapor Equilibrium 


Solids, too, may undergo evaporation and, therefore, possess a vapor pressure. Con- 
sider the following dynamic equilibrium: 


solid == vapor 


The process in which molecules go directly from the solid into the vapor phase is called 
sublimation, and the reverse process (that is, from vapor directly to solid) is called 
deposition. Naphthalene (the substance used to make moth balls) has a fairly high 
(equilibrium) vapor pressure for a solid (1 mmHg at 53°C); thus its pungent vapor 
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FIGURE 10.44 Solid iodine in equilibrium 


with its vapor at room temperature. 


quickly permeates an enclosed space. Because molecules are more tightly held in a 

Solid, its vapor pressure is generally much less than that of the corresponding liquid. 
Figure 10.44 shows another volatile solid, molecular iodine, in equilibrium with its 
vapor. The energy (usually in kilojoules) required to sublime 1 mole of a solid, called 
the molar he«! of sublimation (AH,,») of a substance, is given by the sum of the molar 
heats of fusion and vaporization: 


AA guy = AAfus + AA vap (10.6) 


Equation (10.6) is an illustration of Hess’s law (see Section 4.5). The enthalpy, or heat 

change, for the overall process is the same whether the substance changes directly from 

the solid to the vapor form or goes from solid to liquid and then to vapor. (The 

Chemistry in Action on p. 439 gives some practical examples of sublimation.) 
Figure 10.45 summarizes the types of phase changes discussed in this section. 
The following examples deal with energy relationships in phase changes. 


EXAMPLE 10.9 Sakae e bo 
How much heat (in kilojoules) is required to melt 86.0 g of ice at 0°C? 


Answer ; Tite 
We need to convert 86.0 g into moles. Then, with the molar heat of fusion ES to 
10.9, we can calculate the amount of heat required for the melting process: 
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Equation (10.6) holds only if all 
the phase changes occur at 
the same temperature. If not, 
the equation can be used only 
as an approximation. 


Condensation 


¢ 
} 
3g 
s 
N 
.I 
ce) 
a 
so 
> 


Temperature 
Sublimation 
Deposition 


FIGURE 10.45) The various 
phase changes that a substance 
can undergo. 
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1 mol H,O & 6.01 kJ 
18.02 g H,O 1 mol H,O 


heat required = 86.0 g H,O x 


= 28.7 kJ 


Similar problem: 10.95. 


Fei Te 
EXAMPLE 10.10 


Calculate the amount of energy (in kilojoules) needed to heat 346 g of liquid wa 
liquid range and the specific heat of steam is 1.99 Tee 2G; 
Answer 


The calculation can be broken down into three steps. 
Step 1: Heating water from 0°C to 100°C 
Using Equation (4.3) we write 


qi = mpAt 
= (346 g)(4.184 J/g - °C\(100°C — 0°C) 
= 1.45 x 10°J 
= 145 kJ 
Step 2: Evaporating 346 g of water at 100°C 
In Table 10.7 we see Aya) = 40.79 kJ/mol for water, so 


1 mol H,0 2 40.79 kJ 


q2 = 346 g HO x 
18.02¢H,0 1 mol H,0 


= 783 kJ 
Step 3: Heating steam from 100°C to 182°C 


93 = mpAt 


= 346 g)(1.99 Ig - °C\(182°C — 100°C) 
= 5.65 x 10°] 
= 56.5 kJ 


The overall energy required is given by 


overall = 4, + qa + RB 
= 145 KI + 783 kJ +.56.5 kg 
= 985 kJ 


Similar problem: 10.96. 


°C to 182°C. Assume that the specific heat of water is 4.184 J/g + °C over th 


ta 
Of the t ypes of phase changes (melting, vaporiza- 
tion, and © >limation) discussed in Section 10.8, subli- 


mation least familiar to the nonscientist. Yet the 


sublima’ »rocess plays many important roles in our 
daily lis wo examples are discussed here. 
Freeze ied Coffee 

Better qi instant coffee is often made by a *‘freeze- 
drying’ edure. A batch of freshly brewed coffee is 
frozen < en placed in a container from which air is 
remove : vacuum pump. The vacuum causes the 
ice con nt to sublime. When most of the ice has 
been re ed, the freeze-dried coffee is ready for 
packagi reeze drying has an important advantage 
over ot iethods of instant coffee processing—the 
molecu sponsible for the flavor are not destroyed, 


as they vhen coffee is dried by prolonged heating. 


Further freeze-dried coffee has a long shelf life 
and we ess than other forms of coffee. 

Cloud s:eding 

For centuries, people have talked about the weather but 
could do ‘ttle to control it. To be sure, global weather 
pattern: very complex, and our knowledge is still 
limited, .o that we cannot always predict the weather 
accuratels,, let alone control it. Nevertheless, in recent 


years thers have been a number of attempts to change 
weather in small, localized regions. We cannot convert 
gloomy. rainy days into bright, sunlit ones, but it is 
sometimes possible to induce a downpour from an 
overcast sky. Clouds consist of fine water droplets. In 
order for these droplets to aggregate and form rain- 
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The overall relationships among the solid, liq 
sented in a single graph known as a phase diagr 
conditions at which a substance exists as a solid, 
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CHEMISTRY IN ACTION 


FREEZE-DRIED COFFEE AND CLOUD SEEDING 


drops, nuclei—small particles onto which water mole- 
cules can cluster—must be present in the clouds. In 
principle, ice crystals, which can act as nuclei for pre- 
cipitation, should form at 0°C. However, because of 
supercooling, they seldom develop unless the tempera- 
ture drops below — 10°C. To promote ice crystal forma- 
tion, clouds are sometimes seeded by dispersing granu- 
lated Dry Ice (a trademark for solid carbon dioxide), 
which is dispersed into the clouds from an airplane. 
When solid carbon dioxide sublimes, it absorbs heat 
from the surrounding clouds and reduces the tempera- 
ture to and below that required for ice crystal forma- 
tion. Consequently, the presence of Dry Ice can often 
induce a small-scale rainfall (Figure 10.46). 


FIGURE 10.46 Effects produced by seeding a cloud deck 
with Dry Ice. Within an hour a hole (showing the disappear- 
ance of cloud) developed in the seeded area. 


uid, and vapor phases are best repre- 
am. A phase diagram summarizes the 
liquid, or gas. In this section we will 


briefly discuss the phase diagrams of water and carbon dioxide. 
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—78°C —57°C 
Temperature 


FIGURE 10.48 The phase dia- 
gram of carbon dioxide. This 
diagram differs from Figure 
10.47(a) in that the solid—liquid 
boundary line has a_ positive 
slope. The triple point is at 
5.2 atm and —57°C. The liquid— 
vapor line does not extend be- 
yond the critical temperature of 
CO>. As you can see, the liquid 
phase is not stable below 
5.2 atm, so that only the solid 
and vapor phases of carbon di- 
oxide can exist under atmos- 
pheric conditions. 
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Liquid 


Temperature / 


Increased 
boiling 
point 

(b) 


Decreased 


o 
100°C melting point 


xe 
Temperature 


(a) 


FIGURE 10.47 (a) The phase diagram of water. Each solid line between two phases specifies 


the conditions of pressure and temperature under which the two phases can exist in equilibrium. 
The point at which all three phases can exist in equilibrium (0.006 atm and 0.01°C) is called the 
triple point. Note that the liquid—vapor line extends only to the critical temperature oj water. 
(b) This phase diagram tells us that increasing the pressure on ice lowers its melting point and 
that increasing the pressure of liquid water raises its boiling point. 

Water 

Figure 10.47(a) shows the phase diagram of water. The graph is divided into three 
regions, each of which represents a pure phase. The line separating any two regions 
indicates conditions under which these two phases can exist in equilibrium. For exam- 
ple, the curve between the liquid and vapor phases shows the variation of vapor pres- 


sure with temperature. (Compare this curve with Figure 10.39.) The other two curves 
similarly indicate conditions for equilibrium between ice and liquid water and between 
ice and water vapor. The point at which all three curves meet is called the triple point. 
For water, this point is at 0.01°C and 0.006 atm. This is the only condition under 
which all three phases can be in equilibrium with one another. 

Phase diagrams enable us to predict changes in the melting point and boiling point 
of a substance as a result of changes in the external pressure; we can also anticipate 
directions of phase transitions brought about by changes in temperature and pressure. 
The normal melting point and boiling point of water, measured at 1 atm, are 0°C and 
100°C, respectively. What would happen if the melting and boiling were carried out at 
some other pressure? Figure 10.47(b) shows clearly that increasing the pressure above 
1 atm will raise the boiling point and lower the melting point. A decrease in pressure 
will lower the boiling point and raise the melting point. 


Carbon Dioxide 


The phase diagram of carbon dioxide (Figure 10.48) is generally similar to that of 


water, with one important exception—the slope of the curve between solid and liquid 


is positive. In fact, this holds true for almost all other substances. Water behaves 


differently because ice is less dense than liqui i i 
dioxide is at 5.2 atm and —57°C, yan “quid water. The triple point of carbon 
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FIGURE 10.49 At room temperature Dry 
Ice does not melt; it can only sublime. 


An interesting observation can be made about the phase diagram in Figure 10.48. 
As you can see, the entire liquid phase lies well above atmospheric pressure; therefore, 
it is impossible for solid carbon dioxide to melt at 1 atm. Instead, when solid CO; is 


heated to — 


78°C at 1 atm, it sublimes. In fact, solid carbon dioxide is called Dry Ice 
because it looks like ice and does not melt (Figure 10.49). 


Phase equilibria are affected by external pressure. De- 
pending on atmospheric conditions, the boiling point 
and freezing point of water may deviate appreciably 
from 100°C and 0°C, respectively, as we see below. 


Hard-Boiling an Egg on a Mountaintop 


Suppose you have just scaled Pike’s Peak in Colorado. 
To help regain your strength following the strenuous 
work, you decide to hard-boil an egg and eat it. To your 
surprise, water seems to boil more quickly than usual 
but, after ten minutes in boiling water, the egg is still 
not cooked. A little knowledge of phase equilibria 
could have saved you the disappointment of cracking 
open an uncooked egg (especially if it is the only egg 
you brought with you). The summit of Pike’s Peak is 


CHEMISTRY IN ACTION 


HARD-BOILING AN EGG ON A MOUNTAINTOP, PRESSURE COOKERS, AND ICE SKATING 


14,000 ft above sea level. At this altitude, the atmos- 
pheric pressure is only about 0.6 atm. From Figure 
10.47(b), we see that the boiling point of a liquid de- 
creases with decreasing pressure, so at the lower pres- 
sure water will begin to boil at about 86°C. However, it 
is not the boiling action but the amount of heat deliv- 
ered to the egg that does the actual cooking and the 
amount of heat delivered is proportional to the tempera- 
ture of the water. For this reason, it would take consid- 
erably longer, perhaps 30 minutes, to hard-cook your 


egg. 


Pressure Cookers 


The effect of pressure on boiling point also explains 
why pressure cookers save time in the kitchen. A pres- 
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sure cooker is a sealed container which allows steam to 
escape only when it exceeds a certain pressure. The 
pressure above the water in the cooker is the sum of the 
atmospheric pressure and the pressure of the steam. 
Consequently, the water in the pressure cooker will 
boil above 100°C and the food in it will be hotter and 
cook faster. 


Ice Skating 

Let us now turn to the ice—water equilibrium. The neg- 
ative slope of the solid—liquid curve means that the 
melting point of ice decreases with increasing external 
pressure, as shown in Figure 10.47(b). This phenome- 
non makes ice skating possible. Because skates have 
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FIGURE 10.50 The pressure exerted by the skai 
lowers its melting point, and the film of water form 
the blades acts as a lubricant between the skate anc 


very thin runners, a 130-Ib person can exert a | 
equivalent to 500 atm on the ice. (Remember th 
sure is defined as force per unit area.) Consequ: 
a temperature lower than 0°C the ice under th: 
melts and the film of water formed under the 
facilitates the movement of the skater over ice 
10.50). Calculations show that the melting poi 
decreases by 7.4 x 10-7 °C when the pres: 
creases by | atm. Thus, when the pressure exe 
the ice by the skater is 500 atm, the melting poi 
to —(500 x 7.4 x 107), or —3.7°C. Outdoor 
is possible, however, even when the temperatur 


below —20°C because friction between the blac 


the ice helps to melt the ice. 


SUMMARY 


1. All substances exist in one of three States: 
ence between the condensed state and the 
tion between molecules. 

2. Intermolecular forces act between molecule 
erally, these forces are much weaker than 


1 ice 
nder 


ice. 


sure 
res- 
, at 
ates 
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rure 
f ice 

in- 
| on 
alls 


ting 


rops 
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bonding forces. 


gas, liquid, or solid. The major differ- 
gaseous state is the distance of separa- 


S or between molecules and ions. Gen- 


1, 


12. 


15. 


. At the boiling point, the vapor pressure ofa 


SUMMARY 

. Dipole—dipole forces and ion—dipole forces attract molecules with dipole mo- 
ments. 

. Dispersion forces are the result of temporary dipole moments induced in ordinarily 
nonpola: olecules. The extent to which a dipole moment can be induced in a 
molecule »s called its polarizability. The term *‘van der Waals forces’’ refers to the 
total eff.’ of dipole-dipole, dipole—induced dipole, and dispersion forces. The 
van der “ sals radius is one-half the distance at which these net attractive forces 
are at t! maximum between nonbonded atoms. 

. Hydroge: »onding is a relatively strong dipole—dipole force that acts between a 
polar b ontaining a hydrogen atom and the bonded electronegative atoms, O, 
N, or I drogen bonds between water molecules are particularly strong. 

. Liquids | to assume a geometry that ensures the minimum surface area. Surface 
tension © energy needed to expand a liquid surface area; strong intermolecular 
forces le. to greater surface tension. 

. Viscosit a measure of the resistance of a liquid to flow; it decreases with 
increasiny ‘emperature. 

. Water n ules in both the solid and liquid states form a three-dimensional net- 
work in » sich each oxygen atom is covalently bonded to two hydrogen atoms and 
is hydr¢ bonded to two hydrogen atoms. This unique structure accounts for the 
fact that is less dense than liquid water, a property that allows life to survive 
under the ice in ponds and lakes in cold climates. 

. Water is «<0 ideally suited for its ecological role by its high specific heat, another 
property “parted by its strong hydrogen bonding. Large bodies of water are able 
to mode’ ‘© the climate by giving off and absorbing substantial amounts of heat 
with on!, small changes in the water temperature. 

. All solids are either crystalline (with a regular structure of atoms, ions, or mole- 
cules) o: amorphous (without this regular structure). Glass is an example of an 
amorph solid. 

Any cr} structure can be classified as one of seven basic types, built up of unit 
cells tha’ ec repeated throughout the crystal. X-ray diffraction has provided much 
of our k»owledge about crystal structure. 

The four ‘ypes of crystals and the forces that hold their particles together are ionic 
crystals, !ield together by ionic bonding; covalent crystals, covalent bonding; mo- 
lecular eystals, van der Waals forces and/or hydrogen bonding; and metallic crys- 
tals, metallic bonding. 


. A liquid in a closed vessel eventually establishes a dynamic equilibrium between 


evaporation and condensation. The vapor pressure over the liquid under these 
conditions is the equilibrium vapor pressure, which is often referred to simply as 
“vapor pressure.”’ 

liquid equals the external pressure. 
The molar heat of vaporization of a liquid is the energy required to vaporize 1 
mole of the liquid. It can be obtained by measuring the vapor pressure of the liquid 
as a function of temperature and using the Clausius—Clapeyron equation [Equation 
(10.2)]. The molar heat of fusion of a solid is the energy required to melt 1 mole of 
the solid. 

The relationships among the phases of a single substance are represented by a 
phase diagram, in which each region represents a pure phase and the boundaries 
between the regions show the temperatures and pressures at which the two phases 
are in equilibrium. At the triple point, all three phases are in equilibrium. 
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EXERCISES 
INTERMOLECULAR FORCES 
REVIEW QUESTIONS 


10.1 


10.2 


10.6 


10.7 


10.8 
10.9 


Define the following terms and give an example for 
each category: (a) dipole-dipole interaction, (b) di- 
pole—induced dipole interaction, (c) ion—dipole inter- 
action, (d) dispersion forces, (e) van der Waals forces. 
Explain the term ‘‘polarizability’’. What kind of mole- 
cules tend to have high polarizabilities? What is the 
relationship between polarizability and intermolecular 
forces? 

How does the van der Waals radius differ from atomic 
and ionic radius? Describe one practical use of this 
radius. 

Explain the difference between the temporary dipole 
moment induced in an atom or a molecule and the per- 
manent dipole moment in a polar molecule. 

Give some evidence that all neutral atoms and mole- 
cules exert attractive forces on one another. 

What type of physical properties would you need to 
consider in comparing the strength of intermolecular 
forces in solids and in liquids? 

Which elements are able to take part in hydrogen 
bonding? 

Why is ice less dense than water? 

Outdoor water pipes have to be drained or insulated in 
winter in a cold climate. Why? 


PROBLEMS 


10.10 The compounds Br; and ICI have almost the same 


molar masses, yet Br. melts at —7.2°C, whereas IC] 
melts at 27.2°C. Explain. 


10.11 


10.12 


10.13 


10.14 


10.15 


10.16 


10.17 


If you lived in Alaska, state which of the following 
natural gases you would keep in an outdoor storage 
tank in winter and explain why: methane (CH4), pro- 
pane (C3Hg), or butane (C4Hjo) 

The binary hydrogen compounds of the Group 4A ele- 
ments are CH, (—162°C), SiH, (—112°C), GeHy 
(—88°C), and SnHy (—52°C). The temperatures in pa- 
rentheses are the corresponding boiling points. Explain 
the increase in boiling points from CH, to SnHy. 
List the types of intermolecular forces that exist among 
molecules (or basic units) in each of the following spe- 
cies: (a) benzene (CgH,), (b) CH3Cl, (c) PFs, 
(d) NaCl, (e) CS. 

Ammonia is both a donor and an acceptor of lvydrogen 
in hydrogen bond formation. Draw a diagram to show 
the hydrogen bonding of an ammonia molecule with 
two other ammonia molecules. 

Which of the following species are capable of hydro- 
gen bonding among themselves? (a) CoH,, (b) HI, 
(c) KF, (d) BeHp, (e) CH;COOH 

Arrange the following in order of increasing boiling 
point: RbF, CO), CH3;OH, CH3Br. Explain your 
choice. 

Diethyl ether has a boiling point of 34.5°C and 
1-butanol has a boiling point of 117°C: 


diethyl ether 1-butanol 


10.18 


10.19 


10.20 


10.21 


10.22 


10.23 


10.24 


10.25 


Both of these compounds have the same numbers and 
types of atoms. Explain the difference in their boiling 
points. (Hint: Which of the two can take part in hydro- 
gen bonding?) 

People living in the northeastern United States who 
have swimming pools usually drain the water before 
winter every year. Why? 

Which member of each of the following pairs of sub- 
stances would you expect to have a higher boiling 
point? (2) O2 and No, (b) SO, and CO3, (c) HF and HI 
Explain in terms of intermolecular forces why (a) NH3 
has a higher boiling point than CH, (b) KCI has a 
higher melting point than I,, and (c) naphthalene 


(CypHg) is more soluble in benzene than is LiBr. 

Which of the following statements are false? (a) Di- 
pole—dipole interactions between molecules are great- 
est if ihe molecules possess only temporary dipole 


moments. (b) All compounds containing hydrogen 
atoms can participate in hydrogen bond formation. 
(c) Dispersion forces exist between all atoms, mole- 
cules, and ions. (d) The extent of ion-induced dipole 
interaction depends only on the charge on the ion. 
What kind of attractive forces must be overcome in 
order to (a) melt ice, (b) boil molecular bromine, 
(c) melt solid iodine, and (d) dissociate F, into F 
atoms 

State which substance in each of the following pairs 
you would expect to have the higher boiling point and 
explain why: (a) Ne or Xe, (b) CO) or CS>, (c) CH, or 


Cl, (d) F, or LiF, (e) NH or PH3 
The following compounds have the same number and 


type of atoms. Which one would you expect to have a 
higher boiling point? 


CH, 


CH,— CH; —'CH,—Ca, CH,— CH— CH; 
(Hint: Molecules that can be stacked together more 
easily have greater intermolecular attraction.) 
Explain the difference in the melting points of the fol- 
lowing compounds: 


NO, NO, 
OH 
OH 
m.p. 45°C mp. 115°C 


(Hint: Only one of the two can form intramolecular 
hydrogen bonds.) 
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THE LIQUID STATE 
REVIEW QUESTIONS 


10.26 


10.27 


10.28 


10.29 


10.30 


10.31 


10.32 


10.33 


Explain why liquids, unlike gases, are virtually incom- 
pressible. 

Define surface tension. What is the relationship be- 
tween the intermolecular forces that exist in a liquid 
and its surface tension? 

Despite the fact that stainless steel is much denser than 
water, a razor blade can be made to float on water. 
Why? 

Use water and mercury as examples to explain adhe- 
sion and cohesion. 

A glass can be filled slightly above the rim with water. 
Explain why the water does not overflow. 

Draw diagrams showing the capillary action of 
(a) water and (b) mercury in three tubes of different 
radii. 

What is viscosity? What is the relationship between the 
intermolecular forces that exist in a liquid and its vis- 
cosity? 

Why does the viscosity of a liquid decrease with in- 
creasing temperature? 


PROBLEMS 


10.34 


10.35 


10.36 


Predict which liquid has the greater surface tension, 
ethanol (C>H;OH) or dimethyl ether (CH30CHs3). 
Predict the viscosity of ethylene glycol 


CH,— OH 


| 


CH,— OH 


relative to that of ethanol and glycerol (see Table 
10.4). 

Which liquid would you expect to have a greater vis- 
cosity, water or diethyl ether? The structure of diethyl 
ether is shown in Problem 10.17. 


CRYSTALLINE SOLIDS 
REVIEW QUESTIONS 


10.37 


10.38 


10.39 


10.40 


Define the following terms: crystalline solid, lattice 
point, crystalline structure, unit cell, coordination 
number, closest packing, packing efficiency. 
Describe the geometries of the following cubic cells: 
simple cubic cell, body-centered cubic cell, face- 
centered cubic cell. Which of these cells would give 
the highest density for the same type of atoms? 
Describe, and give examples of, the following types of 
crystals: (a) ionic crystals, (b) covalent crystals, 
(c) molecular crystals, (d) metallic crystals. 

A solid is hard, brittle, and electrically nonconducting. 
Its melt (the liquid form of the substance) and an aque- 
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10.41 


10.42 


10.43 
10.44 
10.45 


10.46 


10.47 
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ous solution containing the substance do conduct elec- 

tricity. Classify the solid. 

A solid is soft and has a low melting point (below 
100°C). The solid, its melt, and a solution containing 
the substance are all nonconductors of electricity. 
Classify the solid. 

A solid is very hard and has a high melting point. Nei- 
ther the solid nor its melt conducts electricity. Classify 
the solid. 

Why are metals good conductors of heat and electric- 
ity? 

Why does the ability of a metal to conduct electricity 
decrease with increasing temperature? 

Classify the solid states of the elements in the second 
period of the periodic table according to crystal type. 
The melting points of the oxides of the third-period 
elements are given in parentheses: Na2O (1275°C), 
MgO (2800°C), AlO; (2045°C), SiO, (1610°C), 
P4Oj0 (580°C), SO3 (16.8°C), ClxO7 (—91.5°C). Clas- 
sify these solids. 

Which of the following are molecular solids and which 
are covalent solids? Seg, HBr, Si, CO, C, P4O¢, B, 
SiH, 


PROBLEMS 


10.48 


10.49 


10.52 


10.53 


10.54 


What is the coordination number of each sphere in (a) a 
simple cubic lattice, (b) a body-centered cubic lattice, 
and (c) a face-centered cubic lattice? Assume the 
spheres to be of equal size. 

Calculate the number of spheres in the simple cubic, 
body-centered cubic, and face-centered cubic cells. 
Assume the spheres to be of equal size and that they 
are only at the lattice points. Also calculate the packing 
efficiency for each type of cell. 

Silver crystallizes in a cubic close-packed structure 
(the face-centered cube). The unit cell edge length is 
408.7 pm. Calculate the density of silver. 

The metal polonium crystallizes in a primitive cubic 
lattice (the Po atoms occupy only the lattice points). If 
the unit cell length is 336 pm, what is the atomic ra- 
dius of Po? 

Tungsten crystallizes in a body-centered cubic lattice 
(the W atoms occupy only the lattice points). How 
many W atoms are present in a unit cell? 

Metallic iron crystallizes in a cubic lattice. The unit 
cell edge length is 287 pm. The density of iron is 
7.87 g/cm’. How many iron atoms are there within a 
unit cell? 

Barium metal crystallizes in a body-centered cubic lat- 
tice (the Ba atoms are at the lattice points only). The 
unit cell edge length is 502 pm, and the density of the 
metal is 3.50 g/cm. Using this information, calculate 


10.55 


10.56 


10.57 


10.58 


10.59 


10.60 


10.61 


10.62 
10.63 


10.64 


Avogadro’s number. (Hint: First calculate the volume 
occupied by 1 mole of Ba atoms in the unit cells. Next 
calculate the volume occupied by one Ba aiom in the 
unit cell.) 

Vanadium crystallizes in a body-centered cwhic lattice 


(the V atoms occupy only the lattice poiiis). How 
many V atoms are present in a unit cell? 
Europium crystallizes in a body-centered © c lattice 
(the Eu atoms occupy only the lattice point: he den- 
sity of Eu is 5.26 g/cm’. Calculate the un!’ cell edge 
length in pm. 
Copper crystallizes in a face-centered cubic \«itice (the 
Cu atoms are at the lattice points only). I! density 
of metallic copper is 8.96 g/cm*, what is 1) unit cell 
edge length in pm? 
Crystalline silicon has a cubic structure. 1). unit cell 
edge length is 543 pm. The density of solid is 
2.33 g/cm?. Calculate the number of Si a in one 
unit cell. 
A face-centered cubic cell contains 8 X at\ 1s at the 
corners of the cell and 6 Y atoms at the face. What is 
the empirical formula of the solid? 
Describe the general properties of (a) covale™ crystals, 
(b) molecular crystals, (c) ionic crystals, (metallic 
crystals. Give two examples of each type © crystal. 
Classify the crystalline state of the follo ng sub- 
stances as ionic crystals, covalent crystals lecular 
crystals, or metallic crystals: (a) CO2, (b) (c) Sg, 
(d) KBr, (e) Mg, (f) SiO2, (g) LiCl, (h) « 
Explain why diamond is harder than grap! 
Carbon and silicon belong to Group 4A of |)» periodic 
table and have the same valence electron co, 2uration 
(ns*np). Why does silicon dioxide (SiQ>) hee a much 
higher melting point than carbon dioxide 2)? 
The interionic distances of several alkali he ides are: 
NaCl NaBr Nal KCl KBr Kl 
282 pm 299 pm 324 pm 315 pm 330 pm 353 pm 
(a) Plot lattice energy vs. interionic distance for these 
compounds. (b) Plot lattice energy vs. the reciprocal of 


the interionic distance. Which graph is more linear? 
Why? (For lattice energies see Table 8.1.) 


X-RAY DIFFRACTION 


REVIEW QUESTIONS 


10.65 


10.66 


Define X-ray diffraction. What are the typical wave- 
lengths (in nanometers) of X rays? 
Write the Bragg equation. Define every term and de- 


scribe how this equation can be used to measure intera- 
tomic distances. 


PROBLEMS 

10.67 When X rays of wavelength 0.090 nm are diffracted 
by amc’. ‘lic crystal, the angle of first-order diffraction 
(n = |) » measured to be 15.2°. What is the distance 
(in pm) © tween the layers of atoms responsible for the 
diffrac 

10.68 The « e between layers in a NaCl crystal is 
282 pi rays are diffracted from these layers at an 
angle 50°. Assuming that n = 1, calculate the 
wavelc of the X rays in nm. 

10.69 X rays vavelength 0.065 nm are diffracted from a 
crystal angle of 46°. Assuming that n = 1, calcu- 
late th ince (in pm) between layers in the crystal. 

AMORPHOt OLIDS 

REVIEW QUES) (ONS 

10.70 Define rphous solid. How does it differ from crys- 
talline 1? 

10.71 Defin .s. What is the chief component of glass? 
Name types of glass. 

10.72 Which 4 greater density, crystalline SiO, or amor- 
phous ’ Explain. 


PHASE Cii iS 


REVIEW QU! NS 

10.73. Define vase change. Name all possible changes that 
can 0 wnong the vapor, liquid, and solid states of a 
substa 

10.74 What © equilibrium vapor pressure of a liquid? 
How it change with temperature? 

10.75 Use an one of the phase changes to explain what is 
meant dynamic equilibrium. 

10.76 Define ‘ye following terms: (a) molar heat of vaporiza- 
tion, (b) molar heat of fusion, (c) molar heat of subli- 
mation. What are their units? 

10.77 How is the molar heat of sublimation related to the 
molar heats of vaporization and fusion? On what law is 
this relation based? 

10.78 What can we learn about the strength of intermolecular 
forces in a liquid from its molar heat of vaporization? 

10.79 The greater the molar heat of vaporization of a liquid, 
the greater its vapor pressure. True or false? 

10.80 Write the Clausius—Clapeyron equation. Define all the 
terms and indicate their units. Explain how you can use 
the equation to determine experimentally the molar 
heat of vaporization of a liquid. 

10.81 Define boiling point. How does the boiling point of a 


liquid depend on external pressure? Referring to Table 


10.82 


10.83 


10.84 


10.85 
10.86 
10.87 


10.88 
10.89 


10.90 


10.91 


10.92 


10.93 


10,94 
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5.3, what is the boiling point of water when the exter- 
nal pressure is 187.5 mmHg? 

As a liquid is heated at constant pressure, its tempera- 
ture rises. This trend continues until the boiling point 
of the liquid is reached. No further rise in temperature 
of the liquid can be induced by heating. Explain. 
Define critical temperature. What is the significance of 
critical temperature in liquefaction of gases? 

What is the relationship between intermolecular forces 
in a liquid and the liquid’s boiling point and critical 
temperature? 

Why is the critical temperature of water greater than 
that of most other substances? 

What is a supercooled liquid? How can it be produced? 
How do the boiling points and melting points of water 
and carbon tetrachloride vary with pressure? Explain 
any difference in behavior of these two substances. 
Why is solid carbon dioxide called Dry Ice? 

The vapor pressure of a liquid in a closed container 
depends on which of the following? (a) the volume 
above the liquid, (b) the amount of liquid present, 
(c) temperature 

Referring to Figure 10.39, estimate the boiling points 
of ethyl ether, water, and mercury at 0.5 atm. 

Wet clothes dry more quickly on a hot, dry day than on 
a hot, humid day. Explain. 

Explain why the molar heat of vaporization of a sub- 
stance is always greater than its molar heat of fusion. 
Which of the following phase transitions gives off 
more heat? (a) 1 mole of steam to 1 mole of water at 
100°C, or (b) 1 mole of water to 1 mole of ice at 0°C. 
A beaker of water is heated to boiling by a Bunsen 
burner. Would adding another burner raise the boiling 
point of water? Explain. 


PROBLEMS 


10.95 


10.96 


10.97 


10.98 


10.99 


Calculate the amount of heat (in kJ) required to convert 
74.6 g of water to steam at 100°C. 

How much heat (in kJ) is needed to convert 866 g of 
ice at — 10°C to steam at 126°C? (The specific heats of 
ice and steam are 2.03 J/g «°C and 1.99 J/g: °C, re- 
spectively.) 

The molar heats of fusion and sublimation of molecu- 
lar iodine are 15.27 kJ/mol and 62.30 kJ/mol, respec- 
tively. Use Equation (10.6) to estimate the molar heat 
of vaporization of liquid iodine. 

How is the rate of evaporation of a liquid affected by 
(a) temperature, (b) the surface area of a liquid ex- 
posed to air, (c) intermolecular forces? 

The following compounds are liquid at-10°C tempera- 
ture; their boiling points are given: butane, —0.5°C; 
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ethanol, 78.3°C; toluene, 110.6°C. At —10°C, which 
of these liquids would you expect to have the highest 
vapor pressure? Which the lowest? Explain. 

10.100 Freeze-dried coffee is prepared by freezing a sample of 
brewed coffee and then removing the ice component 
by vacuum pumping the sample. Describe the phase 
changes taking place during these processes. 

10.101 A student hangs wet clothes outdoors on a winter day 
when the temperature is — 15°C. After a few hours, the 
clothes are found to be fairly dry. Describe the phase 
changes in this drying process. 

10.102 Steam at 100°C causes more serious burns than water 
at 100°C. Why? 

10.103 A pressure cooker is a sealed container that allows 
steam to escape when it exceeds a predetermined pres- 
sure. How does this device reduce the time needed for 
cooking? 

10.104 The blades of ice skates are quite thin, so that the pres- 
sure exerted on ice by a skater can be substantial. Ex- 
plain how this fact enables a person to skate on ice. 

10.105 A length of wire is placed on top of a block of ice. The 
ends of the wire extend over the edges of the ice, and a 
heavy weight is attached to each end. It is found that 
the ice under the wire gradually melts, so that the wire 
slowly moves through the ice block. At the same time, 
the water above the wire refreezes. Explain the phase 
changes that accompany this phenomenon. 

10.106 From the following data, determine graphically the 
molar heat of vaporization for mercury: 


1 (°C) 200 250 300 320 340 
P(mmHg) 17.3 74.4 246.8 376.3 557.9 


10.107 The vapor pressure of benzene, C¢Hg, is 40.1 mmHg 
at 7.6°C. What is its vapor pressure at 60.6°C? The 
molar heat of vaporization of benzene is 31.0 kJ/mol. 


PHASE DIAGRAMS 
REVIEW QUESTION 


10.108 What is a phase diagram? What useful information can 
be obtained from study of a phase diagram? 


PROBLEMS 


10.109 The boiling point and freezing point of sulfur dioxide 
are — 10°C and —72.7°C (at | atm), respectively. The 
triple point is —75.5°C and 1.65 x 1073 atm, and its 
critical point is at 157°C and 78 atm. On the basis of 
this information, draw a rough sketch of the phase dia- 
gram of SO). 

10.110 Consider the phase diagram of water shown at the end 
of this problem. Label the regions. Predict what would 
happen if we did the following: (a) Starting at A, we 


raise the temperature at constant pressure. (b) Starting 
at C, we lower the temperature at constant pressure, 
(c) Starting at B, we lower the pressure at constant 
temperature. 


MISCELLANEOUS PROBLEMS 


10.111 The properties of gases, liquids, and solids differ in a 
number of respects. How would you use the kinetic 
molecular theory (see Section 5.8) to explain the fol- 
lowing observations? (a) Ease of compressibility de- 
creases from gas to liquid to solid. (b) Solids retain a 
definite shape, but gases and liquids do not. (c) For 
most substances, the volume of a given amount of ma- 
terial increases as it changes from solid to liquid to gas. 

10.112 Name the kinds of attractive forces that must be over- 
come in order to (a) boil liquid ammonia, (b) melt solid 
phosphorus (P4), (c) dissolve CsI in liquid HF’, (d) melt 
potassium metal. 

10.113 Select the substance in each pair that should have the 
higher boiling point. In each case identify the principal 
intermolecular forces involved and account briefly for 
your choice. (a) K2S or (CH3)3N, (b) Bro or 
CH;CH>CH,CH3. 

10.114 At —35°C, liquid HI has a higher vapor pressure than 
liquid HF. Explain. 

10.115 Which of the following indicates very strong intermo- 
lecular forces in a liquid? (a) a very low surface ten- 
sion, (b) a very low critical temperature, (c) a very low 
boiling point, (d) a very low vapor pressure 

10.116 Under the same conditions of temperature and density, 
which of the following gases would you expect to be- 
have less ideally: CH4, SO>? Explain. 

10.117 Explain the critical temperature phenomenon in terms 
of the kinetic molecular theory. 

10.118 A small drop of oil in water assumes a spherical shape. 
Explain. (Hint: Oil is made up of nonpolar molecules, 
which tend to avoid contact with water.) 

10.119 The standard enthalpy of formation of gaseous molec- 
ular bromine is 30.7 kJ/mol. From these data calculate 
the molar heat of vaporization of molecular bromine at 
25°C. (Hint: The standard enthalpy of formation of 
liquid molecular bromine is zero.) 


EXERCISES 449 


10.120 Classify the unit cell of molecular iodine: 10.121 A solid contains X, Y, and Z atoms in a cubic lattice 
with X atoms occupying the corners, Y atoms in the 
body-centered positions, and Z atoms on the faces of 
the cell. What is the empirical formula of the com- 
pound? 

10.122 From the following properties of elemental boron, 
classify it as one of the crystalline solids discussed in 
Section 10.6: high melting point (2300°C), poor con- 
ductor of heat and electricity, insoluble in water, very 
hard substance. 


(Hint: See Figure 10,15.) 
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ost chemical reactions take place, not between pure solids, liquids, or gases, but 

among ions and molecules dissolved in water or other solvents. In Chapters 5 and 

10 we looked at the properties of gases, liquids, and solids. But what happens when | 
substances are dissolved in solutions? In this chapter we examine the properties of solu- | 
tions, concentrating mainly on the role of intermolecular forces in solubility and other piiysi- 
cal properties of solutions. 


11.1 Types of Solutions 


We have noted (Section 3.2) that a solution is a homogeneous mixture of two or more 
substances. Since this definition places no restriction on the nature of the substances 
involved, we can consider six basic types of solutions, depending on the original states 


(solid, liquid, or gas) of the solution components. Table 11.1 gives examples of each of 
these types. 

Our focus here will be on solutions involving at least one liquid component—that 
is, gas—liquid, liquid—liquid, and solid—liquid solutions. And, perhaps not too surpris- 
ingly, the liquid we will most often consider as the solvent in our study of solutions is 
water. But let’s start this discussion of solutions at the molecular level, where all 
““dissolving’’ ultimately must take place. 


11.2 A Molecular View of the Solution Process 


In Section 4.7 we discussed the solution process from a macroscopic point of view. | 
Here we will look at the same process at the molecular level. In liquid and solid states 
molecules are held together by intermolecular attractions. These forces also play a 
central role in the formation of solutions. The saying ‘‘like dissolves like’’ is based on 


TABLE 11.1 Types of Solutions 
i 


State of 
Resulting 
Component 1 Component 2 Solution Examples 
Gas Gas Gas Air 
Gas Liquid Liquid Soda water (CO, 
: in water) 
Gas Solid Solid Hp gas in 
re) is palladium 
snes Liquid Liquid Ethanol in water 
i Liquid Liquid NaCl in water 
Solid Solid Solid 


Brass (Cu/Zn), 


SY) ee 
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the action of intermolecular forces. When one substance (the solute) dissolves in an- 
other (the solvent)—for example, a solid dissolving in a liquid—particles of the solute 
disperse uniformly throughout the solvent. The solute particles occupy positions that 
are normally taken by solvent molecules. The ease with which a solute particle may 
replace a solvent molecule depends on the relative strengths of three types of interac- 
tions: 


@ solvent—solvent interaction 
@ solvent—solute interaction 
@ solute—solute interaction 


We can im the solution process as taking place in three separate steps (Figure 
11.1). Step | involves the separation of solvent molecules, and step 2 involves the 
separation of solute molecules. These steps require energy input to break up attractive 
intermolecular forces; therefore, they are endothermic. In step 3 the solvent and solute 
molecules mix. The mixing may be exothermic or endothermic. The heat of solution 
AH gon (see Section 4.7) is given by 


AA goin = AH; + AH + AH3 This equation is an application 
i of Hess’s law. 
If the solute-solvent attraction is stronger than the solvent—solvent attraction and 


solute—solute attraction, the solution process will be favorable, that is, the solute will 


dissolve in the solvent. Such a solution process is exothermic (AH goin < 0). If the 
solute—solvent interaction is weaker than the solvent—solvent and solute—solute inter- 
actions, then the solution process is endothermic (AHoin > 0), and only a relatively 
small amount of the solute will dissolve in the solvent. 


You may wonder why a solute dissolves in a solvent at all if the attraction among its 
own molecules is stronger than that between its molecules and the solvent molecules. 


Solvent 


Solution 


FIGURE 11.1. A molecular view of the solution process portrayed as taking place in three steps: 


First the solvent and solute molecules are separated (steps 1 and 2). Then the solvent and solute 


molecules mix (step 3). 
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This gaseous solution— 
assuming a certain proportion 
of oxygen gas and nitrogen gas 
are mixed with small amounts 
of carbon dioxide and argon— 
is known, of course, as ‘air’! 


In either gas—gas or liquid— 
liquid solutions, distinctions 
between solutes and solvents 
become largely a matter of 
definition. In these cases the 
solvent is usually assumed to 
be the component present in 
the greatest amount. 
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The solution process, like all physical and chemical processes, is governed by two 
factors. One is the energy factor, which here determines whether a solution process is 
exothermic or endothermic. Only exothermic solution processes are related to favora- 
ble solute—solvent interactions. 

The other factor that needs to be considered is the disorder or random ss that 
results when solute and solvent molecules mix to form a solution. In the pure © ate, the 
solvent and solute possess a fair degree of order. By order we mean the mor or less 
regular arrangement of atoms, molecules, or ions in three-dimensional space. \luch of 
this order is destroyed when the solute dissolves in the solvent (see Figu > 11.1), 
Therefore, the solution process is always accompanied by an increase in disorder or 
randomness. It is the increase in disorder of the system that favors the solubi: » of any 
substance. This explains why a substance can be soluble in a solvent even |) igh the 
solution process is endothermic. 

A good illustration of the importance of the increase in disorder as a drivin» ‘orce in 
the solution process is provided by the mixing of two nonreacting gases, s as Nj 
and O>. Under atmospheric conditions these gases behave almost like ideal » es; the 
intermolecular interaction between them is negligible. Consequently, the mix 2 proc- 
ess is neither exothermic nor endothermic. Yet we know that these gases cosily and 
spontaneously mix in any proportion, which means that the process is highly | orable. 
Indeed, it is the disorder created when these two pure gases mix to form am. ‘ture (or 
a solution) of gases that is responsible for the process taking place so rea: 

11.3 Solutions of Liquids in Liquids 

Both carbon tetrachloride [CCl4, b.p. (boiling point) = 76.5°C] and benzen (CoHe, 
b.p. = 80.1°C) are nonpolar liquids. The only intermolecular forces presen’ these 
substances are dispersion forces (see Section 10.2). When these two liquids a: mixed, 
they readily dissolve in each other. This is because the attraction between © ly and 
CeHe molecules is comparable in magnitude to those between CCl, mole: es and 
between CsH, molecules. When two liquids are completely soluble in each oir in all 
proportions, as in this case, they are said to be miscible. Ethanol (C)H;OH) anu water 
also are miscible liquids. In a solution of ethanol and water the solute—solven! ‘nterac- 
tion takes the form of hydrogen bonding that is comparable in magnitude to the hydro- 


gen bonding between water molecules and between ethanol molecules. 

What would happen if we tried to dissolve carbon tetrachloride in water? To forma 
solution, the CCl, molecules would have to replace some of the HO molecules. 
However, the attractive forces between CCl, and HO molecules are dipole—induced 
dipole and dispersion forces, which in this case are much weaker than the hydrogen 
bonds in water (and the dispersion forces in CCl). Consequently, the two liquids do 
not mix; they are said to be immiscible. What we obtain, then, are two distinct liquid 
phases: one consisting of water with a very small amount of CCl, in it, and one 
consisting of CCl, with a very small amount of water in it (Figure 11.2). 

These examples illustrate that ‘‘like dissolves like’’: Two nonpolar liquids are often 
miscible and so are two polar liquids, but a nonpolar one usually dissolves only slightly 
ina polar solvent. Other examples are sugar and ethylene glycol (a substance used as 
an antifreeze) dissolving in water (sugar and ethylene glycol molecules can form hy- 
drogen bonds with water) and elemental sulfur (containing the nonpolar Sg molecules) 
dissolving in the nonpolar carbon disulfide (CS2) solvent. The forces of attraction 
between the Sg molecules and the CS molecules are solely dispersion forces. 


11.4 SOLUTIONS OF SOLIDS IN LIQUIDS 


The ‘‘like dissolves like’ saying, while useful, should be applied with caution. For 


example, acet!: cid (CH3;COOR) is totally miscible with water. We can understand 
this fact becaus® CH,;COOH molecules can form hydrogen bonds with HO molecules. 
Yet acetic ac! also soluble in nonpolar solvents, such as CCl4 and CsH.! Experi- 
mental evider hows that in nonpolar solvents acetic acid forms dimers, which are 
molecules me of two identical molecules. The acetic acid dimer has the structure 

O---H—O 

HyC—CL eas 

O—H---O 
in which two nolecules of the acid are bonded together. As the formula shows, 
the dimer is ‘ogether by two hydrogen bonds. Although acetic acid is a polar 
molecule, th: eric species is much less polar because the symmetric structure 
created by h) »n bonding reduces the polarity of the molecules. The attractive 
forces betwee dimers and CCl, or C6Hg molecules are mainly dispersion forces. 


11.4 Solu! > \s of Solids in Liquids 


In discussing olubility of solids in liquids, we will divide solids into four catego- 
ties, as outline‘ Section 10.6: ionic, covalent, molecular, and metallic. 


lonic Crys 


Section 4.7 « sed the solution process of ionic compounds in some detail. Using 
sodium chlor an example, we saw that ions are stabilized in solution by hydra- 
tion, which i) es ion—dipole interaction. We also analyzed the heat of solution in 
terms of the energy of the compound and the heat of hydration. In general, we 
can predict th ic compounds should be much more soluble in polar solvents, such 
as water, liq) nmonia, and liquid hydrogen fluoride, than in nonpolar solvents, 
such as benz¢ ‘nd carbon tetrachloride. Since the molecules of nonpolar solvents 
lack a dipole nent, they ‘cannot effectively solvate the Na* and Cl” ions. The 
predominant in/ermolecular interaction is ion-induced dipole interaction, which is 
much weaker ‘han ion—dipole interaction. Consequently, ionic compounds usually 
have extremely low solubility in nonpolar solvents. 


The term selubility indicates the maximum amount of solute that dissolves ina given 
quantity of solvent at a specific temperature. For example, at 20°C, we can dissolve up 
to 34.7 g of potassium chloride (KCI) in 100 mL of water. Thus we can represent the 
solubility of potassium chloride (KCI) as 34.7 g/100 mL HO. With a few exceptions, 
the solubility of ionic compounds increases with increasing temperature. 

Knowing the solubility of substances in water is useful in the study of the physical 
Properties of solutions and the reactions the solutes undergo. Therefore, we will exam- 
ine briefly some rules that apply to solubility of common ionic compounds in water. 
We divide compounds into three categories called ‘‘soluble,”’ “‘slightly soluble, and 
“insoluble.’’ For convenience, we define soluble compounds as those having solubili- 
ties of 1 gram or more per 100 mL of water; slightly soluble compounds as having 
Solubilities less than 1 gram but more than 0.1 gram per 100 mL of water; and insolu- 
ble compounds as having solubilities of less than 0.1 gram per 100 mL of water. In the 
following rules we assume the temperature to be 25°C. 


FIGURE 11.2) A two-phase 
mixture of water and carbon tet- 
rachloride. The more dense CCl4 
forms the bottom layer. 


The solubility of a solid ina 
liquid does not depend on 
whether it is in crystalline or 
noncrystalline form. 


Regardless of their solubilities, 
most ionic compounds are 
strong electrolytes. 


o>) 


11 / PHYSICAL PROPERTIES OF SOLUTIONS 


1. All Group 1A (alkali metal) hydroxides (LiOH, NaOH, KOH, RbOH, and CsOH) 
are soluble. Of the Group 2A (alkaline earth metal) hydroxides, only barium hy- 
droxide [Ba(OH),] is soluble. Calcium hydroxide [Ca(OH),] is slightly soluble. All 
other hydroxides are insoluble. 

2. Most compounds containing chlorides (Cl ), bromides (Br), or iodides (I~) are 
soluble. The exceptions are those containing Ag”, Hg3*, and Pb** ions. 

3. Most sulfates (SOZ ) are soluble. Calcium sulfate (CaSO,) and siiver sulfate 
(Ag,SO,) are slightly soluble. Barium . sulfate (BaSO,4), mercury(i!) sulfate 
(HgSO,), and lead(II) sulfate (PbSO,) are insoluble. 

4. All compounds containing nitrate (NO; ), chlorate (CIO3 ), and perchlorate (CIO7) 
are soluble. 

5. All carbonates (CO}~), phosphates (PO3_), sulfides (S*~), and sulfites | $037) are 
insoluble, except those of ammonium (NH?) and alkali metals. 

6. All ammonium (NH) compounds are soluble. 

7. All alkali metal compounds are soluble. 


In the following examples, we make use of these solubility rules. 


EXAMPLE 11.1 

Classify the following ionic compounds as soluble, slightly soluble, or insolubl«: (a) sil- 
ver sulfate (Ag»SO,), (b) calcium carbonate (CaCO3), (c) sodium phosphate (a;PO4). 
Answer 


(a) According to solubility rule 3 we see that Ag>SO, is slightly soluble. 

(b) Calcium is an alkaline earth metal (a member of the Group 2A elements). Accoriing to 
solubility rule 5, CaCO; is insoluble. 

(c) Sodium is an alkali metal (a member of the Group 1A elements). According to solubil- 
ity rule 7, Na3PO, is soluble. 


Similar problem: 11.13. 


EXAMPLE 11.2 


Predict the products of the following metathesis reaction, and write a net ionic equation 
for the reaction. 


K3PO4(aq) + Ca(NO3),(aq) —> ? 


Answer 


Bee reactants are soluble salts, but according to solubility tule 5, calcium ions 
Oe (aq)| and phosphate ions [PO3”(aq)] can form an insoluble compound, calcium 
Phosphate [Cas(PO,)>]. Therefore this is a precipitation reaction. The other product, po- 


ii nitrate (KNOs), is soluble and therefore remains in solution. The molecular equa- 
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2K ,PO,(aq) + 3Ca(NO3)2(aq) —> 6KNO;(aq) + Ca3(PO4)2(s) 
and the net ienic equation is 
3Ca?* (aq) + 2PO}-(aq) —> Cas(PO,)2(s) 
The K* and NO; ions are spectator ions in this reaction. 


Similar probiem: 11.15. 


ee 


Covalent Crystals 


Covalent crystals, such as graphite and quartz (SiO), generally do not dissolve in any 
solvent, polar or nonpolar. 


Molecular Crystals 


The attractive forces between molecules of a molecular crystal are relatively weak 
dipole-dipole, dispersion type, and/or hydrogen bonding. Consider naphthalene 
(CjoHg) as an example. In a naphthalene crystal the CyoHg molecules are held together 
solely by dispersion forces. Thus we can predict that naphthalene should dissolve 


readily in nonpolar solvents, such as benzene, but only slightly in water. This is indeed 
the case. On the other hand, we find that urea (H2NCONH2) 


H,N—C—NH, 
) 


is much more soluble in water and ethanol than in CCl, or CeHe because it has the 
capacity to form hydrogen bonds with water. (The H atoms and the O and N atoms in 
urea can form hydrogen bonds with H,O and C;H;OH molecules.) Figure 11.3 com- 
pares the solubilities of molecular iodine, a nonpolar substance, in water and in carbon 
tetrachloride. The darker color of the lower layer shows that iodine is much more 
soluble in carbon tetrachloride than in water. 


Metallic Crystals 


In general, metals are not soluble in any solvent, polar or nonpolar. A number of 
metals instead react chemically with the solvent. For example, the alkali metals and 
some alkaline earth metals (Ca, Sr, and Ba) react with water to produce hydrogen gas 
and the corresponding metal hydroxide. The alkali metals also “dissolve”’ in liquid 
ammonia to produce a beautiful blue solution containing solvated electrons: 


Na(s) Ss Na* + €7 


The Na* ions and the electrons are stabilized by ion—dipole interaction with the polar 


NH; molecules. 


These general principles allow us to predict solubilities in various solvents. 
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FIGURE 11.3 Solubilities of 
iodine in water (upper layer) and 
in carbon tetrachloride (lower 
layer). 


Urea is an organic compound 
that is used as a fertilizer, in 
plastics, and in medicine, 
among other things. 


Although we use the Lerm 
“dissolve,” this is really a 
chemical rather than a 
physical process. 
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EXAMPLE 11.3 


Predict the relative solubilities in the following cases: (a) Br, in benzene (C.i;) (w= 
0 D) and in water (u = 1.87 D), (b) KCI in carbon tetrachloride (@ = 0 D) anc in liquid 
ammonia (4 = 1.46 D). f 


Answer 

(a) Bra is a nonpolar molecule and therefore should be more soluble in CoH,, which is also 
nonpolar, than in water. The only intermolecular forces between Br> and CoH, disper- 
sion forces. : 

(b) KCl is an ionic compound. For it to dissolve, the individual K* and Cl™ ior: “ust be 
stabilized by ion—dipole interaction. Since carbon tetrachloride has no dipole ‘.oment, 
potassium chloride should be more soluble in liquid ammonia, a polar molec. with a 


large dipole moment. 


Similar problems: 11.10, 11.12. 


The Chemistry in Action on p. 459 describes a precipitation reaction nat causes 
problems in domestic appliances and industrial boilers. 


11.5 Concentration Units 


Quantitative study of a solution requires that we know its concentration, al is, the 
amount of solute present in a given amount of solution, Chemists use sey different 
concentration units, each of which has advantages as well as limitations. I! choice of 
concentration unit is generally based on the kind of measurement made o! |! solution, 
to be discussed later in this section. First, though, let us examine the four most com- 
mon units of concentration: percent by mass, mole fraction, molarity, @ molality. 


Types of Concentration Units 


Percent by Mass. The percent by mass (also called the percent by weight or the 
weight percent) is defined as : 


percent by mass of solute = ee emule x 100% 


mass of solute + mass of solvent 
__ mass of solute 


1% 
mass of soln 


i : We ; es 
he percent by mass has no units because it is a ratio of two similar quantities. 


EXAMPLE 11.4 


A sample of 0.892 g of potassium chloride (KCl) is di 
¢ cr + eo s 
the percent by mass of KCl in this ee — Ore 
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00% 


x 100% 


tel 


Answer 
mass of solute 
percent by mass of KC] = ———————_ 
mass of soln 
ids 0.892 g 
0.892 ¢ + 54.62 
= 1.61% 
Similar prohic«: 11.21. 
Limestone (~aCO3) and dolomite (CaCO; * MgCO3), 
which are widespread on Earth’s surface, often enter 
the water supply. According to solubility rule 5, cal- 
cium carbonic is insoluble in water. However, in the 
presence of « ssolved carbon dioxide (from the atmos- 


phere), the ‘ullowing reaction takes place: 


CaCO,(s) + ©O3(aq) + H,O() —> Ca?*(aq) + 
2HCO;3 (aq) 
Water conivining Ca®* andlor Mg?* ions is called 


hard water, 11d water that is mostly free of these tons 
is called soj? water. The presence of these ions makes 
water unsuitable for some household and industrial 
uses. 

When water containing Ca?* and HCO3 ions is 
heated or boiled, the solution reaction is reversed to 
produce the CaCO; precipitate: 


Ca?* (aq) + 2HCO3 (aq) —> CaCO,(s) + CO2(aq) + 
HLO(/) 


and the carbon dioxide gas is driven off from the solu- 
tion: 


CO(aq) —> CO2(g) 


Solid calcium carbonate formed in this way is the main 
component of the scale that accumulates in boilers, 
water heaters, pipes, and tea kettles. The thick layer 
formed reduces heat transfer and decreases the effi- 


CHEMISTRY IN ACTION 


AN UNDESIRABLE PRECIPITATION REACTION 


ciency and durability of boilers, pipes, and appliances. 
In household hot-water pipes it can restrict or totally 
block the flow of water (Figure 11.4). A simple way 
used by plumbers to remove the deposit from these 
pipes is to introduce a small amount of hydrochloric 
acid: 


CaCO,(s) + 2H* (aq) —> Ca*(aq) + H20(/) + CO2(g) 


In this way, CaCO; is converted to the soluble CaCly. 


FIGURE 11.4 Boiler scale almost fills this hot-water pipe. 
The deposit consists mostly of CaCO; with some MgCO3. 
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Mole Fraction (X). The concept of mole fraction was first introduced in Section 5.7. 
The mole fraction of a component of a solution, say, component A, is written X, and is 
defined as 


moles of A 
fraction of component A = X : 
ale P A sum of moles of all components 


The mole fraction has no units, since it too is a ratio of two similar quantities. 


aan 


EXAMPLE 11.5 
A chemist prepared a solution by adding 200.4 g of pure ethanol (C>HsOH) to 143.9 g of 
water, Calculate the mole fractions of these two components. The molar masses of c:hanol 


and water are 46.02 g and 18.02 g, respectively. 
Answer 


The number of moles of CjH;OH and H,0 present are 


1 mol C,Hs0H 


moles of C)3H;0H = 200.4 g C,H;0H X —————_— 
46.02 g CoHs;OH 


= 4.355 mol C,H;OH 


1 mol H,O0 
told Obes 14s ee 
18.02 g HO 
= 7.986 mol H,O 
In a two-component system made up of A and B molecules, the mole fraction of A is 
given by 
moles of A 


mole-tractionof A= 
sum of moles of A and B 


Using this equation we can write the mole fractions of ethanol and water as 
x 4.355 mol on 
GHOH-= 5p aaeaee a U9. 
ig (4.355 + 7.986) mol 


7.986 mol 


MnO | ee 
* (4.355 + 7.986) mol 


= 0.6471 


a definition, the sum of the mole fractions of all components in a solution must be 1. 
us 


Xcon,on + Xu,0 = 0.3529 + 0.6471 = 1.0000 


Similar problem: 11.23. 


Molarity (M). The molarity unit was first introduced in Section 3.7; it is defined as 
the number of moles of solute in 1 liter of solution, that is 


molarity = moles of solute 


liters of soln 
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Thus, molarity has the units of mol/L. For example, the molar mass of acetic acid 
(CH3;COOH) is 60.05 g, so | liter of solution containing 60.05 g of the substance is 1 
molar, or 1.000 M acetic acid. Similarly, if 6.005 g of acetic acid is dissolved in 
enough water to make up 100 mL of solution, the concentration is again 1.000 M. As 
long as we know the amount of solute present in a given volume of solution, we can 
always calculate its molarity. By convention, we use square brackets [ _] to represent 


mol/L; for example, in 2.0 M CH;COOH, the concentration of CH;COOH is written 
[CH;COOH] = 2.0 M = 2.0 mol/L 
and in 0.34 44 CH;COOH 
[CH;COOH] = 0.34 M = 0.34 mol/L 


It is important to keep in mind that molarity refers only to the amount of solute 
originally dissolved in water or other solvent and does not deal with subsequent proc- 
esses such as the ionization of an acid or the dissociation of an ionic compound. 


eee | 
EXAMPLE 11.6 


What is the molarity of 153.2 mL of an aqueous solution containing 24.42 g of lithium 
chlorate (.iC103)? The molar mass of LiClO; is 90,39 g. 


Answer 
The first sicv is to calculate the number of moles of LiClO; in the solution: 
tes ot £1C10, = aoe — 
moles of LiClO; = 24.42 g LiClO; 90.39 g LiClO; 
= 0.2702 mol LiClO; 
This is the »» aber of moles in 153.2 mL of solution. Now we can calculate the number of 
moles in 1 \:ter of solution, or the molarity of the solution: 
aes moles of solute 
ary: liters of soln 
0.2702 mol LiClO; _ 1000 mL 
(iClO;| === ae eae 


153.2 mL 1L 
= 1.764 mol LiClO;/L 


Molality (m). Molality is the number of moles of solute dissolved in 1 kg (1000 g) of 
solvent—that is, 


moles of solute 


mass of solvent (kg) 


For example, to prepare a 1 molal, or 1 m, sodium sulfate (Na,SO4) aqueous solution, 
We need to dissolve 1 mole (142.0 g) of the substance in 1000 g (1 kg) of water. 
Depending on the nature of the solute—solvent interaction, the final volume of the 
Solution will be either greater or less than 1000 mL. It is also possible, though very 


unlikely, that the final volume could be equal to 1000 mL. 


molality = 


461 


For additional examples of 
molarity calculations, refer to 
Examples 3.11-3.13. 
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EXAMPLE 11.7 


Calculate the molality of a sulfuric acid solution containing 24.4 g of sulfuric acid in 
198 g of water. The molar mass of sulfuric acid is 98.08 g. 


Answer 

From the known molar mass of sulfuric acid, we can calculate the molality in steps. 
First we need to find the number of grams of sulfuric acid dissolved in 1000 ¢ 2) of 
water. Next we must convert the number of grams into the number of moles. ‘ ning 


these two steps we write 


moles of solute 


lali Se SERENE Lk 
acon mass of solvent (kg) 


_ 24.4 g H)SO, . 1000 g H,O 5 1 mol H2SO, 
198 g¢ H,O lkg HO 98.08 g H,SO, 
1.26 mol H,SO,/kg H.O 


= 1.26m 
Similar problem: 11.24. 
FS SS ST TP  —! 
EXAMPLE 11.8 
In how many grams of water should 18.7 g of ammonium nitrate (NH4NO3) be « ived 


to prepare a 0.542 m solution? 


Answer 


The number of moles of NH4NO; in 18.7 g of NHyNO; is 


1 mol NH,NO3 


moles = 18.7 g NHyNO; X 
80.06 g NH;NO; 


= 0.2336 mol NH4NO, 
Since 


moles of solute 
molality = ————___ 
mass of solvent (kg) 


we write 


mol NH4NO; 
molality 


mass of water = 


1 kg H,O 


= 0.2336 mol: NH{NO; x«———-—- = 2 
0.542 mol NH,NO; 


= 0.431 kg HyO 
= 431 g HO 
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Comparison of Concentration Units 


‘As mentioned, the four concentration terms have various uses. For instance, the mole 


fraction unit is not generally used to express the concentrations of solutions for titra- 
tions and gravimetric analyses, but it is useful for calculating partial pressures of gases 
(see Section © and for dealing with vapor pressures of solutions (to be discussed 
later in this chapter). 

We saw in Section 3.7 that the advantage of molarity is that it is generally easier to 
measure the volume of a solution, using precisely calibrated volumetric flasks, than to 
weigh the sols. «t. For this reason, molarity is often preferred over molality. On the 
other hand, mlality is independent of temperature, since the concentration is ex- 
pressed in numovi of moles of solute and mass of solvent, whereas the volume of a 
solution geners. y increases with increasing temperature. A solution that is 1.0 M at 
25°C may becoie 0.97 M at 45°C because of the increase in volume. This concentra- 
tion dependence on temperature can significantly affect the accuracy of an experiment. 

Percent by .s is similar to molality in that it too is independent of temperature 
since it is defined in terms of ratio of mass of solute to mass of solution. Furthermore, 
we do not need ‘o know the molar mass of the solute in order to calculate the percent by 
mass. 

The followine examples show that these ways of expressing concentration are inter- 
convertible wiicn the density of the solution is known. 
ee | 

EXAMPL!! .:.9 

Calculate th wolarity of a 0.396 molal glucose (C¢H)20¢) solution. The molar mass of 

glucose is |*).2 2, and the density of the solution is 1.16 g/mL. 

Answer 

The mass o* -he solution must be converted to volume in working problems of this type. 

The density «f the solution is used as a conversion factor. Since a 0.396 m glucose 


solution contsing 0.396 mole of glucose in 1 kg of water, the total mass of the solution is 


Hoe ) + 1000 g H,O solution = 1071 g 


(0.396 mol C<H,,0.  —————_ 
ones © 1 mol CeH1206 


From the known density of the solution (1.16 g/mL), we can calculate the molarity as 
follows: 


0.396 mol Cs6Hi206 a 1.16 g soln . 1000 mL soln 
1071 g soln 1 mL soln 1 L soln 


molarity 


0.429 mol C6Hi206 
1L soln 


ll 


0.429 M 
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EXAMPLE 11.10 


The density of a 2.45 M aqueous methanol (CH;0H) solution is 0.976 g/mL. What is the 
molality of the solution? The molar mass of methanol is 32.04 g. 


Answer 


The total mass of 1 liter of a 2.45 M solution of methanol is 


1000 mL sol: 0.976 g soln 
1 L soln X Alas ects x a = 976 g soln 
1 L soln 1 mL soln 


Since this solution contains 2.45 moles of methanol, the amount of water in the solii'on is 


32.04 g CH;0H 


976 g sol - (2.45 | CH,OH ) = s98 H,0 
baie res | mol CH,0H 


Now the molality of the solution can be calculated: 


2.45 mol CH;0H si 1000 g H,O 


molality = 
y 898 g H,O 1 kg H,O 


__ 2.73 mol CH;0H 
1 kg H,0 


= 2.73 m 


Similar problems: 11.26, 11.27. 


EXAMPLE 11.11 


Calculate the molality of a 35.4 percent (by mass) aqueous solution of phosphor acid 
(H3PO,). The molar mass of phosphoric acid is 98.00 g. 


Answer 


100% — 35.4% = 64.6%, so the ratio of phosphoric acid to water in this solution is 
35.4 g H3PO, to 64.6 g H,O. From the known molar mass of phosphoric acid, we can 
calculate the molality in two steps. First we need to find the number of grams of phos- 
phoric acid dissolved in 1000 g (1 kg) of water. Next, we must convert the number of 
grams into the number of moles. Combining these two steps we write 


snniahg = 35.4 g HPO, e 1000 g H,O . 1 mol H3PO, 
64.6gH,0  1kgH,0 " 98.00 g H:PO, 
= 5.59 mol H3PO,/kg H,O 
= 5.59m 


Similar problem: 11.31. 


11.6 EFFECT OF TEMPERATURE ON SOLUBILITY 


11.6 Effect of Temperature on Solubility 
Solid Solubility and Temperature 


At a given temperature, when the maximum amount of a substance has dissolved in a 
solvent, we have a saturated solution. Before this point is reached, when a solution 
contains less solute than it has the capacity to dissolve, we have an unsaturated 
solution. A dynamic equilibrium process exists in a saturated solution. Take a satu- 
rated LiBr solution as an example. The solution can be prepared by adding an excess of 
solid LiBr to « beaker of water at 25°C. At every instant some of the Li* and Br™ ions 
in the solid dissolve in water, while an equal number of Li* and Br” ions in solution 
aggregate to re-form solid LiBr. The process in which dissolved solute comes out of 
solution and forms crystals is called crystallization. 

For most substances, solution temperature affects solubility. Figure 11.5 shows the 
temperature dependence of the solubility in water of some ionic compounds. In most 
but certainly not all cases the solubility of a solid substance increases with temperature. 
However, there is no clear correlation between the sign of AH,oin and the variation of 
solubility with temperature. For example, the solution process of CaCl, is exothermic, 
and that of NH,NO; is endothermic. But the solubility of both compounds increases 
with increasing temperature. In general the dependence of solubility on temperature is 
best determined by experiment. 

Many substances can also form supersaturated solutions, solutions that contain 
more of the solute than is present in saturated solutions. For instance, a supersaturated 
solution of sodiurn acetate (CH3COONa) can be prepared by cooling a saturated solu- 
tion of it. If the process is carried out slowly and carefully, the excess sodium acetate 


200}- 


S 150 
5 
A) 
2 100 
= 
g 
ict 
rn 

50 

Ce2(SO4)3 
0 20 40 60 80 100 


Temperature (ae) 


FIGURE 11.5 Temperature dependence of the solubility of some ionic compounds in water. 
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FIGURE 11.6 Jn a supersaturated sodium acetate solution (left), sodium acetate crystals rapidly form after a small s: rystal is 
added. 
will not crystallize out as the temperature decreases. However, supersatur»'ed solu- 
tions are unstable. Once the supersaturated solution has been prepared, ade '‘ion of a 
very small amount of solid sodium acetate (called a seed crystal) will cause eXcess 
sodium acetate to crystallize out of the solution immediately (Figure | | 
Note that both precipitation and crystallization describe the separatio excess 
solid substance from a supersaturated solution. However, the solids formed he two 
processes differ in appearance. We normally think of precipitates as being mole up of 


small particles, whereas crystals may be large and well formed. 


Fractional Crystallization 


As Figure 11.5 shows, the dependence of the solubility of a substance on ten»erature 
varies considerably. The solubility of sodium nitrate, for example, increases sharply 
with temperature, while that of sodium bromide changes hardly at all. /yvetional 
crystallization, or the separation of a mixture of substances into pure components on 
the basis of their differing solubilities, makes use of this fact. Suppose we have a 


sample of 90 g of KNO; that is contaminated with 10 g of NaCl. To purify the KNO3 
sample, we dissolve the mixture in 100 mL of water at 60°C and then graduaily cool 
the solution to 0°C. At this temperature the solubilities of KNO3 and NaCl are 12.1 
g/100 g HO and 34.2 g/100 g H30, respectively. Thus (90 — 12) g, or 78 g, of 
KNO; will separate from the solution, but all of the NaC] will remain dissolved (Figure 
11.7). In this manner, about 90 percent of the original KNO3 can be obtained in pure 
form. The KNO; crystals can be separated from the solution by filtration. 

Many of the commercially available solid inorganic and organic compounds that are 
used in the laboratory are purified by fractional crystallization. Generally the method 
works best if the compound to be purified has a steep solubility curve, that is, if it is 
considerably more soluble at high temperatures than at low temperatures. Otherwise, 
much of it will remain dissolved as the solution is cooled. Fractional crystallization 
also works well if the amount of impurity in the solution is relatively small. 


Gas Solubility and Temperature 


In contrast to the solubility of solids, the solubilit 
with increasing temperature ( 
notice the bubbles of air form 


j y of gases in water always decreases 
Figure 11.8). The next time you heat water in a beaker, 
ing on the side of the glass before the water boils. As the 
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FIGURE 11.7 he solubilities of KNO3 and NaCl at 0°C and 60°C. The difference in tempera- 
ture dependence enables us to isolate one of these salts from a solution containing both of them, 
through frac! onal crystallization. 


temperature ‘ses, the dissolved air molecules begin to ‘‘boil out’’ of the solution long 
before the water itself boils. 

The reduced solubility of molecular oxygen in hot water has a direct bearing on 
thermal pollution, that is, the heating of the environment—usually waterways—to 
temperatures that are harmful to its living inhabitants. It is estimated that every year in 
the United States some 100,000 billion gallons of water are used for industrial cooling, 
mostly in electric power and nuclear power production. This process heats up the 
water, which is then returned to the rivers and lakes from which it was taken. Ecolo- 
gists have become increasingly concerned about the effect of thermal pollution on 
aquatic life. Fish, like all other cold-blooded animals, have much more difficulty 
coping with rapid temperature fluctuation in the environment than humans do. An 
increase in water temperature accelerates their rate of metabolism, which generally 
doubles with each 10°C rise. The speedup of metabolism increases the fishes’ need for 
oxygen at the same time that the supply of oxygen decreases because of its lower 
Solubility in heated water. Effective ways to cool power plants while doing only mini- 
mal damage to the biological environment are being sought. 

On the lighter side, knowledge of the variation of gas solubility with temperature 
can improve one’s performance in a popular recreational sport—fishing. On a hot 
Summer day, an experienced fisherman usually picks a deep spot in the river or lake to 
cast the bait. Because the oxygen content is greater in the deeper, cooler region, most 


fish will be found there. 
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FIGURE 11.8 Dependence on 
temperature of the solubility of 
O> gas in water. Note that the 
solubility decreases as tempera- 
ture increases. The pressure of 
the gas over the solution is 
1 atm. 
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If several gases are present, P 
becomes the partial pressure. 
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11.7 Effect of Pressure on the Solubility of Gases 


For all practical purposes, external pressure has no influence on the solubilities of 
liquids and solids, but it does greatly affect the solubility of gases. The quantitative 
relationship between gas solubility and pressure is given by H enry’s? law, which states 
that the solubility of a gas in a liquid is proportional to the pressure of the gas over the 


solution: 
ca P 


c=kP (11.1) 
Here c is the molar concentration (mol/L) of the dissolved gas; P is the pressure (in 
atm) of the gas over the solution; and, for a given gas, k is a constant that depends only 
on temperature. The constant k has the units mol/L: atm. You can see that when the 
pressure of the gas is 1 atm, c is numerically equal to k. 

Henry’s law can be understood qualitatively in terms of kinetic molecular theory, 
The amount of gas that will dissolve in a solvent depends on how frequently the 
molecules in the gas phase collide with the liquid surface and become trapped by the 
condensed phase. Suppose we have a gas in dynamic equilibrium with @ solution 
[Figure 11.9(a)]. At every instant, the number of gas molecules entering the solution is 
equal to the number of dissolved molecules moving into the gas phase. When the 
partial pressure is increased, more molecules dissolve in the liquid because more mole- 
cules are striking the surface of the liquid. This process continues until the concentra- 
tion of the solution is again such that the number of molecules leaving the s' lution per 
second equals the number entering the solution [Figure 11.9(b)]. Because © the in- 
creased concentration of molecules in both the gas and solution phases, this number is 
greater in (b) than in (a) when the partial pressure was lower. 

Example 11.12 applies Henry’s law to nitrogen gas. 


FIGURE 11.9 A molecular interpretation of Henry's law. When the partial pressure of the gas 


over the solution increases from (a) to (b), th J 
i i » Me concentration of the di. so increases 
according to Equation (11.1). of the dissolved gas alsc 


{William Henry (17751836). English chemist. Henry's mai SER? aa 
law describing the BOubility ae Saee aCe Raat se aie 
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EXAMPLE 11.12 


The solubility of pure nitrogen gas at 25°C and 1 atm is 6.8 x 10~* mol/L. What is the 
concentration of nitrogen dissolved in water under atmospheric conditions? The partial 
pressure of nitrogen gas in the atmosphere is 0.78 atm. 


Answer 


The first step is to calculate the quantity k in Equation (11.1): 


c=kP 
6.8 x 1074 mol/L = k(1 atm) 
k = 6.8 X 10~* mol/L - atm 


Therefore. the solubility of nitrogen gas in water is 


c = (6.8 X 107* mol/L: atm)(0.78 atm) 
= 5.3 X 10-4 mol/L 
=5.3x10*M 


The decrease in solubility is the result of lowering the pressure from 1 atm to 0.78 atm. 


Similar problem: 11.47. 


—_— EEE 


Most gases obey Henry’s law, but there are some important exceptions. For exam- 
ple, if the dissolved gas reacts with water, higher solubilities can result. The solubility 
of ammonia is much higher than expected because of the reaction 


NH; + HO == NHj + OH™ 
Carbon dioxide also reacts with water, as follows: 
CO, + H,0 == H,CO3 


Another interesting example concerns the dissolution of molecular oxygen in blood. 
Normally, oxygen gas is only sparingly soluble in water (2.9 x 1074 mol/L at 24°C 
and partial pressure of 0.2 atm). However, its solubility in blood is dramatically 
greater because of the high content of hemoglobin (Hb) molecules in blood. As an 
oxygen carrier, each hemoglobin molecule can bind up to four oxygen molecules, 
which are eventually delivered to the tissues for use in metabolism: 


Hb + 40, =— Hb(Or)4 


It is this process that accounts for the high solubility of molecular oxygen in blood. 
The Chemistry in Action on p. 470 relates gas solubility to a commonly observed 
phenomenon and to a dangerous situation sometimes encountered by scuba divers. 


11.8 Colligative Properties of Nonelectrolyte Solutions 
Several important properties of solutions depend on the number of solute particles in 


Solution and not on the nature of the solute particles. These properties are called 
colligative properties (or collective properties) because they are bound together by a 
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“CHEMISTRY IN ACTION 


THE SOFT-DRINK BOTTLE, “THE BENDS,” AND GAS SOLUBILITY 


sss... ees a 
As we saw in Section 11.7, the solubility of a gas can _ as its partial pressure decreases, forming bubosles in the 
be increased by increasing pressure. The following two _ bloodstream. These bubbles restrict blood f!>w, affect 
examples show what happens to gas solubilities when the transmission of nerve impulses, an¢ 1 cause 
external conditions change suddenly. death. As a precautionary step, most pro! al div- 

Every time we open a bottle of soda, beer, or cham- _ers today use a helium-oxygen mixture i id of a 
pagne, we observe the formation of gas bubbles (Figure _nitrogen—oxygen mixture in their comp sd gas 
11.10). Before the beverage bottle is sealed, it is pres- tanks, because of the lower solubility o ium in | 
surized with a mixture of air and CO, saturated with blood. The excess oxygen dissolved in | lood is | 
water vapor. Because of its high partial pressure in the used in metabolism, so it does not afflict rs with 


pressurizing gas mixture, the amount of CO, dissolved __ the bends. 
in the soft drink is many times the amount that would 
dissolve under normal atmospheric conditions. When 
the cap is removed, the pressurized gases escape, the 
pressure in the bottle falls to atmospheric pressure, and 
the amount of CO, remaining in the beverage is deter- 
mined only by the normal atmospheric partial pressure 
of CO:, 0.03 atm. The excess dissolved CO comes 
out of solution, causing the effervescence. 

We have already seen in Chapter 5 some of the ap- 
plications of the gas laws to scuba diving. A knowledge 
of Henry’s law can protect divers from a sometimes 
fatal condition known as ‘‘the bends.’’ When a diver at 
a depth of more than 15 m breathes in compressed air 


from the supply tank, more nitrogen dissolves in the FIGURE 11.10 je ‘ 
blood and other body fluids than would dissolve at the fervescence of 5 
; drink. The bi was 
surface because the pressure at that depth is far greater ei Giahtly before 
. ., SNAKE. Ss 7, \ ¢ 
than surface atmospheric pressure. If the diver ascends nd 8” Leas 
opening to dramatize the 


too quickly, much of this nitrogen will boil off rapidly 


escape of CO>. 


common origin; that is, they all depend on the number of solute particles present 
whether these particles are atoms, ions, or molecules. The colligative properties are 
vapor-pressure lowering, boiling-point elevation, freezing-point depression, and 0s- 
motic pressure. For our discussion of colligative properties of nonelectrolyte solutions 


it is important to keep in mind that we are talking about relatively dilute solutions, that 
is, solutions whose concentrations are 0.2 M. 


Vapor-Pressure Lowering 


ie esha a If a solute is nonvolatile (that is, it does not have a measurable vapor pressure) the 
it applies to pure liquids, see vapor pressure of its solution is always less than that of the pure solvent. Thus the 


Section 10.8. relationship between solution Vapor pressure and solvent vapor pressure depends on the 
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concentration of the solute in the solution. This relationship is given by Raoult’s? law, 
which states that the partial pressure of a solvent over a solution, P;, is given by the 
vapor pressure of the pure solvent, P{, times the mole fraction of the solvent in the 
solution, * 


Py = X,Pi (11.2) 
Ina solution “ontaining only one solute, X; = 1 — Xz, where X2 is the mole fraction of 
the solute. | juation (11.2) can therefore be rewritten as 
Py =(1— X2)Pi 
Py — Py = AP = XP} (11.3) 
We see tha! “ne decrease in vapor pressure, AP, is directly proportional to the concen- 
tration (1 wed in mole fraction) of the solute present. 
The fo! ag example applies Equation (11.3). 
ee | 
EXAMPLE 11.13 
At 25% vapor pressure of pure water is 23.76 mmHg and that of a dilute aqueous 
urea s\ is 22.98 mmHg. Estimate the molality of the solution. 
Answe 
From Besation (11.3) we write 
= (23.76 — 22.98) mmHg = X,(23.76 mmHg) 
X, = 0.033 
By defi 
ny 
X= 
5 ny + ng 
where »2) sod / are the numbers of moles of solvent and solute, respectively. Since the 
solution i dilute, we can assume that m; is much larger than no, and we can write 
n 
X= Hess eh ey (ay Np) 


ny + ng ny 
ny = mX2 
The number of moles of water in 1 kg of water is 
1 mol H,O 
18.02 g H,0 


= 55.5 mol H,0 


1000 g H,O x 


and the number of moles of urea present in 1 kg of water is 


ny = mXz = (55.5 mol)(0.033) 
= 1.8 mol 


Thus, the concentration of the urea solution is 1.8 m. 


Similar problems: 11.67, 11.68. 


+Frangois Marie Raoult (1830-1901). French chemist. Raoult’s work was mainly in solution properties and 
electrochemistry x 
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FIGURE 11.11 The dependence 
of the partial pressures of ben- 
zene and toluene on their mole 
fraction in a benzene-toluene 
solution (Xtotene = 1 — X benzene) 
at 80°C. This solution is said to 
be ideal because the vapor pres- 
sures obey Raoult’s law [Equa- 
tion (11.2)]. 
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Why is the vapor pressure of a solution less than that of its pure solvent? As was 
mentioned in Section 11.2, one driving force in physical and chemical processes is the 
increase in disorder—the greater the disorder created the more favorable is the process, 
Vaporization increases the disorder of a system because molecules in a vapor are not as 
closely packed and therefore have less order than those in a liquid. Because a solution 
is more disordered than a pure solvent, the difference in disorder between a solution 
and a vapor is less than that between a pure solvent and a vapor. Thus solvent mole- 
cules have less of a tendency to leave a solution than to leave the pure solvent to 
become vapor, and the vapor pressure of a solution is less than that of the solvent, 

If both components of a solution are volatile (that is, have measurable vapor pres- 


sure), the vapor pressure of the solution is the sum of the individual partial pressures, 
Raoult’s law holds equally well in this case: 

Pa = XaPA 

Pz = XpP3 
where P and Pg are the partial pressures over the solution for components A and B; 


P and P¥, are the vapor pressures of the pure substances; and X a and Xp are their mole 
fractions. The total pressure is given by Dalton’s law of partial pressure {Mquation 
(5.11)]: 


Prot = Pa + Pp 
Benzene and toluene have similar structures and therefore similar intermolecular 
forces: 
CH, 
benzene toluene 
In a solution of benzene and toluene, the vapor pressure of each component obeys 


Raoult’s law. Figure 11.11 shows the dependence of the total vapor pressure (Pyota)) in 
a benzene-toluene solution on the composition of the solution. Note that we need only 
express the composition of the solution in terms of the mole fraction of one component. 
For every value Of Xtenzene, the mole fraction of toluene, Xioiuene, is given by (1 — 
Xbenzene)- The benzene—toluene solution is one of the few examples of an ideal solu- 
tion, which is any solution that obeys Raoult’s law. One characteristic of an ideal 
solution is that the heat of solution, AH,.),, is always zero. 

Most solutions do not behave ideally in this Tespect. Designating two volatile sub- 
stances as A and B, we can consider the following two cases: 


quently, the vapor pressure of the solution is greater than the sum of the vapor pres- 
sures as predicted by Raoult’s law at the same concentration. This behavior gives rise 
to the positive deviation [Figure 11.12(a)]. : 


ixing i The heat of solution is positive (that is, 
mixing is an endothermic process). ution 1s pos ( 
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Pressure 
Pressure 
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FIGURE 11.12 Nonideal solutions. (a) Positive deviation occurs when Pyoiq (the dark red line) is greater than that predicted by 
Raoult’ s law (te solid black line). (b) Negative deviation. Here, P ora (the dark red line) is less than that predicted by Raoult's law 


(the solid black line). 


Case 2: If A inolecules attract B molecules more strongly than they do their own kind, 
the vapor pressure of the solution is less than the sum of the vapor pressures as pre- 
dicted by Raoult’s law at the same concentration. Here we have a negative deviation 
[Figure 11.{2(5)]. The heat of solution is negative (that is, mixing is an exothermic 
process). 


Fractional Distillation. The discussion of solution vapor pressure has a direct 
bearing on fractional distillation, a procedure for separating liquid components of a 
solution that is based on their different boiling points. Fractional distillation is some- 
what analogous to fractional crystallization. Suppose we want to separate a binary 
System (a system with two components), say, benzene—toluene. Both benzene and 
toluene are relatively volatile, yet their boiling points are appreciably different (80.1°C 
and 110.6°C, respectively). When we boil a solution containing these two substances, 
the vapor formed is somewhat richer in the more volatile component, benzene. If the 
vapor is condensed in a separate container and that liquid is boiled again, a still higher 
concentration of benzene will be obtained. By repeating this process many times, It 1s 
Possible to separate benzene completely from toluene. 

In practice, chemists use an apparatus like that shown in Figure 11.13 to separate 
volatile liquids. The round-bottomed flask containing the benzene—toluene solution is 
fitted with a long column packed with small glass beads. When the solution boils, the 
vapor condenses on the beads in the lower portion of the column, and the liquid falls 
back into the distilling flask. As time goes on, the beads gradually become heated, 
allowing the vapor to move upward slowly. In essence, the packing material causes the 
benzene—toluene mixture to be subjected continuously to numerous vaporization— 
condensation steps. At each step the composition of the vapor in the column becomes 
ticher in the more volatile, or lower boiling-point, component (in this case, benzene). 


The longer the fractionating 
column, the more complete the 
separation of the volatile 
liquids. 
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Thermometer 


Adapter 
Water p 
Water 


ea 


Receiving 
flask 


FIGURE 11.13 An apparatus 
for small-scale fractional distil- 


lation. The fractionating column mE 
is packed with tiny glass beads. a 


Finally, essentially pure benzene vapor rises to the top of the column an. is then 
condensed and collected in a receiving flask. 

Fractional distillation is as important in industry as it is in the labora y. The 
petroleum industry employs fractional distillation on a large scale to separate the vari- 
ous components of crude oil. More will be said of this process in Chapter 23. 


Boiling-Point Elevation 


solut (the solid line). Consequently, the 
dotted line Intersects the horizontal line that marks P = | atm at a higher temperature 
than the boiling point of the pure solvent. This graphical anlaysis shows that the boiling 
point of the solution is higher than that of water. The boiling-point elevation, ATs, is 


defined as 
r T;. AT, is a positive 


quantily AT, = T, — T2 
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Pressure 


i ~~ Temperature 


Freezing Freezing Boiling Boiling 
point of point of point of point of 
solution water water solution 


FIGURE, § Phase diagram illustrating the boiling-point elevation and freezing-point de- 
Pression ueous solutions. The dashed curves pertain to the solution, and the solid curves to 
the pur‘ nt. As you can see, the boiling point of the solution is higher than that of water, 
and the ing point of the solution is lower than that of water. 
where 7 s the boiling point of the solution and 7;, the boiling point of the pure solvent. 
Because .\,, is proportional to the vapor-pressure lowering, it is also proportional to 
the concentration (molality) of the solution. That is, 

AT, & m 

AT, = Kym (11.4) 
where yi js the molal concentration of the solute and Ky is the proportionality constant. 


The latier is called the molal boiling-point elevation constant; it has the units of °C/m. 
It is important to understand the choice of concentration unit here. We are dealing 
with a system (the solution) whose temperature is not kept constant, so we cannot 
express the concentration units in molarity because molarity changes with temperature. 
Table 11.2 lists the value of K, for several common solvents. Using the boiling- 
point elevation constant for water and Equation (1 1.4), you can see that if the molality 
m of an aqueous solution is 1.00, the boiling point will be 100.52°C. 


Freezing-Point Depression 


A nonscientist may remain forever unaware of the boiling-point elevation phenome- 
d climate is familiar with freezing-point 


hon, but a careful observer living in a col ! , 
depression. Ice on frozen roads and sidewalks melts when sprinkled with salts such as 
NaCl or CaCl. This method of thawing succeeds because it depresses the freezing 


point of water. 
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Since T? > T;, AT; is a positive 
quantity. 


When an aqueous solution 
freezes, the solid first formed 
is almost always ice. 
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TABLE 11.2 Molal Boiling-Point Elevation and Freezing-Point Depression 


Constants of Several Common Liquids 
LSS a 


Normal Freezing Kj Normal Boiling K, 

Solvent Point (°C)* (°C/m) Point (°C) (°Cim) 
a 

Water 0 1.86 100 0.52 
Benzene 5.5 5:12 80.1 2.53 
Ethanol —114.6 1.99 78.4 1,22 
Acetic acid 16.6 3.90 117.9 2.93 
Chloroform =03:0 — 61.7 3.63 
Carbon tetrachloride 23 _— 76.5 5.03 


*Measured at 1 atm. 

+The K; of chloroform and carbon tetrachloride cannot be determined accurately because of experimental 
difficulties. 

Sa Se 


Figure 11.14 shows that lowering the vapor pressure of the solution shifts the 
solid—liquid curve to the left (see the dashed line). Consequently, this dashed line 
intersects the horizontal line at a temperature /ower than the freezing point of water. 
The depression in freezing point, A7;, is defined as 


AT; = T? — T; 


where 77 is the freezing point of the pure solvent and 7; the freezing point of the 
solution. Again, AT; is proportional to the concentration of the solution: 


AT; « m 
AT; = Kym (11.5) 


where m is the concentration of the solute in molality units, and Ky is the molal 
freezing-point depression constant (see Table 11.2). Like Ky, K¢ has the units °C/m. 

Note that we require that the solute be nonvolatile in the case of boiling-point 
elevation, but no such restriction applies to freezing-point depression. For example, 
methanol (CH3OH), a fairly volatile liquid that boils at only 65°C, has sometimes been 
used as an antifreeze in automobile radiators. 


A practical application of the freezing-point depression is shown in the following 
example. 


—_—_ ee 
EXAMPLE 11.14 . 

Ethylene glycol (EG), CH>(OH)CH2(OH), is a common automobile antifreeze. It is 
cheap, water soluble, and fairly nonvolatile (b.p. 197°C). Calculate the freezing point of 


4 solution containing 651 g of this substance in 2505 g of water. Would you keep this 


eae in your car radiator during the summer? The molar mass of ethylene glycol is 
01 g. 


Answer 


The number of moles of ethylene glycol in 1000 g of water is 


ImolEG _ 1000 g 


651-2 EG <r es 
62.01 gEG 2505 g 


= 4.19 mol EG 
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Thus, the molality of the solution is 4.19 m, From Equation (11.5) and Table 11.2 we 
have 
AT; = (1.86°C/m)(4.19 m) 
=e 
Since pure water freezes at 0°C, the solution will freeze at —7.79°C. We can calculate 
boiling-pvint elevation in the same way as follows: 
AT, = (0.52°C/m)(4.19 m) 
= 2.2°C 
Because the solution will boil at 102.2°C, it would be preferable to leave the antifreeze in 
your car racliator in summer to prevent the solution from boiling. 


Similar problems: 11.75, 11.77. 


Osmotic Pressure 


The phenomenon of osmotic pressure is illustrated in Figure 11.15. The left compart- 
ment of the apparatus contains pure solvent; the right compartment contains a solution. 
The two compartments are separated by a semipermeable membrane, which allows 
solvent molecules to pass through but blocks the passage of solute molecules. At the 
start, the water levels in the two tubes are equal [see Figure 11.15(a)]. After some 
time, the level in the right tube begins to rise; this continues until equilibrium is 
reached. The net movement of solvent molecules through a semipermeable membrane 
from a pure solvent or from a dilute solution to a more concentrated solution is called 
osmosis. The osmotic pressure (7) of a solution is the pressure required to stop 
osmosis from pure solvent into the solution. As shown in Figure 11.15(b), this pressure 
can be measured directly from the difference in the fluid levels. 


; Osmotic 
Semipermeable pressure 


membrane 


FIGURE 11.15 Osmotic pressure. (a) The levels of the pure solvent (left) and of the solution 
(right) are equal at the start. (b) During osmosis, the level on the solution side rises asa result of 
the net flow of solvent from left to right. The osmotic pressure is equal to the hydrostatic pressure 
exerted by the column of fluid in the right tube at equilibrium. Basically the same effect is 
observed when the pure solvent is replaced by a more dilute solution than that on the right. 
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| Net transfer | 
of solvent j 
} | 
(ia | 
ema 
L Sulla ie 
(a) (b) 
FIGURE 11.16 Unequal vapor pressures inside the container lead to a net tran of water 
from the beaker in (a) to the solution in the beaker in part (b), shown at equilibrium. « ‘vis driving 
force for solvent transfer is analogous to the osmotic phenomenon shown in ! Am is) 
What causes water to move spontaneously from left to right in this cas ompare 
the vapor pressure of water and that of a solution (Figure 11.16). Because ‘he vapor 
pressure of pure water is higher, there is a tendency for net transfer of waic: from the 
left beaker to the right one. Given enough time, the transfer will continue ‘» comple- 
tion. A similar force causes water to move into the solution during osnx 
Although osmosis is a common and well-studied phenomenon, relati\ little is 
known as to how the semipermeable membrane stops some molecules yet al! others 
to pass. In some cases, it is simply a matter of size. A semipermeable mem! “ane may 
have pores small enough to let only the solvent molecules through. In othe: cases, a 
different mechanism may be responsible for the membrane’s selectivity—for example, 


the solvent’s greater ‘‘solubility’’ in the membrane. 
The osmotic pressure of a solution is given by 


a = MRT (11.6) 


where M is the molarity of solution, R the gas constant (0.0821 L + atm/K ©) ol), and 
T the absolute temperature. The osmotic pressure, 7, is expressed in atm. © ince os- 
motic pressure measurements are carried out at constant temperature, we ex>ress the 
concentration here in terms of the more convenient units of molarity ra{oer than 
molality. 

As in the boiling-point elevation and freezing-point depression equations, osmotic 
pressure too is directly proportional to the concentration of solution. This is what we 
would expect, bearing in mind that all colligative properties depend only on ihe num- 
ber of solute particles in solution. If two solutions are of equal concentration and, 
hence, of the same osmotic pressure, they are said to be isotonic. If two solutions are of 
unequal osmotic pressures, the more concentrated solution is said to be hypertonic and 
the more dilute solution is described as hypotonic (Figure 11.17). i 

The osmotic pressure phenomenon manifests itself in many interesting applications. 
To study the contents of red blood cells, which are protected from the external environ- 
ment by a semipermeable membrane, biochemists use a technique called hemolysis. 
The red blood cells are placed in a hypotonic solution. Because the hypotonic solution 
is less concentrated than the interior of the cell, water moves into the cells, as shown in 
Figure 11.17(b). The cells swell and eventually burst, releasing hemoglobin and other 
molecules. 

Home preserving of jam and jelly has recent] 
money-saving) hobby in the United States. Use of 
essential to the preservation process, since the su: 
bacteria that may cause botulism. As Figure 11.17 


y been revived as a popular (and 
a large quantity of sugar is actually 
gar is partly responsible for killing 
(c) shows, when a bacterial cell is in 
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Water molecules 
® Solute molecules 


479 


FIGURE t! A cell in (a) an isotonic solution, (b) a hypotonic solution, and (c) a hypertonic solution. The cell remains 
unchanged a), swells in (b), and shrinks in (c). 
a hypertonic (high concentration) sugar solution, the intracellular water tends to move 
out of the b-cterial cell to the more concentrated solution by osmosis. This process, 
known as ©) vation, causes the cell to shrink and, eventually, to cease to function. The 
acidic mecivin due to the presence of citric acid and other acids in fruits also helps kill 
the bacteri 

Osmotic pressure is the major mechanism transporting water upward in plants. he capillary action discussed 
Because thi ‘caves of trees constantly lose water to the air, in a process called transpi- im — wat a ins eta 
ration, the solute concentrations in leaf fluids increase. Water is pushed up through the)..." pstiedes gala Dacia 
trunk, brane ues, and stems by osmotic pressure, which may have to be as high as 10 to 
15 atm in orier to reach leaves at the tops of California’s redwoods, which reach about 
120 m in height. 

The fo!l»\ving example shows that an osmotic pressure measurement can give us the 
concentration of the solution. 


EXAMPLE 11.15 


The average osmotic pressure of seawater is about 30.0 atm at 25°C. Calculate the molar 
concentration of an aqueous solution of urea (NH,CONH,) that is isotonic with seawater. 


Answer 


A solution of urea that is isotonic with seawater must have the same osmotic pressure, 
30.0 atm. Using Equation (11.6) 
a = MRT 
7 30.0 atm 
RP (0.0821 L- atm/K - mol)(298 K) 
1.23 mol/L 
= 1.23M 


Similar problem: 11.100. 


When we say that seawater-has 
an osmotic pressure of 

30 alm, we mean that when 
seawater is placed in the 
apparatus shown in Figure 
11.15. we obtain a 
measurement of 30 alm. 
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Using Colligative Properties to Determine Molar Mass 


The colligative properties of nonelectrolyte solutions provide us with a means of deter- 
mining the molar mass of a solute. Theoretically, any of the four colligative properties 
can be used for this purpose. In practice, however, only freezing-point depression and 
osmotic pressure are used because those cases show the most pronounced changes. 

The following examples demonstrate the determination of molar masses from 
freezing-point depression and osmotic pressure measurements. 


EXAMPLE 11.16 

A 7.85 g sample of a compound with empirical formula CsH, is dissolved in 30° g of 
benzene. The freezing point of the solution is 1.05°C below that of pure benzene. What 
are the molar mass and molecular formula of this compound? 


Answer 


From Equation (11.5) and Table 11.2 we can write 


: AT; 1.05°C 
molality = — = ——— = 0,205 m 
Ke — 5.12°C/m 
Thus, the solution contains 0.205 mole of solute per kilogram of benzene. Since the 
solution was prepared by dissolving 7.85 g of solute in 301 g of benzene, the number of 
grams of solute in a kilogram of solvent is 
gsolute 7.85 g solute . 1000 g benzene 
kg benzene 301 g benzene 1 kg benzene 
_ 26.1 g solute 
1 kg benzene 


Now that we know 0.205 mole of solute is 26.1 g, the molar mass of solute must be 


26.1 g 


molar mass = ————— 
0.205 mol 


= 127 g/mol 


Since the formula mass of CsH, is 64 g and the molar mass is found to be 127 zg, the 
molecular formula of the compound is CjoHg. 


Similar problems: 11.76, 11.78. 


EXAMPLE 11.17 


A solution is prepared by dissolving 35.0 g of hemoglobin (Hb) in enough water to make 
up liter in volume. If the osmotic pressure of the solution is found to be 10.0 mmHg at 
25°C, calculate the molar mass of hemoglobin. 


Answer 


First we calculate the concentration of the solution: 
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a = MRT 
7 
M=— 
RT 
10.0 mmHg x ee 
a 760 mmHg 
(0.0821 L- atm/K - mol)(298 K) 
= 5.38 x 104M 


The volurs of the solution is 1 L, so it must contain 5.38 x 10~* mol of Hb. We use this 
quantity ‘o calculate the molar mass: 


mass of Hb 
moles:ofjHbi=' = sae 
molar mass of Hb 
mass of Hb 
molar mass of Hh = —————— 
moles of Hb 
35.0 g 


~ 5.38 x 10 mol 
= 6.51 X 10° g/mol 


Similar problems: 11.85, 11.86. 


A pressure such as 10.0 mmHg in the preceding example can be measured easily 
and accurately. For this reason, osmotic pressure measurements are among the most 
useful techniques for determining the molar masses of large molecules such as pro- 
teins. To see how much more useful it is than freezing-point depression would be, let 
Us estimate the change in freezing point of the same hemoglobin solution. If a solution 
is quite dilute, we can assume that molarity is roughly equal to molality. (Molarity 
would be equal to molality if the density of the solution were | g/mL.) Hence, from 
Equation (11.5) we write 


AT; = (1.86°C/m)(5.38 X 10~* m) 
= 1.00 x 107°C 


The thousandth of a degree freezing-point depression is too small a temperature change 
to measure accurately. For this reason, the freezing-point depression technique is more 
Suitable for measuring the molar mass of smaller and more soluble molecules, those 
having molar masses of 500 g or less, since the freezing-point depressions of their 
Solutions are much greater. f 


11.9 Colligative Properties of Electrolyte Solutions 


The colligative properties of nonelectrolyte solutions are better understood than those 
of electrolyte solutions. The study of the “structure’’ of electrolyte solutions, that is, 
how each ion is arranged relative to its neighbors and how it interacts with the solvent 
molecules, has occupied some of the most prominent chemists of the past hundred 
eg Yet no completely satisfactory theory of electrolyte solution has been formu- 
ated, 
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Because of low sensitivity and 
experimental difficulties, vapor- 
pressure lowering and boiling- 
point elevation are not 
normally used for molar mass 
determination. 
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lon pairs effect an apparent 
decrease in the number of 
independently moving 
particles. 
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in solution. If the center ion is an anion, th< 
atmosphere would be made up mainly of cat: 


Qualitatively, at least, we know the following facts. In a dilute so! 
0.01 M or less, each ion is surrounded by a number of water molecules. T! 


hydration depends on the nature of the ion: It is greater for small ions \ 


charges. The size of this ‘hydration sphere’’ affects the movement of « 
anions toward the negative and positive electrodes in a solution (see Fi; 

The interionic attraction in an electrolyte solution also affects its prop 
reasonable to assume that each ion is surrounded, on the average, by ions | 
opposite charge. Thus, we can think of each ion as being the center of an ix 
phere (Figure 11.18). Indeed, experimental evidence strongly supports (! 

A fully hydrated (or solvated) ion is called a free ion. At higher con: 


cations and anions have less than complete hydration spheres and so tend (0 
with each other to form ion pairs. An ion pair consists of a cation and an © 


closely together by attractive forces with few or no water molecules bet, 
(Figure 11.19). The presence of ion pairs in a solution decreases the electric: 
tivity. Since the cation and anion in a neutral ion pair cannot move freely as 


units, there can be no net migration in solution. Electrolytes containing mu’! 


ions such as Mg**, AP*, SOF, CO3~, and PO3~ have a greater tendency i 
pairs than salts such as NaCl or KNO3. 


Dissociation of electrolytes into ions has a direct bearing on the colligati\ 


FIGURE 11.18 An ionic atmosphere surroune + 


a cation 
the ionic 


on, Say, 
legree of 
ith high 
ons and 
e 4.15). 
ies. It is 
wring the 
© atmos- 
notion. 
trations, 
\ssociate 
on held 
en them 
sonduc- 
dividual 
icharged 
form ion 


proper- 


ties of solutions, which are determined only by the number of particles present. For 


example, the depression in freezing point of a 0.1 m NaCl solution is abou! 


twice as 


great as that of a nonelectrolyte solution of 0.1 m containing cane sugar or urea as 


solute since every mole of NaCl produces 2 moles of particles in solution. 7 


he same 


he ne e- 
a, 


(a) 


FIGURE 11.19 (a) Free ions and (b) ion 
and therefore cannot conduct electricity in solution. 


Pairs in solution. Such an ion pair bears no net charge 
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TABLE 11.3 The van’t Hoff Factor of 0.05 M Electrolyte Solutions at 25°C 
rer a ey 


a 

Electrolyte i (measured) i (calculated) 
Sucrose* 1.0 1.0 
HCl 1-9) 2.0 
NaCl 1.9 2.0 
MgSO, 3) 2.0 
MgCl 2.7 3.0 
FeCl, 3.4 4.0 


*§ucrose is a nonelectrolyte. It is listed here for comparison purposes only. 
mmm | rc 


holds true for boiling-point elevation and osmotic pressure. Thus Equations (11.4), 
(11.5), and 6) should be modified as follows: 
AT, = iK,m (11.7) 
AT; = iKym (11.8) 
a = iMRT (11.9) 
where i is colicd the van’t Hoff? factor and is defined as follows: 


actual number of particles in solution after dissociation 


number of formula units initially dissolved in solution 


Thus i shou! +e | for all nonelectrolytes. For strong electrolytes such as NaCl and 
KNO3, i sho. be 2, and for strong electrolytes such as Na.SO,4 and MgCls, i should 
be 3. 


Table 11.) -hows the van’t Hoff factor for several strong electrolytes. For electro- 
lytes that form only singly charged ions, such as HCI and NaCl, the agreement between 
measured an! valculated i values is quite good. Significant deviations are observed for 
electrolytes containing Mg?*, Fe**, and SO7 ions, suggesting the formation of some 
ion pairs. 


As the following example shows, the van’t Hoff factor can be determined from 
Osmotic pressure measurements. 


a 


EXAMPLE 11.18 


The osmotic pressures of 0.010 M solutions of potassium iodide (KT) and of sucrose at 
25°C are 0.465 atm and 0.245 atm, respectively. Calculate the van't Hoff factor for KI. 


Answer 
Since osmotic pressure is directly proportional to the number of solute particles present in 


solution and since there are more particles in the KI solution than in the sucrose solution, 
We can express the van’t Hoff factor for KI as follows: 


e of the most prominent chemists of his 


‘acobus Hendricus van’t Hoff (1852-1911). Dutch chemist. On 1 ist 
and optical activity, and 


time, van’t Hoff did significant work in thermodynamics, molecular structure 
Solution chemistry. In 1901 he received the first Nobel Prize in chemistry. 
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Kvery unit of NaCl or KNO, 
that dissociates gives two ions 
(i = 2); every unit of Na,SO, or 
MeCl, that dissociates 
produces three ions (i = 3). 


This comparison works if the 
concentrations of the original 
solutions are the same. 
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number of particles in KI soln 
number of particles in sucrose soln 
osmotic pressure of KI soln 


osmotic pressure of sucrose soln 
0.465 atm 

i: 0.245 atm 

1.90 


iH 


Similar problem: 11.99. 
[oe er 


The following Chemistry in Action describes three physical techniques for obtain- 
ing the pure solvent (water) from a solution (seawater). 


; CHEMISTRY IN ACTION 


DESALINATION 


Over the centuries, scientists have sought ways of re- 
moving salts from seawater, a process called desalina- 
tion, to augment the supply of fresh water. The ocean 
is an enormous and extremely complex aqueous solu- 
tion. There are about 1.5 < 107! liters of seawater in 
the ocean, of which 3.5 percent (by mass) is dissolved 
material. Table 11.4 lists the concentrations of seven 
substances that, together, comprise more than 99 per- 
cent of the dissolved constituents of ocean water. In an 
age when astronauts have landed on the moon and 
spectacular advances in science and medicine have 
been made, desalination may seem a simple enough 
objective. However, although desalination technology 
exists, it remains very costly. It is an interesting para- 


TABLE 11.4 Composition of Seawater 


Tons g/kg of Seawater 
Chloride (Cl) 19.35 
Sodium (Na*) 10.76 
Sulfate (SOZ_) PEA 
Magnesium (Mg?*) 1.29 
Calcium (Ca**) 0.41 
Potassium (K*) 0.39 

0.14 


Bicarbonate (HCO3) 


dox that in our technological society, accomplishing 
something simple like desalination at a socially accept- 
able cost is often as difficult as achieving something 
complex like sending an astronaut to the moon. 


Distillation 


The oldest method of desalination, distillation, ac- 
counts for more than 90 percent of the approximately 
500 million gallons per day capacity of the desalination 
systems currently in operation worldwide. The process 
involves vaporizing seawater and then condensing the 
pure water vapor. Most distillation systems use heat 
energy to do this. To reduce the cost of distillation, 
attempts have been made to utilize solar radiation, as 
shown in Figure 11.20. This approach is attractive be- 
Cause sunshine is normally more intense in arid lands, 
where the need for water is also greatest. However, 
despite intensive research and development efforts, 
several engineering problems persist, and ‘‘solar stills”’ 
do not yet operate on a large scale. 


Freezing 


Desalination by freezing has also been under develop- 
ment for a number of years, but it has not yet become 
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Solar radiation 


Glass r 
window “= | 


Condensed 
water 


Water vapor 


t fener eT 


To 
receiver 


FIGURE 11.20 A solar still for desalinating seawater. 


commercially feasible. This method is based on the fact 
that when an aqueous solution (in this case, seawater) 
freezes, the solid that separates from solution is almost 
pure water. Thus, ice crystals from frozen seawater at 
desalination plants could be rinsed off and thawed to 
provide usable water. The main advantage of freezing 
is its low energy consumption, as compared with distil- 
lation. The heat of vaporization of water is 40.79 kJ/ 
mol, whereas that of fusion is only 6.01 kJ/mol. Some 
scientists have suggested that a partial solution to the 
water shortage in California would be to tow icebergs 
from the Arctic down to the West Coast. The major 
disadvantages of freezing are associated with the slow 
growth of ice crystals and with washing the salt depos- 
its off the crystals. 


Reverse Osmosis 


Both distillation and freezing involve phase changes 
that require considerable energy. On the other hand, 


desalination by reverse osmosis does not involve a 
phase change and is economically more desirable. Re- 
verse osmosis uses high pressure to force water from a 
more concentrated solution to a less concentrated one 
through a semipermeable membrane (Figure 11.21). 
The osmotic pressure of seawater is about 30 atm— 
this is the pressure that must be applied to the saline 
solution in order to stop the flow of water from left to 
right. If the pressure on the salt solution were increased 
beyond 30 atm, the osmotic flow would be reversed, 
and fresh water would actually pass from the solution 
through the membrane into the left compartment. De- 
salination by reverse osmosis is considerably cheaper 
than by distillation and avoids the technical difficulties 
associated with freezing. The main obstacle to this 
method is the development of a membrane that is per- 
meable to water but not to other dissolved substances 
and that can be used for prolonged periods under high- 
pressure conditions. Once this problem has been 
solved, and present signs are encouraging, reverse 
osmosis could become a major desalination technique. 


Pressure 


Semipermeable 
membrane 


FIGURE 11.21 Reverse osmosis. By applying enough pres- 
sure on the solution side, fresh water can be made to flow 
from right to left. The semipermeable membrane allows the 
passage of water molecules but not of dissolved ions. 
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EXERCISES 

THE SOLUTION PROCESS 
REVIEW QUESTIONS 

11.1 


example. 


. From general rules about solubilities of ionic compounds, we can predic 


_ The concentration of a solution can be expressed as percent by mass, mo 


Briefly describe the solution process at the molecular 
level. Use the dissolution of a solid in a liquid as an 
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SUMMARY 


_ Solutions are homogeneous mixtures of two or more substances, which 


solids, liquids, or gases. 


_ The ease of dissolution of a solute in a solvent is governed by intermolecul: 


In addition to energy consideration, the other driving force for the solutio 
is the disorder resulting when molecules of the solute and solvent mix + 


solution. 
precipitate will form in a specific metathesis reaction. 


molarity, and molality. These differing units are useful in differing circ: 


. Increasing temperature usually increases the solubility of solid and 


stances and always decreases the solubility of gases. 


. According to Henry’s law, the solubility of a gas in a liquid is directly p 


to the partial pressure of the gas over the solution. 


. Raoult’s law states that the partial pressure of a substance A over a : 


related to the mole fraction (X,q) of A and to the vapor pressure (P4) of 
follows: P, = X,P%. An ideal solution obeys Raoult’s law over the enti 
concentration. In practice, very few solutions behave ideally in this 1 


. Vapor-pressure lowering, boiling-point elevation, freezing-point depr: 


osmotic pressure are colligative properties of solutions; that is, they ai 
that depend only on the number of solute particles that are present and 
nature. 


. In electrolyte solutions, the interaction between ions leads to the forma! « 
ciation in 


pairs. The van’t Hoff factor provides a measure of the extent of dis: 
solution. 


Ion pairs, p. 482 
Miscible, p. 454 
Molality, p. 461 
Nonvolatile, p. 470 
Osmosis, p. 477 
Osmotic pressure, p. 477 
Percent by mass, p. 458 
Raoult’s law, p. 471 
Reverse osmosis, p. 485 


Saturated solution, p. 465 


Soft water, p. 459 
Solubility, p. 455 


Thermal pollution, p. 467 
Unsaturated solution, p. 465 
Volatile, p. 472 


Semipermeable membrane, p. 
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Supersaturated solution, p. 465 


11.2 Based on intermolecular force consideration, explain 
what “‘like dissolves like’’ means. 

11.3. What is solvation? What are the factors that influence 
the extent to which solvation occurs? Give two exam- 
ples of solvation, one involving ion—dipole interaction 


and the other dispersion forces. 


11.4. As you know, some solution processes are endother- 
mic ard others are exothermic. Provide a molecular 
interpretation for the difference. 

11.5 | Explai why the solution process invariably leads to an 
increase in disorder. 

11.6 Desc the factors that affect the solubility of a solid 
in a hid, 

11.7. What cs it mean to say that two liquids are miscible? 

PROBLEMS 

11.8 Why iphthalene (Cj9Hg) more soluble than CsF in 
benze: 

11.9 Expla » why ethanol (C,HsOH) is not soluble in cyclo- 
hexane \CoH)2). 

11.10 Arrane> the following compounds in order of increas- 
ing ility in water: O2, LiCl, Br2, methanol 
(CH 

11.11 Expla' the variations in solubility in water of the alco- 


IT.12 


SOLUBILITY OF 


hols fisted below: 


Solubility in Water 


mpound g/100 g, 20°C 
CH;¢ ~ 
CH3¢ 1H oo 
CH, H,OH © 
CH;C!i.CH;CH20OH 9 
CH;¢ HCH 2CH,OH 2.7 
(Note means the alcohol and water are completely 
misci in all proportions.) 
State “Sich of the alcohols listed in Problem 11.11 
you would expect to be the best solvent for each of the 
followinz, and explain why: (a) kh, (b) KBr, 
(c) CH;CH2CH2CH2CH3. 


IONIC COMPOUNDS 


PROBLEMS 


11.13 


11.14 


11.15 


11.16 


Characterize the following compounds as soluble or 
insoluble in water: (a) Ca3(PO4)2, (b) Mn(OH), 
(c) AgClO3, (d) K2S, (e) CaCO3, (f) Mg(CH3COO)2, 
(g) He(NO3)>, (h) HgSOq, (i) NHyClOg, (j) BaSO3. 
Name two soluble metal hydroxides and two insoluble 
metal hydroxides. 

Which of the following processes will result in a pre- 
cipitation reaction? (a) mixing a NaNO; solution with 
a CuSO, solution, (b) mixing a BaCl solution with a 
KSO, solution 

On the basis of the solubility rules given in this chap- 
ter, suggest one method by which you might separate 
(a) K* from Ag*, (b) Ag* from Pb?*, (c) NHa from 
Ca?* , (d) Ba2* from Cu2*. All cations are assumed to 
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be in aqueous solution and the common anion is the 
nitrate ion. 

Give an example of a strong electrolyte that is insolu- 
ble and a weak electrolyte that is soluble in water. 
Fluorides, that is, salts containing F~ ions, are not 
mentioned in the solubility rules in Section 11.4. Look 
up the solubilities of some metal fluorides in the Hand- 
book of Chemistry and Physics, including LiF, CaF, 
and AgF. Does F- fit with the other halides (that is, 
salts of Cl”, Br’, and I) in the solubility rules? How 
would you place fluorides in the solubility rules? 
Write ionic and net ionic equations for the following 
reactions: 

(a) 2AgNO;(aq) + Na,SO,(aq) —> 

(b) BaCl,(aq) + ZnSO,(aq) —> 

(c) (NH4)2CO3(aq) + CaClo(aq) —> 

(d) Na2S(aq) + ZnCl(aq) —> 

(e) 2K3PO,(aq) + 3Sr(NOs)(aq) —> 

(Hint: Use the solubility rules in Section 11.4 to help 
you predict the products.) 


CONCENTRATION UNITS 


REVIEW. QUESTION 


11.20 


Define the following concentration terms and give 
their units: percent by mass, mole fraction, molarity, 
molality. Compare their advantages and disadvan- 
tages. 


PROBLEMS 


11.21 


11.22 


11.23 


11.24 


11.25 


11.26 


Calculate the percent by mass of the solute in each of 
the following aqueous solutions: (a) 5.50 g of NaBr in 
78.2 g of solution, (b) 31.0 g of KCI in 152 g of 
water, (c) 4.5 g of toluene in 29 g of benzene. 
Calculate the amount of water (in grams) that must be 
added to (a) 5.00 g of urea (H3NCONH)) in the prepa- 
ration of a 16.2 percent by mass solution and, 
(b) 26.2 g of MgCl) in the preparation of a 1.5 percent 
by mass solution. 

A solution is prepared by mixing 62.6 mL of benzene 
(CeHo) with 80.3 mL of toluene (C7Hg). Calculate the 
mole fractions of these two components. The densities 
are: benzene, 0.879 g/cm’; and toluene, 0.867 g/cm’. 
Calculate the molality of each of the following solu- 
tions: (a) 14.3 g of sucrose (Cj2H220j;) in 676 g of 
water, (b) 7.20 mole of ethylene glycol (C,H¢O2) in 
3546 g of water. 

For dilute solutions, in which the density of the solu- 
tion is roughly equal to that of the pure solvent, the 
molarity of the solution is equal to its molality. Show 
that this statement is correct for a 0.010 M aqueous 
urea (H;NCONH;) solution. 

Calculate the molality of each of the following aqueous 
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solutions: (a) 2.50 M NaCl solution (density of 
solution = 1.08 g/mL), (b) 5.86 M ethanol solution 
(density of solution = 0.927 g/mL), (c) 48.2 percent 
by mass KBr solution. 

Calculate the molalities of the following aqueous solu- 
tions: (a) 1.22 M sugar (Cj2H20};) solution (density 
of solution = 1.12 g/mL), (b) 0.87 M NaOH solu- 
tion (density of solution = 1.04 g/mL), (c) 5.24M 
NaHCO; solution (density of solution = 1.19 g/mL). 
The alcohol content of hard liquor is normally given in 
terms of the ‘‘proof,’’ which is defined as twice the 
percentage by volume of ethanol (C,;H;OH) present. 
Calculate the number of grams of alcohol present in 
1.00 L of 75 proof gin. The density of ethanol is 
0.798 g/mL. 

The concentrated sulfuric acid we use in the laboratory 
is 98.0 percent H»SO, by mass. Calculate the molality 
and molarity of the acid solution. The density of the 
solution is 1.83 g/mL. 

Calculate the molarity, molality, and the mole fraction 
of NH; for a solution of 30.0 g of NH; in 70.0 g of 
water. The density of the solution is 0.982 g/mL. 
The density of an aqueous solution containing 10.0 
percent of ethanol (C)HsOH) by mass is 0.984 g/mL. 
(a) Calculate the molality of this solution. (b) Calculate 
its molarity. (c) What volume of the solution would 
contain 0.125 mole of ethanol? (d) Calculate the mole 
fraction of water in the solution. 

It is estimated that 1.0 mL of seawater contains about 
4.0 x 107!* g of gold. The total volume of ocean 
water is 1.5 x 107! L. Calculate the total amount of 
gold present in seawater. With so much gold out there, 
why hasn’t someone become rich by mining gold from 
the ocean? 


SOLUBILITY AND FRACTIONAL 
CRYSTALLIZATION 


REVIEW QUESTIONS 


11533) 


Define the following terms: saturated solution, unsatu- 
rated solution, supersaturated solution, crystallization, 
fractional crystallization. 

How do the solubilities of most ionic compounds in 
water change with temperature? 

How do a crystal and a precipitate differ? 

What is the effect of pressure on the solubility of liquid 
in liquid and of a solid in liquid? 

What is the practical application of fractional crystalli- 
zation? 


PROBLEMS 

11.38 A 3.20 g sample of a salt dissolves in 9.10 g of water 
to give a saturated solution at 25°C. What is the solu- 
bility (in g salt/100 g of HO) of the salt? 

11.39 The solubility of KNO3 is 155 g per 100 ¢ of water at 
75°C and 38.0 g at 25°C. What mass (in grams) of 
KNO; will crystallize out of solution if exactly 100 g 
of its saturated solution at 75°C .are cooled to 25°C? 

11.40 A 50g sample of impure KCIO; (solubility = 7.1 g 


per 100 g HO at 20°C) is contaminated with 10 per- 
cent of KCI (solubility = 25.5 g per 100 g of H,0 at 
20°C). Calculate the minimum quantity of 20°C water 
needed to dissolve all the KCI from the sample. How 
much KCIO; will be left after this treatment? (Assume 
that the solubilities are unaffected by the presence of 
the other compound.) 


GAS SOLUBILITY 


REVIEW QUESTIONS 


11.41 Discuss the factors that influence the solubility of a gas 
in a liquid. Explain why the solubility of a gas ina 
liquid always decreases with increasing temperature. 

11.42 What is thermal pollution? Why is it harm/u! to aquatic 
life? 

11.43 What is Henry’s law? Define each term in the equa- 
tion, and give its units. How would you account for the 
law in terms of the kinetic molecular theory of gases? 

11.44 Give two exceptions to Henry’s law. 

PROBLEMS 

11.45 A student is observing two beakers of water. One 
beaker is heated to 30°C and the other is heated to 
100°C. In each case, bubbles form in the water. Are 
these bubbles of the same origin? Explain 

11.46 A man bought a goldfish in a pet shop. Upon returning 
home, he put the goldfish in a bowl of recently boiled 
water that had been cooled quickly. A few minutes 
later the fish was found dead. Explain what happened 
to the fish. 

11.47 The solubility of CO, in water at 25°C and | atm is 
0.034 mol/L. What is its solubility under atmospheric 
conditions? (The partial pressure of CO, in air is 
0.030 atm.) Assume that CO obeys Henry’s law. 

11.48 A beaker of water is initially saturated with dissolved 
air. Explain what happens when He gas at 1 atm is 
bubbled through the solution for a long time. 

ne Neither HCI nor NH; gas obeys Henry’s law. Explain. 


A miner working 260 m below sea level opened a cat- 
bonated soft drink during a lunch break. To his sut- 


prise, the soft drink tasted rather ‘‘flat.’” Shortly after- 
ward, the miner took an elevator to the surface. During 
the trip up, he could not stop belching. Why? 


11.51 The solubility of Nz in blood at 37°C and at a partial 
pressure of 0.80 atm is 5.6 X 10~* mol/L. A deep-sea 
diver breathes compressed air with the partial pressure 
of N> equal to 4.0 atm. Assume that the total volume 
of blood in the body is 5.0 liters. Calculate the amount 
of N» gas released (in liters) when the diver returns to 
the surface of the water, where the partial pressure of 
N; is 0.80 atm. 

COLLIGA PROPERTIES OF 

NONELE¢ SLYTES 


REVIEW QUESTIONS 
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11.61 


11.62 


11.63 
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What are colligative properties? What is the meaning 
of the word ‘‘colligative’’ in this context? 


Give two examples of a volatile liquid and two exam- 
ples of a nonvolatile liquid. 
Define Raoult’s law. Define each term in the equation 


representing Raoult’s law, and give its units. 
What is an ideal solution? 

e a molecular interpretation of positive deviation 
gative deviation. 
fractional distillation. What is its practical 
ion? 


applic 
Define boiling-point elevation and freezing-point de- 
pression. Write the equations relating boiling-point 
elevation and freezing-point depression to the concen- 
tration of the solution. Define all the terms, and give 
their units. 


How is the lowering in vapor pressure related to a rise 
in the boiling point of a solution? 

Use a phase diagram to show the difference in freezing 
point and boiling point between an aqueous urea solu- 
tion and pure water. 

What is osmosis? What is a semipermeable mem- 
brane? 

Write the equation relating osmotic pressure to the 
concentration of a solution. Define all the terms and 
give their units. 

What does it mean when we say that the osmotic pres- 
sure of a sample of seawater is 25 atm at a certain 
temperature? 

Explain why molality is used for boiling-point eleva- 
tion and freezing-point depression calculations and 
molarity is used in osmotic pressure calculations? 
Describe how you would use the freezing-point de- 
pression and osmotic pressure measurements to deter- 
mine the molar mass of a compound. Why is the 
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boiling-point elevation phenomenon normally not used 
for this purpose? 

Explain why it is essential that fluids used in intrave- 
nous infections have approximately the same osmotic 
pressure as blood. 


PROBLEMS 
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11.72 
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11.74 


A solution is prepared by dissolving 396 g of sucrose 
(Cy2H220),) in 624 g of water. What is the vapor pres- 
sure of this solution at 30°C? (The vapor pressure of 
water is 31.8 mmHg at 30°C.) 

How many grams of sucrose (C}2H20;;) must be 
added to 552 g of water to give a solution with a vapor 
pressure 2.0 mmHg less than that of pure water at 
20°C? (The vapor pressure of water at 20°C is 
17.5 mmHg.) 

The vapor pressure of benzene is 100.0 mmHg at 
26.1°C. Calculate the vapor pressure of a solution con- 
taining 24.6 g of camphor (C;oH6O) dissolved in 
98.5 g of benzene. (Camphor is a low-volatility solid.) 
The vapor pressures of ethanol (C,HsOH) and 
1-propanol (C3H,OH) at 35°C are 100 mmHg and 
37.6 mmHg, respectively. Assume ideal behavior and 
calculate the partial pressures of ethanol and 1-propa- 
nol at 35°C over a solution of ethanol in 1-propanol, in 
which the mole fraction of ethanol is 0.300. 

The vapor pressure of ethanol (C,HsOH) at 20°C is 
44 mmHg, and the vapor pressure of methanol 
(CH3OH) at the same temperature is 94 mmHg. A 
mixture of 30.0 g of methanol and 45.0 g of ethanol is 
prepared (and may be assumed to behave as an ideal 
solution). (a) Calculate the vapor pressure of methanol 
and ethanol above this solution at 20°C. (b) Calculate 
the mole fraction of methanol and ethanol in the vapor 
above this solution at 20°C. (c) Suggest a method for 
separating the two components of the solution. 

Two beakers, one containing an 8.0 M glucose aque- 
ous solution and the other containing pure water, are 
placed under a tightly sealed bell jar at room tempera- 
ture. After a few months one beaker is completely dry 
and the other has increased in water by an amount 
equal to that originally present in the other beaker. 
Account for this phenomenon. 

How many grams of urea (H2NCONHz) must be added 
to 450 g of water to give a solution with a vapor pres- 
sure 2.50 mmHg less than that of pure water at 30°C? 
(The vapor pressure of water at 30°C is 31.8 mmHg.) 
What are the boiling point and freezing point of a 
2.47 m solution of naphthalene in benzene? (The boil- 
ing point and freezing point of benzene are 80.1°C and 
5.5°C, respectively.) 
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An aqueous solution contains the amino acid glycine 
(NH,CH,COOH). Assuming no ionization of the acid, 
calculate the molality of the solution if it freezes at 
Bel be Go 

Pheromones are compounds secreted by the females of 
many insect species to attract males. One of these 
compounds contains 80.78 percent C, 13.56 percent 
H, and 5.66 percent O. A solution of 1.00 g of this 
pheromone in 8.50 g of benzene freezes at 3.37°C. 
What are the molecular formula and molar mass of the 
compound? (The normal freezing point of pure ben- 
zene is 5.50°C.) 

How many liters of the antifreeze ethylene glycol 
[CH(OH)CH2(OH)] would you add to a car radiator 
containing 6.50 L of water if the coldest winter tem- 
perature in your area is —20°C? Calculate the boiling 
point of this water—ethylene glycol mixture. The den- 
sity of ethylene glycol is 1.11 g/mL. 

A solution of 0.85 g of the organic compound mesitol 
in 100.0 g of benzene is observed to have a freezing 
point of 5.16°C. What are the molality of the mesitol 
solution and the molar mass of mesitol? 

A solution of 2.50 g of a compound of empirical for- 
mula C¢HsP in 25.0 g of benzene is observed to freeze 
at 4.3°C. Calculate the molar mass of the solute and its 
molecular formula. 

A solution is prepared by condensing 4.00 L of a gas, 
measured at 27°C and, 748 mmHg pressure, into 
58.0 g of benzene. Calculate the freezing point of this 
solution. 

The elemental analysis of an organic solid extracted 
from gum arabic showed that it contained 40.0 percent 
C, 6.7 percent H, and 53.3 percent O. A solution of 
0.650 g of the solid in 27.8 g of the solvent diphenyl 
gave a freezing-point depression of 1.56°C. Calculate 
the molar mass and molecular formula of the solid. (Ky 
for diphenyl is 8.00°C/m.) 

The molar mass of benzoic acid (CsH;COOH) deter- 
mined by measuring the freezing-point depression in 
benzene is twice that expected for the molecular for- 
mula, C7H¢O2. Explain this apparent anomaly. 

A quantity of 7.480 g of an organic compound is dis- 
solved in water to make 300.0 mL of solution. The 
solution has an osmotic pressure of 1.43 atm at 27°C. 
The analysis of this compound shows it to contain 41.8 
percent C, 4.7 percent H, 37.3 percent O, and 16.3 
percent N. Calculate the molecular formula of the 
compound. 

What is the osmotic pressure (in atm) of a 1.36 M 
aqueous urea solution at 22.0°C? 

A solution containing 0.8330 g of a protein of un- 
known structure in 170.0 mL of aqueous solution was 
found to have an osmotic pressure of 5.20 mmHg at 
25°C. Determine the molar mass of the protein. 


11.86 A solution of 6.85 g of a carbohydrate in 100.0 g of 
water has a density of 1.024 g/mL and «n osmotic 
pressure of 4.61 atm at 20.0°C. Calculate the molar 
mass of the carbohydrate. 

COLLIGATIVE PROPERTIES OF ELEC} OLYTE 

SOLUTIONS 

REVIEW QUESTIONS 

11.87 Why is the discussion of the colligative erties of 
electrolyte solutions more involved than of non- 
electrolyte solutions? 

11.88 Define ion pairs. What effect does ion-p. . ‘ormation 
have on the colligative properties of a : on? 

11.89 How does the ease of ion-pair formation ‘epend on 
(a) charges on the ions, (b) size of the ion: (c) nature 
of solvent (polar versus nonpolar)? 

11.90 In each case, indicate which of the follc pairs of 
compounds is more likely to form ion p in water: 
(a) NaCl or NaSO,, (b) MgCl, or MgSO ) LiBr or 
KBr. 

11.91 Define the van’t Hoff factor. What infor: tion does 
this quantity provide? 

PROBLEMS 

11.92 Which of the following two aqueous ions has 
(a) the higher boiling point, (b) the hi; freezing 
point, (c) the lower vapor pressure, and ( e higher 
osmotic pressure: 0.35 m CaCl, or 0.90 1 ca? State 
your reasons. 

11.93 Consider two aqueous solutions, one sucrose 
(Cj2H220);) and the other of nitric acid (1-3), both 
of which freeze at —1.5°C. What other p) erties do 
these solutions have in common? 

11.94 Arrange the following solutions in order o' ‘ecreasing 
freezing point: 0.10 m Na3PO4, 0.35 m Na. i, 0.20 m 
MgCh, 0.15 m CgHi206, 0.15 m CH3CO'H. 

11.95 Both NaCl and CaCl, are used to melt ice on: roads in 
winter. What advantages do these substances have 
over sucrose or urea in lowering the freezin2 point of 
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11.99 


water? 

Arrange the following aqueous solutions in order of 
decreasing freezing point and explain your reasons: 
0.50 m HCI, 0.50 m glucose, 0.50 m acetic acid. 
What are the normal freezing points and boiling points 
of the following solutions? (a) 21.2 g NaCl in 135 mL 
of water, (b) 15.4 g of urea in 66.7 mL of water 
At 25°C the vapor pressure of pure water is 23.76 
mmHg and that of seawater is 22.98 mmHg. Assuming 
that seawater contains only NaCl, estimate its concen- 
tration in molality units. 

The osmotic pressure of 0.010 M solutions of CaCl 
and urea at 25°C are 0.605 atm and 0.245 atm, respec- 


tively. Calculate the van’t Hoff factor for the CaCh 
solution. 
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percent by mass solution of NaCl is called 
logical saline’’ because its osmotic pressure is 


) that of the solution in blood cells. Calculate 
notic pressure of this solution at normal body 
ture (37°C). Note that the density of the saline 


is 1.005 g/mL. 
the following initial arrangement: 


Membrane 


Whi ill happen if the membrane is (a) permeable to 
bot rand the Na* and Cl” ions, (b) permeable to 
wat | Na* ions but not to Cl” ions, (c) permeable 
to but not to Na* and Cl” ions? 
MISCEL! OUS PROBLEMS 
11.102 As on is made up by mixing two volatile liquids A 
and »mplete the following table where the symbol 
<_ cates intermolecular attractive forces. 
Altr Deviation from 
Fe Raoult’s Law MA goin 
A> 4, — B> 
A<—>B 
Negative 
Zero 
11.103 Explain each of the following statements: (a) The boil- 


ing point of seawater is greater than that of pure water. 
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(b) Carbon dioxide escapes from the solution when the 
cap is removed from a soft-drink bottle. (c) Concentra- 
tions of dilute solutions expressed in molalities are 
approximately equal to those expressed in molarities. 
(d) In discussing the colligative properties of a solution 
(other than osmotic pressure), it is preferable to ex- 
press the concentration units in molalities rather than in 
molarities. (e) Methanol (b.p. 65°C) is useful as an 
antifreeze, but it should be removed from the car radia- 
tor during the summer season. 

Lysozyme is an enzyme that cleaves bacterial cell 
walls. A sample of lysozyme extracted from chicken 
egg white has a molar mass of 13,930 g. A quantity of 
0.100 g of this enzyme is dissolved in 150 g of water 
at 25°C. Calculate the vapor-pressure lowering, the 
depression in freezing point, the elevation in boiling 
point, and the osmotic pressure of this solution. (The 
vapor pressure of water at 25°C = 23.76 mmHg.) 

A solution of 1.00 g of anhydrous aluminum chloride, 
AICI, in 50.0 g of water is found to have a freezing 
point of —1.11°C. Explain this observation. 

A cucumber placed in concentrated brine (salt water) 
shrivels into a pickle. Explain 

Solutions A and B have osmotic pressures of 2.4 atm 
and 4.6 atm, respectively, at a certain temperature. 
What is the osmotic pressure of a solution prepared by 
mixing equal volumes of A and B at the same tempera- 
ture? 

Define reverse osmosis. Explain why reverse osmosis 
is (theoretically) more desirable as a method for desali- 
nation than distillation or freezing. 

What minimum pressure must be applied to seawater at 
25°C in order to carry out the reverse osmosis process? 
(Treat seawater as a 0.70 M NaCl solution.) 

A protein has been isolated as a salt with the formula 
NazoP (this means that there are 20 Na* ions associ- 
ated with a negatively charged protein P-). The os- 
motic pressure of a 10.0 mL solution containing 
0.225 g of the protein is 0.257 atm at 25.0°C. (a) Cal- 
culate the molar mass of the protein from these data. 
(b) Calculate the actual molar mass of the protein. 
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Oxide on a piece of copper can be removed by an etching reaction in which the copper is dipped in a 
mixture of phosphoric acid, acetic acid, and nitric acid. The green color is due to the copper ions in a 


concentrated solution. 
12.1 OXIDATION—REDUCTION REACTIONS: 12.4 BALANCING REDOX EQUATIONS 
SOME DEFINITIONS vee Number Method / lon—Electron 
12.2 OXIDATION NUMBERS 
Assigning Oxidation Numbers / Periodic 12.5 QUANTITATIVE ASPECTS OF REDOX 
Variations of Oxidation Numbers - REACTIONS 
12.3 TYPES OF REDOX REACTIONS Equivalent Mass / Normality 
Combination Reactions / Decomposition CHEMISTRY IN ACTION / BREATH ANALYZER 
Reactions / Displacement Reactions / 
Disproportionation Reactions / Miscellaneous CHEMISTRY IN ACTION / BLACK AND WHITE 
Redox Reactions PHOTOGRAPHY 
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aving discussed physical properties of solutions, we are now ready to study al 

tant type of chemical reaction that frequently takes place in aqueous solution 

tion—reduction reactions. Oxidation—reduction reactions are very much a part 
world around us. They range from the combustion of fossil fuels 


CH4(g) + 202(g) —> COp(g) + 2H20(/) 


to the action of household bleaching agents that contain the active ingredient sodium 
chlorite (NaOCl). It is this ingredient that oxidizes the color-bearing substances in s! 
converting them to colorless compounds. This chapter will deal with some basic defi) 
with oxidation numbers and methods for balancing equations, and with the quantitati 
pects of oxidation—reduction processes. 


12.1 Oxidation—Reduction Reactions: Some Definili 


We discussed the formation of ionic compounds from metallic and no: 
ments in Section 8.2. Let us return to the reaction between atoms o! 
fluorine. As we saw, for convenience this reaction can be considered as 
steps, one involving the loss of an electron by a lithium atom and the oth 
an electron by a fluorine atom: 


For convenience this “Li — Lit +e 

representation of the fluorine— sc i 

lithium reaction assumes tF-+e7° —> :F:7 

isolated atoms of each iy oy 

reactant (see p. 307). Each of these steps is called a half-reaction, which explicitly shows electr: 


The sum of the half-reactions gives the overall reaction 
“Li 98: 427 eee + 
or, if we omit the electron that appears on both sides of the equation, 
‘Lit dha ar rs 


The half-reaction that involves loss of electrons is called an oxidation re 
half-reaction that involves gain of electrons is called a reduction reacti 
example, lithium is oxidized. It is said to act as a reducing agent because it 


impor- 


cida- 
the 


allic ele- 
‘ium and 
) separate 
e gain of 


nvolved. 


ction; the 


1. In this 


jonates an 


electron to fluorine and causes fluorine to be reduced. Fluorine is reduced and acts as 
an oxidizing agent because it accepts an electron from lithium, causing lithium to be 


oxidized. 


As another example, consider the formation of MgO. The two half-reactions are 


*Mg- —> Mg?* + 2¢- 
“O" ege se Ore 
and the overall reaction is 
*Ma* © -O- + 26m = 5 Mett 4.3022 4. 26- 
or i 


Mg: + OL == Mg?* :Q:2- 


In this case, 


oxygen is © 
Oxidati 
number o! 
gained by ' 
“oxidatior 
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Mg is oxidized and is the reducing agent because it loses two electrons; 


duced and is the oxidizing agent because it accepts two electrons. 
» and reduction always occur together because in any reaction the total 
«'ectrons lost by the reducing agent must equal the number of electrons 


oxidizing agent. Redox reaction, a term that combines ‘“‘reduction’’ and 
is often used for oxidation—reduction reaction. 


‘alion Numbers 


‘os of oxidation and reduction in terms of the loss and gain of electrons 
‘ormation of ionic compounds such as LiF and MgO, which we used as 
section 12.1. But what about compounds such as HF, which is partly 
artly ionic? Actually, the difference between HF and LiF with regard to 
eduction is only a matter of degree. Strictly speaking, no compound is 
)O percent ionic. 
son, chemists have introduced the concept of oxidation number to help 
\ectrons in chemical reactions. Oxidation number refers to the number 
tom would have in a molecule if electrons were transferred completely 
» indicated by the difference in electronegativity (see Section 8.5). For 
F is more electronegative than H, it would bear a charge of —1 if the 
ransferred completely; so the oxidation number of fluorine in HF is —1. 
een in HF is +1. Thus, we formally treat electrons as if they were 
pletely from the less electronegative atom to the more electronegative 


/ redefine redox reactions more generally in terms of oxidation number, 
element is said to be oxidized if its oxidation number increases in a 
»xidation number of the element decreases in a reaction, it is said to be 

» molecular hydrogen reacts with molecular fluorine to form hydrogen 


Hy(g) + Fx(g) —> 2HF(g) 


number of hydrogen increases from 0 in H2 to +1 in HF and that of 


fluorine decreases from 0 in F, to —1 in HF. Thus hydrogen is the element oxidized 
and fluorine is the element reduced in this reaction. 
Assigning Oxidation Numbers 


There are several general rules for assigning oxidation numbers to elements in com- 


pounds. 


1. The oxidation number of an atom of any element in its elemental state (that is, 
uncombined form) is zero, no matter how complex the molecule. Thus, each atom 
in Hj, F5, Be, Li, Na, O>, Ps, and Sg has the same oxidation number: zero. 

2. For an ion composed of only one atom, the oxidation number is equal to the charge 
on the ion. Thus K* ion has an oxidation number of +1; Mg?* ion, +2; Al?* ion, 
+3; F~ ion, —1; 02> ion, —2; and so on. All alkali metals have an oxidation 
number of +1, and all alkaline earth metals have an oxidation number of +2 in 
their compounds. 

3. The oxidation number of oxygen in most compounds (for example, H.O and CaO) 
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Oxidizing agents are always 
reduced and reducing agents 
are always oxidized. This 
statement, which sounds 
somewhat confusing, is simply 
a consequence of the 
definitions of the two 
processes. 


The term oxidation state is 
used interchangeably with the 
term oxidation number. 


496 


Note that the oxidation 
numbers are always expressed 
on a “per atom” basis. Do not 
confuse the total charge on 
the peroxide anion (2—) with 
the oxidation number of 
oxygen within the anion (—1). 
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is —2, but it is different in the following two cases: In OF), it has an oxidation 
number of +2, because fluorine is more electronegative than oxygen. In hydrogen 
peroxide (H,O>) and in peroxide ion (O03), its oxidation number is —!. We can see 
why by looking at the Lewis structure for hydrogen peroxide: 


H—O—O—H 
A bond between identical atoms in a molecule makes no contribution to the oxida- 


tion number of those atoms because the electron pair of that bond is equa/ly shared, 
Since H has an oxidation number of +1, each O atom in HO; has an oxidation 


number of —1. In the superoxide ion, O37 , each O atom has an oxidation number 
of —3. 
4. Fluorine has an oxidation number of —1 in all of its compounds. This is a conse- 
quence of the fact that fluorine has the highest electronegativity of all the elements, 
5. The oxidation number of hydrogen is +1, except when it is bonded to elements less 


electronegative than itself. For example, in hydrides such as LiH, NaH, and BaH, 
its oxidation number is —1. 

6. In a neutral molecule, the sum of the oxidation numbers of all the atoms must be 
zero. In a polyatomic ion, the sum of the oxidation numbers of all the elements in 
the ion must equal the net charge of the ion. For example, in the ammonium ion, 
NHf, the oxidation number of nitrogen is —3 and that of hydrogen is + Thus the 
sum of oxidation numbers is —3 + (4 X 1) = +1, which is equal to the net charge 
of the ion. 


NG == 
EXAMPLE 12.1 


Assign oxidation numbers to all the elements in the following compounds and ion: 
(a) Rb2O, (b) NaBHy, (c) K2Cr,0;, (d) NOZ, and (e) SFe. 


Answer 


(a) By rule 2 we see that rubidium has an oxidation number of +1 (Rb*) and oxygen an 
oxidation number of —2 (07>). 

(b) By rule 2 sodium has an oxidation number of +1 (Na*); therefore, the anion must be 
BHyj. Since hydrogen is more electronegative than boron (see Figure 8.8), it is assigned 
an oxidation number of —1. The oxidation number of boron must therefore be +3. 
(c) Rule 2 requires the oxidation number of K to be +1 (K*). Using rule 6, we see that the 
sum of the oxidation numbers in Cr;03~ must be —2. We know that the oxidation number 
of O is —2 (rule 3), so all that remains is to determine the oxidation number of Cr, which 
we call x. The sum of the oxidation numbers in Cr,05 is 


2(x) + 7(-2) = -2 
x=+6 


(d) Since oxygen is more electronegative than nitrogen (see Figure 8.8), it is assigned an 


oxidation number of —2 (rule 3). In order to have the 
ion 1 é ove i le7 
the oxidation number of nitrogen must be +3. SS eadimiaaate 


(€) According to rule 4 fluorine always has an oxidati 
idati ¥ ti . , th 
oxidation number of sulfur in SF. is +6. ion number of —1. Therefore, the 


Similar problems: 12.10, 12.11, 12.12. 


See eee 


Periodic Variations of Oxidation Numbers 


Figure 12.1 shows the known oxidation numbers of the more familiar elements, ar- 
ranged according to their positions in the periodic table. This arrangement is useful 
because it shows up the following general features of oxidation numbers: 


® Metallic elements have only positive oxidation numbers, whereas nonmetallic 
elements may have either positive or negative oxidation numbers. 

@ The highest oxidation number a representative element can have is its group 
number in the periodic table. For example, the halogens are in Group 7A, so 


Na Mg 
+1 
3B 4B 
19 20 21 22 
K Ca Se Ti 
+] +3 +4 
+3 
+2 
i = 
37 38, 39 40 
Rb Sr Y Zr 
+1 ' +3 +4 
55 56 Yd 72 
Cs Ba La Hf 
+1 #2 +3 +4 
uo L 
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FIGURE 12.1 The oxidation numbers of elements in their compounds. The more common oxidation numbers are in color. The 


oxidation number +3 is common to all lanthanides and actinides in their compounds. 
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Stock system refe 
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FIGURE 12.2 Left to right: Colors of aqueous solutions of compounds containi nadium in 
four oxidation states (V, IV, III, and II). 


their highest possible oxidation number is +7, which Cl and I exhib» n some of 
their compounds. 
® The transition metals, unlike most metals of the representative elem ’s, usually 
have several oxidation numbers. Take the first row of the transition als (Se to 
Cu), for example. We note that the maximum oxidation number inc >ases from 
+3 for Sc to +7 for Mn. Then it falls from Fe to Cu. (Figure 12. shows the 
colors of vanadium ions in four different oxidation states: +5, +4, and +2,) 
It is important to keep in mind that, except in ionic compounds, oxid ) number 
has no physical meaning. Assigning an oxidation number of +7 for Cl in “1,07 does 
not mean that each Cl bears seven positive charges. Oxidation numbers useful in 
naming compounds, in deducing their chemical properties (see below), ar in balanc- 
ing chemical equations for reactions in which oxidation numbers change (*ce Section 
12.4). 
The Stock system for inorganic nomenclature, introduced in Section 2... is based 


on oxidation number. Note that the Stock system applies mainly to compounds con- 
taining metallic elements. Applied to compounds containing only nonmetallic elements 
the Stock system can sometimes be ambiguous. For example, according to it we would 
designate both NO, (nitrogen dioxide) and N,O, (dinitrogen tetroxide) as nitrogen(IV) 
oxide, because the oxidation number of N in both of these compounds is +4. 

We can also predict some properties of metallic compounds from their oxidation 
numbers. In general, compounds whose central atoms have a high (positive) oxidation 
number tend to be covalent, and those whose central atoms have a low oxidation 
number tend to be ionic. Thus in Group 4A we find that lead(II) compounds are largely 
ionic, whereas lead(1V) compounds are mainly covalent. For example, PbCl2 is 
high-melting solid (m.p. 501°C) and an electrolyte, but PbCl, is a low-melting liquid 
(m.p. — 15°C) and a nonelectrolyte. Their chemical properties also differ. The reason 
for the differences in their chemical Properties is that a metal ion with a high charge is 
unstable (and energetically unfavorable)—in this example the hypothetical Pb** ion. 


Therefore in its high oxidation states the covalen bo 
: ? metal refe i Jent 
: ; ; p erentially forms 


12.3 TYPES OF REDOX REACTIONS 499 


12.3 Types of Redox Reactions 


There are ve general types of chemical reactions: combination, decomposition, dis- 
placement, setathesis, and acid—base neutralization (Chapter 3). Of these some are 
redox reac'\s and others are not. Neither metathesis nor acid—base neutralization 
involves < »es in oxidation numbers. Therefore, they are not redox reactions. Some 
kinds of ¢ ination, decomposition, and displacement reactions do involve changes 
in oxidatic :mbers, however, and are therefore redox reactions. A special type of 
redox rea: | that we will study in this section is called disproportionation; in reac- 
tions of t! ind the oxidation number of an element is both increased and decreased. 
Finally thc ore some miscellaneous redox reactions that do not fit any of these catego- 
ries. Let’ a look at the various types of redox reactions. 


Combine on Reactions 


Combinat reactions that involve one or more free elements are redox reactions. 
Some exa 3 are 
+4-2 
56) + Ox — SO,(g) 
+36 +5-1 
cu + FOL — PCI,(s) 
—3+1 


No(g) + 3Ha(3) — 2NH;(g) 


where the ‘ber above each element denotes the oxidation number. 


Decomp jon Reactions 


Decompo | reactions that produce one or more free elements are redox reactions. 
For exam} 
at Re 
2He0(s) =a aa a of 
+1-2 
2H,0O(/) —> Holz) + Ox(e) 
Some redox decomposition reactions are highly exothermic. Figure 12.3 shows 
What happens when ammonium dichromate is heated: 


We show only oxidation 
numbers that undergo 


Reactions involving explosives are also redox in nature. Two well-known explo- changes. 
Sives are nitroglycerin and trinitrotoluene (TNT): 


=3' +6 +3 0 
(NH,)2Cr,07(s) —> Cr03(s) + No(g) + 4H20(s) 


H 
nh — ONO, CH; 
HH t —ONO, orm 0, 
nh j — ONO, 
: NO, 
nitroglycerin trinitrotoluene (TNT) 


(C,H,N,0,) (C,H5N,0,) 
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Among the elements that are 
st likely to undergo 


8, Cl, Br, I, Mn, Cu, Au, and 
Hg. 


proportionation are N, P, 0, 
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Disproportionation Reactions 


In a disproportionation reaction an element in one oxidation state is both oxi 


reduced. One reactant in a disproportionation reaction always contains an c! 


can have at least three oxidation states. The reactant element itself is in on: 
states, and there are both a higher and a lower possible oxidation state fo: 


element. The thermal decomposition of hydrogen peroxide is an example o 
portionation reaction: 


-1 2 0 
2H202(aq) —> 2H,0(/) + O2(g) 
Here the oxidation number of oxygen (—1) in the reactant both increases to 
and decreases to —2 in H,O. Another example is the thermal decompositio 
acid: 
+3 +5 +2 
3HNO,(aq) —> HNO3(aq) + 2NO(g) + H,0(/) 


A third example involves the copper(I) ion. This ion is unstable in water 
disproportionates to yield elemental Cu and the copper(II) ion: 


+1 0 +2 
2Cu* (aq) —> Cu(s) + Cu?*(aq) 


A disproportionation reaction of some practical importance is that betwe« 
lar chlorine and a cold alkaline solution: 


0 +1 -1 
Clx(g) + 20H (aq) —> OCI (aq) + Cl-(aq) + H2O0(!) 


This reaction describes the action of household bleaching agents, for it is the 
rite ion (OCI~) that oxidizes the color-bearing substances in stains, converti 
colorless compounds. 


Miscellaneous Redox Reactions 


Many redox reactions do not fit into any of the classes described thus far. For : 


concentrated nitric acid is a strong enough oxidizing agent to oxidize Cu t 
follows (Figure 12.6): 


0 TS ne aa) +2 
3Cu(s) + 8HNO3(aq) —> 3Cu(NOs),(aq) + 2NO(g) + 4H,0(/) 


lized and 
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Another example is the metallurgical process of obtaining zinc from its ore. Many 
metals, including zine, occur in nature as sulfide ores. The first step in refining the 
metal is the conversion of zinc sulfide to the corresponding oxide by heating the ore in 


air (a process called roasting): 


ae 0 =2 44-2 
2ZnS(s) + 302(g) —> 2Zn0(s) + 2S0,(g) 


The metal oxide can then be more conveniently reduced by carbon to yield the metal: 


+2 0 0 tf 
2Zn0(s) + C(s) —> 2Zn(l) + COs(g) 


FIGURE 
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Reaction between copper and concentrated nitric acid. The dark brown gas is 


ese reactions fall outside the four classes of redox reaction that we have 
e refer to them as miscellaneous redox reactions. 
y ready to identify redox reactions and to classify them in Example 12.2. 


12.2 


» following are oxidation—reduction reactions? For the redox reactions, indi- 
iges in oxidation numbers of the elements, and identify the oxidizing and 
sts. Also identify the type of each redox reaction according to the categories 


2Nal(aq) —> 2NaCl(aq) + h(s) 
» ——» 2Au(s) + AuCl;(aq) 

+ 202(g) —> CO2(g) + 2H,0() 
) — > CaO(s) + CO2(g) 


redox reactions, we compare the oxidation numbers of each element on the 
ght-hand sides of the equation. 


Left Side Right Side 


cl=0 c=-1 
Na = +1 Na= +1 
I=-l 1=0 


The oxidation number of chlorine decreases and that of iodine increases. This is a redox 
Teaction of the displacement type because I” ion in Nal is replaced by Cl” formed from 
molecular chlorine. The oxidizing agent is molecular chlorine, and the reducing agent is 
the iodide ion. 


Left Side Right Side 


Au= +1 Au = 0 and +3 
Cl= 1 Cia 1 
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Since the oxidation number of Au increases from +1 to +3 and decreases from +1 to 0, 
this is a disproportionation reaction. 


(c) Left Side Right Side 


The oxidation number of carbon increases and that of oxygen decreases; this is a redox 
reaction of the miscellaneous type. The oxidizing agent is molecular oxygen. and the 
reducing agent is CH4. 


(d) Left Side Right Side 
Ca= +2 Ca = +2 

C= +4 C=+4 

=-2 O=-2 


In this reaction there is no change in the oxidation number of any of the elements. There- 
fore, this is a decomposition reaction that does not involve oxidation—reduction 


Similar problem: 12.22. 


12.4 Balancing Redox Equations 


Some redox processes, such as the reaction of sodium with molecular chlorine and the 
combustion of carbon in air, are so simple that the equations representing them can be 
balanced easily by inspection: 


2Na(s) + Cl,(g) —> 2NaCl(s) 
C(s) + O2x(g) —> CO,(g) 


But many of the redox reactions we encounter are more complex than these. In princi- 
ple, we can balance any redox equation using the steps outlined in Section 3.1. How- 
ever, many oxidation—reduction reactions are complicated enough to justify special 
balancing methods. Two of these special redox balancing methods have been particu- 
larly useful to chemists—the oxidation number method and the ion—electron method. 
As you might expect, the oxidation number method is based on identifying and follow- 
ing changes in oxidation numbers in the redox equation. By contrast, the ion—electron 
method requires no explicit use of oxidation numbers. Rather, it focuses on balancing 
the two half-reactions involved in the overall change. We will illustrate how both 
balancing methods can be applied to specific redox equations. 


Oxidation Number Method 


Suppose we are asked to balance the equation representing the oxidation of elemental 
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sulfur by nitric acid to yield sulfur dioxide and nitric oxide. We can do this by the 
following steps. 


Step 1. Write the skeletal equation containing the oxidizing and reducing agents and 
products. 
Our skeletal equation is 


S + HNO; —> SO, + NO 


Step 2. Assign oxidation numbers to the atoms of each element on both sides of the 
ition, and determine which elements have been oxidized and which were 
-d. Determine the number of units of increase and decrease in oxidation 
r for each of these elements. 

Careful inspection of the oxidation number of each element on both sides of 
the equation shows that sulfur is the element oxidized, and nitrogen is the 
element reduced. We summarize as follows: 


eq 


rec 


nu 


Change in 
Oxidation Number Oxidation Number 
Left Side Right Side 
S=0 S=+4 +4 
N= +5 N= +2 = 


Step 3. Eguelize the increase and decrease in oxidation number by multiplying each 


substance oxidized or reduced by the appropriate coefficients. Use the same 
coefjicients in the equation for the elements oxidized and reduced. 
from the above table we multiply S by 3 and N by 4 in order to equalize the 
chasse in oxidation numbers: 
4(-3) = -12 
3(+4) = +12 
0 +5 +4 +2 


3S + 4HNO, — 3SO, + 4NO 


Consequently, we place the coefficient 3 in front of S and the coefficient 4 in 
front of N. ps 
Step 4. Balance the remaining atoms by inspection. For reactions in acidic solution, 
add H* or H50 or both to the equation as needed. For reactions in basic 
solution, add OH~ or H20 or both to the equation as needed. 
Note that four H atoms appear on the left-hand side, so we need two 


molecules of H,O on the right: 
38 + 4HNO, —> 380, + 4NO + 2H,0 


Step 5. Verify that the equation contains the same numbers and types of atoms on both 
sides of the equation. For ionic equations, the charges too must balance on 


both sides of the equation. 


Following are two more examples illustrating the oxidation number method. 
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Leanne ———ESESoV0— 


EXAMPLE 12.3 

Write a balanced equation showing the oxidation of hydrochloric acid by potas: °m per- 
manganate to yield manganese(II) chloride, molecular chlorine, and potassium — \oride. 
Answer 

Step 1 


First we write the skeletal equation as 


KMnO, + HCl —> MnCl, + Cl, + KCl 


Step 2 


We construct the following table: 


Change in 
Oxidation Number Oxidation Number 
Left Side Right Side 
Ccl=-1 cl=0 +1 
Mn = +7 Mn = +2 =) 
We see that the HCI in this reaction has a dual function—it acts as a reducing : {, and 
it also provides chloride ions. 
Step 3 
Note that we cannot multiply Mn by 1 and Cl by 5 because of the subscript in C!, — stead, 
we must use coefficients that make the change in oxidation number of both lind Cl 
equal 10: 
(2)(5)41) = +10 
(2)(1)(5) = 10 
+7 -1 +2 0 
2KMnO, + 10HCl ——> 2MnCl, + 5Cl, + 2KCI 
Step 4 


To balance the oxygen atoms, we must write in eight HO molecules on the ri2!t-hand 
side of the equation. Then the number of HCl molecules must be increased to sixteen to 
balance the H and Cl atoms: 


ions from HCl are oxidized. 
The other 6 Cl” ions are 
unchanged. 


Note that only 10 out of 16 CI- 2KMnO, + 16HCl —> 2MnCl, + 5Cl, + 2KCl + 8H,0 


Step 5 


A final check shows that the number of each type of atom is the same on both sides of the 
equation. 


Similar problem: 12.24. 
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Co ET are 
EXAMP!2 12.4 
Write 2 »s'anced equation showing the oxidation of iodide ion by permanganate ion to 
yield m nese(IV) oxide and iodate ion in neutral or slightly basic solution. 
Answe 
Step 1 
The sk squation is 
MnO, +I” —> MnO, + IO; 
Step 2 
We cons '~! the following table. 
Change in 
Oxidation Number Oxidation Number 
Left Side Right Side 
I=-1l I= +5 +6 
Mn = +7 Mn = +4 -3 
Step 3 
To equi he changes in oxidation numbers, we multiply I by 3 and Mn by 6: 
3(+6) = +18 
6(—3) = —18 
+7 = +4 —5 as 
6MnO, + 31 ——> 6Mn0, + 310, 
Dividin; oefficients throughout by 3, we obtain 
2MnO;z + 17> —> 2Mn0O, + IO; 
Step 4 
Since th >tion occurs in basic solution, we can add,enough H,0 and OH“ to balance 
both mass ond charge. There are three negative charges on the left and only one negative 
charge on the right. We balance the negative charges by adding two OH” ions on the 
right: 
2MnOz + I> —> 2MnO, + 103 + 20H” 
To balance O and H atoms, we add one H,O on the left: 
2MnO; + I~ + HO —> 2MnO, + 103 + 20H™ 
Step 5 
A final check shows that both charge and mass are balanced. 
Similar problem: 12.24. ae 
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We pretend that the reaction 
takes place in two separate 
steps. 


12 / OXIDATION-REDUCTION REACTIONS 


Ilon—Electron Method 


The ion—electron method is rather different from the oxidation number method, but it 
produces the same result—a properly balanced redox equation. The overali reaction js 
divided into two half-reactions, one for oxidation and one for reduction. The equations 
for the two half-reactions are balanced separately and then added to give the overall 
balanced equation. 

Suppose we are asked to balance the equation showing the oxidation of Fe(II) ions 
to Fe(III) ions by the dichromate ions in an acidic medium. The followin: steps will 
help us accomplish this task. 


Step 1. 


Step 2. 


Step 3. 


Write the skeletal equation for the reaction in ionic form. Separoie the equa- 
tion into its two half-reactions: 


Fe? + Cr,0}- —> Fe*+ + Cr+ 
The equations for the two half-reactions are 


Oxidation: Fe?* —, Fe?+ 
Reduction: Cr,0}~ —> Cr+ 


Balance the atoms in each half-reaction separately. For reactions in an acidic 
medium, add H20 to balance the O atoms and H* to balance the H atoms. 
For reactions in a basic medium, first balance the atoms as you would in an 
acidic medium. Then, for every H* ion, add an equal number of O/!~ ions to 


both sides of the equation. Where H* and OH~ appear on the same side of the 
equation, combine the ions to give HO. 

We begin by balancing the atoms in each half-reaction. The oxidation reac- 
tion is already balanced for Fe. For the reduction step, we multiply the Cr? 
by 2 to balance Cr. Since the reaction takes place in an acidic medium, we add 
seven HO molecules to the right-hand side of the equation to balance the O 
atoms: 


Cr0}- —> 2Cr3* + 7H,0 


To balance the H atoms, we add fourteen H* ions on the left side: 
14H* + Cr0}- —> 2¢P+ + 7H,0 


Add electrons to one side of each half-reaction to balance the charges. If 
necessary, equalize the number of electrons in the two half-reactions by multi- 
plying one or both half-reactions by appropriate coefficients. 

For the oxidation half-reaction we write 


Fe?* —_, Fe3+ + 9- 


Since there are net twelve positive charges on the left-hand side of the reduc- 


tion half-reaction and only six positive charges on the right-hand side, we 
must add six electrons on the left: 


14H+ + Cr,03- \6e5 ——-> 9G3t + 7H;0 


To equalize the number of electrons 


) equ in both half-reacti Itiply the 
oxidation half-reaction by 6: ee 


12.4 BALANCING REDOX EQUATIONS 


6Fe?* —, 6Fe3* + 6e7 


Step 4. Add the two half-reactions together and balance the final equation by inspec- 
tion. The electrons on both sides must cancel. 
The two half-reactions are added to give 


14H* + Cr0}- + 6Fe?* + 6e~— —» 203+ + 6Fe3+ + THO + 6e~ 


The electrons on both sides cancel, and we are left with the balanced net ionic 


14H* + Cr,0}- + 6Fe?* —> 2Cr3+ + 6Fe3+ + 7H,O 


Step 5. Verity that the equation contains the same types and numbers of atoms and the 
sam< charges on both sides of the equation. 
‘, final check shows that the resulting equation is both “‘atomically’’ and 
“‘electrically’’ balanced. 


} 


Now let’s balance another redox equation using the ion—electron method. 


| nS SE I 


EXAMPL§ 12.5 
Write a ba:saced molecular equation showing the oxidation of sodium sulfide by potas- 
sium permsnganate in slightly basic solution to yield elemental sulfur and manganese(IV) 
oxide. 
Answer 
Step 1 
We start ! ~vriting the skeletal equation in ionic form: 
S?- + MnO; —> S + MnO, 
The two helf-reactions are 
Oxidation: s* —> 5S 
Reduction: MnO; — > MnO, 
Step 2 


The oxidation half-reaction is already balanced for S. In the reduction half-reaction, to 
balance the O atoms we add two H,O molecules on the right: 


MnO; — > MnO, + 2H2O 
To balance the H atoms, we add four H* ions on the left: 
MnO; + 4H* —> MnO, + 2H,0 


é +5 ey 
Since the reaction occurs in a basic medium and there are four H* ions, we add four OH 
tons to both sides of the equation: 


MnO; + 4H* + 40H~ —> MnO, + 2H,0 + 40H 
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Combining the H* and OH™ ions to form H,O, we write 
MnO; + 4H,0 —> MnO, + 2H,O + 40H™ 
or, canceling water molecules, 
MnO; + 2H,0 — > MnO, + 40H™ 
Step 3 
Next, we balance the charges of the two half-reactions as follows: 


S?- —> S + 2e7 
MnO; + 2H,0 + 3e° ——> MnO, + 40H™ 


To equalize the number of electrons, we multiply the oxidation half-reaction | ind the 
reduction step by 2: 


38?- —> 3S + 6e~ 
2MnO; + 4H,0 + 6e ——> 2MnO, + 80H™ 
Step 4 
These two half-reactions are added to give 


3S? + 2MnO; + 4H,O + 6e> —> 3S + 2MnO, + 8OH™ + 6. 


or simply 

3S? + 2MnO; + 4H,0 —> 3S + 2MnO, + 80H~* 
To convert this equation into molecular form, we must add the cations giv — in the 
original statement of this example; we add six Na* and two K* ions on | sides: 


3Na2S + 2KMnO, + 4H,0 —> 3S + 2MnO, + 6NaOH + 2KOH 


Step 5 

A final check shows that the net ionic equation is balanced for the numbers an’. /pes of 
oe and for charges, and the molecular equation is balanced for the numbers types 
of atoms. 


Similar problem: 12.25. 


0 ee Oe 


12.5 Quantitative Aspects of Redox Reactions 


In some respects, redox reactions are similar to acid—base reactions. For instance, 
redox reactions involve the transfer of electrons, and acid—base reactions involve the 
transfer of protons. Just as an acid can be titrated against a base, we can titrate an 
oxidizing agent against a reducing agent, using the procedure outlined in Section 3.9. 
We can, for example, carefully add a solution containing an oxidizing agent to 4 
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solution containing a reducing agent. The equivalence point is reached when the reduc- The equivalence point for acid— 

ing agent is completely oxidized by the oxidizing agent. base titration is defined in 
Like acid —base titrations, redox titrations normally involve an indicator, in this case Recnion 3-9 

one that has “istinctly different colors in its oxidized and reduced forms. In the pres- 


ence of a |»: .° amount of reducing agent, the color of the indicator is characteristic of 
its reduce’ orm. The indicator assumes the color of its oxidized form when it is 
present in » oxidizing medium. At or near the equivalence point, there is a sharp 
change in |» ‘ndicator’s color as it changes from one form to the other, so the equiva- 
lence poin be readily determined. 
Two co! on oxidizing agents you may encounter in the laboratory are potassium 1 

dichromat: Cr,07) and potassium permanganate (KMnO,). These substances are 
available i: y pure form, so that solutions of accurately known concentration can be 
prepared { ‘hem. Furthermore, the colors of the anions are distinctly different from 


those of th duced species (Figure 12.7). 


MnO; — > Mn?*+ 


purple light pink 
Cr0F5— se Cras 
orange green 
yellow 
In many « «ses, the oxidizing agent itself can be used as an internal indicator in a 
redox titrat This is particularly true of permanganate ion because the change in 
color from le to light pink (if MnO; is reduced to Mn?*) is quite easy to follow. 
Althoug) ‘12 acidic solutions of both dichromate and permanganate are powerful 
oxidizing a . permanganate is the stronger of the two. Both substances will oxidize 


iron(II) sal 


Fe?* ——» Fe®* + e7 


But only p nganate is powerful enough to oxidize chloride ions to chlorine gas: This reaction can be 
dangerous because chlorine 
2Cl- —> Cl, + 2e7 gas is poisonous. 
Therefore dic -omate is preferred over permanganate as the oxidizing agent in titrating 
iron if Cl~ jor are also present. Occasionally a basic permanganate solution is used in 
a redox reaction, as Example 12.5 shows. 


FIGURE 12.7. Colors of ions in solution. From left to right: MnOz , Mr?*, Cr,03-, and Cr**. 
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Redox titrations require the same type of calculations (based on the mole method) as 
acid—base neutralizations. The difference is that the equations and the stoichiometry 
tend to be more complex for redox reactions. 

The following example deals with a redox titration. 


EXAMPLE 12.6 
A 17.00 mL volume of 0.1000 M KMnO,j solution is needed to oxidize 25.0) mL of a 
FeSO, solution in an acidic medium. What is the concentration of the FeS©, solution? 


The net ionic reaction is 


5Fe2* + MnO; + 8H* —> Mn?* + 5Fe** + 4H,0 
Answer 


The number of moles of KMnO, in 17.00 mL of the solution is 


0.1000 mol KMnO, mo 
moles of KMnO, = 17.00 mL soln xX —————————_ X —— — 
1 L soln 1000 mL. soln 


= 1.700 X 10°? mol KMnO, 


and the number of moles of FeSO, oxidized is 


5 mol FeSO, 
moles of FeSO, = 1.700 x 10-3 mol KMnO, x ————— 
1 mol KMnO, 
= 8.500 x 1073 mol FeSO, 
The concentration of the FeSO, solution is equal to moles of FeSO, per liter oF solution: 


8.500 x 1073 mol FeSO; —- 1000 mL soln 
25.00 mL soln ‘ 1 L soln 

= 0.3400 mol/L 

= 0.3400 M 


[FeSO,] = 


Similar problems: 12.30, 12.31. 


Equivalent Mass 


We can solve Example 12.6 another way by using the concept of an equivalent. One 
equivalent of an oxidizing agent is the amount of substance that gains 1 mole of 


electrons. One equivalent of a reducing agent is the amount of substance that loses 1 
mole of electrons. 


Equivalents are so defined that in any redox process, at the equivalence point 


equivalents of oxidizing agent = equivalents of reducing agent 
In Example 12.6 the half-reactions are 


ance +2 3 
Oxidation: Fe?* Hest e~ 
+7 42 


Reduction: 5e~ + MnO; — Mn2+ 


Since 1 mole of Fe?* loses 1 mole of elec 


that 1 nolo oh trons in the oxidation, it follows, therefore, 


1s equal to one equivalent of Fe2*. In the reduction, however | 


Every ye 
killed an 
driving 
to educa 
on Ame 
imposes 
The p 
lyzer to 
chemica 
sample « 
analyze 
acidic so 
(ethanol 
shown 
3CH3CH 


ethan 


and the ct 
is reduced 
The drive 


mole of Mn‘ 


In this rea 
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CHEMISTRY IN ACTION 


BREATH ANALYZER 


oe 


n the United States about 25,000 people are 
00,000 more injured as a result of drunk 


‘rious Organizations have stepped up efforts 


ihe public about the dangers of intoxication 
’s roads, and stiffer penalties have been 
r such offenders. 

ce often use a device called a breath ana- 
t drivers suspected of being drunk. The 
isis of this device is a redox reaction. A 
e driver’s breath is drawn into the breath 


Figure 12.8), where it is treated with an 


mn of potassium dichromate. The alcohol 
he breath is converted to acetic acid as 
following equation: 


2K,Cr,0, + 8H,SO, —> 

potassium sulfuric 

dichromate acid 
(orange yellow) 


HCOOH + 2Cr,(SO,)3 + 2K2SO, + 11H,0 


etic chromic potassium 
cid sulfate sulfate 
(green) 


ion the ethanol is oxidized to acetic acid 
mium in the orange yellow dichromate ion 
o the green chromic ion (see Figure 12.7). 
; blood alcohol level can be determined 


readily by measuring the degree of this color change 
(read from a calibrated meter on the instrument). The 
current legal limit of blood alcohol content in the 
United States is 0.1 percent by mass. Any value above 
this limit constitutes intoxication. 


FIGURE 12.8 A breath analyzer of the kind used in police 
stations to test for drunken drivers. 


; is equal to five equivalents of MnO, because 1 mole of MnO, gains 5 
moles of electrons. 

Just as we speak of 1 mole of a substance and the molar mass of the substance, we 
can also speak of one equivalent of a substance and the equivalent mass of the sub- 
Stance. The equivalent mass of a substance is the mass of the substance in grams that 
gains or loses 1 mole of electrons in a redox reaction. Returning to the reaction of 
Example 12.6, we see that the relationship between the molar mass and equivalent 
mass of each of the two substances is as follows, where n is the number of electrons 


transferred per formula unit: 


Molar Mass Equivalent Mass 
5 1 151.9 151.9 g 
FeSO, DIAG f= == 151.9 
n 1 
° 158.0g 158.0g _ 
KMn0O, Baie Spree ea ALO 
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Normality 


For redox titrations, chemists often use the concentration unit normality (), which is 
the number of equivalents of an oxidizing agent or a reducing agent per lier of solu- 
tion, that is 

equivalents of solute 

pel pe ree 


normality = 
i liters of soln 


Normality is numerically related to molarity by the simple relationship 


N=nM 
Since the lowest number of electrons transferred per formula unit (7) is 1, we see that 
for a given solution normality is never less than molarity. For the reactio Example 


12.6, we can see the relationship between molarity and normality by wr! ng 


KMnO,: normality = 5(0.1000) N 


= 0.5000 N 
FeSQ,:; normality = 1(0.3400) N 
= 0.3400 N 
The relation between molarity and normality is the subject of the n xample. 


a. !UCO™~* 


EXAMPLE 12.7 
A quantity of 42.60 g of K,Cr,0; is dissolved in enough dilute HCI to make u actly 1 
liter of solution. Calculate the molarity and normality of the solution when Cr reacts 


in a certain redox process according to the following half-reaction: 
14H* + Cr,03- + 6¢7 —> 2Cr°* + 7H,0 


Answer 


The molarity of the solution is 


1 mol K,Cr,0, % 1 


molarity = 42.60 g K,Cr,07 x —— 
294.2 gK,Cr,0O, 1 Lsoln 


= 0.1448 mol/L 
= 0.1448 M 


Each Cr accepts three electrons and there are two Cr per unit of Cr,07” (a total of six 
electrons), so the normality of the solution is 


6(0.1448) N = 0.8688 N 


Keep in mind that the normality of a solution depends not only on its molarity but 
also on the reaction that is undergone by the oxidizing or reducing agent. For example, 
the MnO, ion can be reduced to Mn?*, MnO>, or MnO3-, depending on whether the 
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medium is acidic, neutral, or basic, respectively. The normality of the solution must be 


determined ~y the actual number of electrons transferred: 
+7 +2 
Acidic medium: MnO; —> Mn?2*+ 1M=5N 
+7 +4 
Neutral medium: MnO; —> MnO, 1M=3N 
+7 +6 
Basic medium: MnO; —> MnO07-  1M=I1N 
Having ussed how the normality of a solution actually depends on the reaction 
the solute goes, we can now see how normality is used in redox titration calcula- 
tions. Fro: e definition of normality we write 


R equivalents of solute 
iormality X volume = ——————————_ x liters of soln 
liters of soln 


= equivalents of solute 


At the equ nce point, the product of normality and volume of the oxidizing agent 
must be e: ‘o the product of normality and volume of the reducing agent: 
NoxVox = redVred 
or 
juivalents of oxidizing agent = equivalents of reducing agent 
where the cripts ox and red denote oxidizing agent and reducing agent, respec- 
tively. The \lumes of the oxidizing and reducing agents must be expressed in the 
same units or mL). 
The use ormality would seem to greatly simplify routine solution stoichiometry 
problems, xample 12.8 suggests. 
fe 
EXAMI 12.8 
How ma illiliters of a 0.500 N KMn0O, solution are needed to oxidize 25.0 mL of 
0.638 V » Oy in acidic solution? 
Answer 
At the equivalence point 
NoxVox = N, redVred 
0.500 N X Vkmno, = 0.638 N X 25.0 mL 
Vimno, = 31.9 mL 


You may be struck by the apparent ease with which Example 12.8 was completed. 
We didn’t even have to write a balanced equation! In fact, the normality of the KMnO, 
Solution in the problem had the stoichiometry of the reaction already ‘‘built in.’’ This is 
4 clear advantage for repeated calculations involving a particular redox system such as 
this one. Note, however, that if this same KMnO, solution were used in other redox 
Teactions involving different numbers of electrons, its normality would change, but its 
molarity would not. Thus, normality is a reaction-dependent concentration unit. This 
Tepresents both an advantage and a disadvantage, when compared with molarity. 
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CHEMISTRY IN ACTION 


BLACK AND WHITE PHOTOGRAPHY 


Photography has long been a popular hobby for the 
young and old. Many amateur photographers send their 
films away to be developed, although an increasing 
number prefer to spend long hours in the darkroom 
developing their own film. The process of film devel- 
opment involves a redox reaction. 

Black and white photographic film contains small 
grains of silver bromide, evenly spread over a thin gel- 
atin coating on paper. Exposure of the film to light 
activates the silver bromide as follows: 


AgBr + light —~> AgBr* 


where the asterisk denotes AgBr excited by light. Next, 
the exposed film is treated with a developer, a solution 
containing a mild reducing agent such as hydroqui- 
none. 


OH 


2AgBr*(s) + (aq) ——> 


OH 
hydroquinone 


2Ag(s) + 2HBr(aq) + || | (aq) 


oO 
quinone 


In this redox process, the Ag* ions in the excited silver 
bromide, AgBr*, are preferentially reduced to metallic 
silver, and hydroquinone is oxidized to quinone. The 
oxidation step, which at first is not obvious, can be 
clarified by writing the above reaction as two half- 
reactions: 


zz 
Oxidation: 
OH Oo 
(aq) — (aq) + 2H*(aq) + 2e7 
OH 


Reduction: 2Ag*(aq) + 2e~ —> 2Ag(s) 


The sum of these half-reactions is 


OH 
2Ag*(aq) + (aq) —> 
OH 
0 
2Ag(s) + (aq) + 2H*(aq) 
oO 
which is the net ionic equation for the redox process. 


The amount of black metallic silver particles formed on 
the film is directly proportional to the amount or inten- 
sity of light that originally fell on the film. The unre- 
acted (that is, the unexcited) AgBr must be removed 
from the film at this stage; otherwise, it also would 
slowly be reduced by hydroquinone and the entire film 
would eventually turn black. To prevent this undesired 
reaction, the film is quickly treated with a ‘‘fixer,”’ a 


sodium thiosulfate (NaS,03) solution, to remove the 
silver ions: 


AgBr(s) + 28,03 (aq) —> Ag(S,0;)3" (aq) + Br (aq) 


What has been described is the preparation of a 
black and white negative. A positive print can be ob- 
tained by shining light through the negative onto an- 
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(a) (b) 
FIGURE {2.9 The negative (a) and positive (b) of a black and white photograph. 
other piece of photographic paper and repeating the —_ leave unexcited (white) areas in the positive print. This 
developing procedure. Because white regions of the process therefore inverts the light and dark areas of the 
subject appear black in a negative, they are opaque and _ negative to produce the desired picture (Figure 12.9). 
SUMMA! 
1. In oxidation—reduction, or redox, reactions, oxidation and reduction always occur 


simultaneously. Oxidation is characterized by the loss of electrons; reduction is 
characterized by the gain of electrons. 

2. Oxidation numbers help us keep track of charge distribution and are assigned to all 
atoms in a compound or ion according to a specific set of rules. Oxidation can be 
defined as an increase in oxidation number; reduction can be defined as a decrease 
in oxidation number, Oxidation numbers are essentially bookkeeping devices; ex- 
cept in ionic compounds, they have no fundamental physical meaning. 

3. Many redox reactions can be classified as combination, decomposition, displace- 
ment, or disproportionation reactions. 

4. Redox equations can be balanced by the oxidation number method, in which 
changes in oxidation numbers are balanced; or by the ion-electron method, in 
which the oxidation and reduction half-reaction equations are balanced separately 
and then added together. , 

5. Redox titrations can be carried out like acid-base titrations. At the equivalence 
Point, the number of equivalents of the oxidizing agent that reacted is equal to the 
number of equivalents of the reducing agent used. 
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KEY WORDS 


Disproportionation reaction, p. 502 
Equivalent, p. 512 

Equivalent mass, p. 513 
Half-reaction, p. 494 


EXERCISES 
OXIDATION—REDUCTION REACTIONS 
REVIEW QUESTIONS 


12.1 Define the following terms: half-reaction, oxidation re- 
action, reduction reaction, reducing agent, oxidizing 
agent, redox reaction. 

12.2 Is it possible to have a reaction in which oxidation oc- 
curs and reduction does not? Explain. 


PROBLEMS 


12.3. For the complete redox reactions given below (i) break 
down each reaction into its half-reactions; (ii) identify 
the oxidizing agent; (iii) identify the reducing agent. 
(a) 2Sr + O02 ——> 2SrO 
(b) 16Na + Sg ——> 8Na.S 
(c) 2Li + Hy ——> 2LiH 
(d) 2Cs + Br. ——> 2CsBr 
(e) 3Mg + No —> Mg3N> 
(f) Zn + 1, —> Znly 
(g) 2C + 0. —> 2CO 

12.4 For the complete redox reactions given below, write the 
half-reactions and identify the oxidizing and reducing 
agents: 4 
(a) 4Fe + 30.2 —~> 2Fe,03; 

(b) Cl, + 2NaBr —~> 2NaCl + Bry 
(c) Si + 2F, —> SiF, 
(d) H, + Cl, —> 2HCl 


OXIDATION NUMBERS 
REVIEW QUESTIONS 


12.5 Define oxidation number. Explain why except for ionic 
compounds oxidation number does not have any physi- 
cal significance. 

12.6 Without referring to Figure 12.1, give the oxidation 
numbers of the alkali and alkaline earth metals in their 
compounds. Also give the highest oxidation numbers 
that the Groups 3A—7A elements can have. 

12.7 Give the oxidation number for the following species: 
Hp, Seg, Py, O, U, Asy, and Bj. 


Normality, p. 514 
Oxidation number, p. 495 
Oxidation reaction, p. 494 
Oxidation state, p. 495 


Oxidizing agent, p. 494 
Redox reaction, p. 495 
Reducing agent, p. 494 
Reduction reaction, p. 494 


PROBLEMS 

12.8 Arrange the following species in order 0 ‘vicreasing 
oxidation number of the sulfur atom: (a) | (b) Sg, 
(c) HpSOx, (d) S?~, (e) HS™, (f) SO2, (g) 03. 

12.9 Indicate the oxidation number of phosphor: ‘1 each of 
the following compounds: (a) HPO3, H3PO3, 
(c) H3PO3, (d) H3PO4, (€) H4P207, (f) Hs Dio. 

12.10 Give the oxidation numbers of all the ele ts in the 
following molecules and ions: 
(a) SO, SO2, SO3, SO}, SOF” 
(b) ClO, CIO~, ClOZ, ClO; , ClOg 
(c) N20, NO, NO2, N.04, N2Os, NO2, ! 

12.11 Give the oxidation number of each atom in | \¢ follow- 
ing molecules and ions: (a) NaCN, (b) ‘ (c) IF), 
(d) ClO3, (e) CIO™, (f) ClOz, (g) ClO 1) ClOz, 
(i) NaSCN, (j) CHy, (k) C2Ho, (1) CoHa, K»Cr0,, 
(n) K3Cr,07, (0) KMnO,y, (p) NaHCé (q) Lin, 
(r) NalO3, (s) KO, (t) PFg, (u) H2O ) Na,O, 
(w) NaOo, (x) K4Fe(CN)s,  (y KAuCly, 
(z) K3Fe(CN)¢. (Hint: InCN~ and SCN, oxidation 
numbers of C and § are +2 and —2, rectively.) 

12.12 Give oxidation numbers for the underlined ns in the 
following molecules and ions: (a) Cs» b) Cah, 
(c) AbO3, (d) H3AsO3, (e) TiOo, MoO; , 
(g) PtCli”, (h) PtClg~, (i) SnF,, (j) CIF;, (k) SbFe. 


(1) Pa, (m) MnO4, (n) Oo, (0) O3. 

12.13 Give the oxidation numbers of all the elerients in the 
following molecules and ions: (a) Mg3No. (5) CsO2, 
(c) CaCp, (d) COZ, (e) C,0F-, (f) ZnO3”, (2) NaBHa, 
(h) WOF-. 

12.14 Nitric acid is a strong oxidizing agent. State which of 
the following species is least likely to be prod uced when 
nitric acid reacts with a strong reducing agent such as 
zinc metal, and explain why: NoO, NO, NO2, N204; 
N2O;, NH 

12.15 Based on oxidation number considerations, one of the 
following oxides would not react with molecular Oxy- 
gen: NO, N30, SO>, SOs, PyOx. Which one is it? Why? 

TYPES OF REDOX REACTIONS 

REVIEW QUESTIONS 


12.16 Give an example of a combination redox reaction, 4 


decomysition redox reaction, and a displacement redox 


reactic 

12.17 All c istion reactions are redox reactions. True or 
false ain. 

12.18 All cx nation reactions are redox reactions. True or 
false’? lain. 

12.19 Wha Jisproportionation reaction? What is the crite- 
rion substance to be able to undergo a dispropor- 
tiona’ action? Name six elements capable of under- 
going roportionation. 

PROBLEM: 

12.20 Is th »wing reaction a redox reaction? 

302(g) —> 203(g) 
Expl: 

12.21 Amn m nitrate (NH4NO;) is thermally unstable. 
Write lanced equation for its decomposition, and 
classi 2 reaction. (Hint: One of the products is ni- 
trous o» ide.) 

12.22 Whic he following may be regarded as redox reac- 
tions ssify the redox reactions according to the 
types ssed in the chapter. 

(a) C 20H” —> Cl” + ClO” + H,0 

(b) C 2F- — > CaF, 

(c) N Ht —> NHt 

(d) 2 + CrOJ7 —> 2COCI, + CrO,Ch + 2CI7 
(e) A 2NH; ——> Ag(NH3)z 

(f) € Fy ——> CaF, 

(g) 21 H, —> 2LiH 

(h) B s)2 + NagSO, —> 2NaNO; + BaSO,4 
(i) Ci H, —> Cu+H,0 

(ij) Z HCl —=> ZnCl, + H2 

(k) 2} + Cl, —> 2FeCl; 

BALANCING REDOX EQUATIONS 

PROBLEMS 

12.23 Balance ‘he following redox equation either by the oxi- 


dation method or by the ion—electron method. The reac- 
tion occurs in acidic solution. 


MnO; + SO, —> Mn?* + HSOZ 


12.24 Balance the following redox equations by the oxidation 
method: 
(a) C + H»SO, —» CO, + SO 
(b) LO; + CO —> I, + CO, 
(c) HI + HNO; —> I, + NO 
(d) Ag + H»SO, —»> Ag SO, + SO2 
(e) Sb + HNO; —~> Sb,0; + NO 
(f) H,3S + HNO; —> $+ NO 
(g) S + H)SO, —> SO, + H,O 
(h) PbO, + HSO4 + Mn(NO3)2 — 
PbSO, + HNO; + HMnO4 
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(i) KOH + Cl —> KCl + KCIO 
(j) H3AsO,4 + Zn + HNO; —> AsH3 + Zn(NO3)2 
12.25 Balance the following redox equations by the ion— 
electron method: 
(a) Mn** + H,0, —> MnO, in basic solution 
(b) Cr,03— + C,037 —> Cr+ + CO, 
in acidic solution 
(c) ClO; + Cl” —> Cl, + ClO, in acidic solution 
(d) S03> + I, —+ I> + $,027 _ in acidic solution 
(e) HO + Fe?* —» Fe?* in acidic solution 
(f) Cu + HNO; —> Cu?+ + NO in acidic solution 
(g) Bi(OH)3 + Sn03~ —+> SnO} + Bi 
in basic solution 
(h) CN™ + MnOzg —~> CNO™ + MnO, 
in basic solution 
(i) Fe?* + MnOz —> Fe** + Mn?* 
in acidic solution 
(j) Br. —~ BrO; + Br- in basic solution 
12.26 Steel is a mixture of iron with small amounts of carbon, 
manganese, and other elements. To determine the quan- 
tity of manganese present, a sample of steel is first dis- 
solved in concentrated nitric acid; the reaction between 
Mn and HNO; gives Mn** and NO}. Next, the Mn?* 
ion is treated with an acidic solution containing the peri- 
odate ion (I0;) to give the MnO; and IO; ions, Fi- 
nally, the concentration of the permanganate solution is 
determined by reacting with a standard FeSO, solution. 
Write a balanced equation for each step. 
REDOX TITRATIONS 
REVIEW QUESTIONS 
12.27 Define the following terms: equivalent, equivalent 
mass, normality. 
12.28 Compare the advantages and disadvantages of molarity 
and normality. 
12.29 What are the similarities and differences between acid— 
base titrations and redox titrations? 
PROBLEMS 
12.30 Oxidation of 25.0 mL of a solution containing Fe?* re- 
quires 26.0 mL of 0.0250 M K Cr20; in acidic solu- 
tion. Balance the following equation, and calculate the 
molar concentration of Fe**: 


Cr,03~ + Fe?* + H* —> Cr°** + Fe** 


12.31 The SO, often present as an air pollutant dissolves in 
H,0 to form H,SO3. The H2SO; can then be titrated 
with KMnO, solution: 


H,SO; + MnO; ——> SO3” + Mn?* 


Calculate the number of grams of SO, in a 50.0 mL 
water sample if 7.37 mL of 0.00800 M KMnO, solu- 
tion is required for titration. Note that the reaction is in 
acidic solution and the equation given is not balanced. 
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12.34 


12.35 


12.36 


12.37 
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A sample of iron ore weighing 0.2792 g was dissolved 
in dilute acid solution, and all of the iron was converted 
to Fe(II) ions. The solution required 23.30 mL of 
0.0971 N KMnO, for titration according to the follow- 
ing unbalanced equation: 


Fe?* + MnO; —> Fe?* + Mn?* 


Calculate the percentage by mass of iron in the ore. 
Oxidation of 25.0 mL of a solution containing H,SO3 
requires 22.2 mL of 0.0862 M K>Cr,0; in acidic solu- 
tion. Calculate the molar concentration of HSO3. 

From the following incomplete and unbalanced equation 


cr* + Clog; —> Cr,07- + CI" 


determine the equivalent mass of the ClO4 ion, ex- 
pressed as a fraction of the molar mass. 

Calculate the molarity of KCr.0; if 60.00 mL is con- 
sumed in a titration with 20.00 mL of 0.1800 N FeSO, 
according to the following reaction in acid solution: 


Fe2*+ + K,Cr,0, —> Fe** + Cr+ 


Iodate ion, IO3, oxidizes SO3~ to SOF in acidic solu- 
tion. A 100.0 mL sample of solution containing 1.390 g 
of KIO; reacts with 32.5 mL of 0.500 M Na)SO3. What 
is the final oxidation number of the iodine after the reac- 
tion has occurred? 

A quantity of 25.0 mL of a solution containing both 
Fe?* ions and Fe** ions is titrated with 23.0 mL of 
0.0200 M KMn0O, (in dilute sulfuric acid). As a result, 
all of the Fe?* ions are oxidized to Fe**. The Fe** ions 
are then all reduced to Fe** ions by zinc metal. Finally, 
25.0 mL of the solution containing only Fe?* ions re- 
quired 40.0 mL of the same KMnO, solution for oxida- 
tion to Fe**. Calculate the molar concentrations of Fe?* 
and Fe** ions in the original solution. 

A 0.9768 g quantity of Fe(II) salt consumes 32.33 mL 
of 0.1037 N KCr,07. Calculate the percent by mass of 
Fe** ion in the salt. 

Oxalic acid (H2C,0,4) can be oxidized by KMnOy,. 
(a) Balance the following equation by the ion—electron 
method in acid solution: 


MnO; + C,03-> — > Mn?* + CO, 
(b) For the reaction in (a), complete the following: 


1 M KMnO, = ? N KMnO, 
1M H,C,0,4 =2N H2C,04 


(c) If a 1.00 g sample of H»C,O, requires 24.0 mL of 
0.0500 N KMnOy, solution to reach an equivalence 
point, what is the percent by mass of HCO, in the 
sample? 

Sulfite ions can be oxidized to sulfates by dichromate 
ions in acidic solution: 


8H* + Cr,03~ + 3803, —> 
2cr* + 3807” + 44,0 


Calculate the normality and molarity of the K5Cr,0, 
solution if 28.42 mL of the solution reacts completely 
with a 25.00 mL solution of 0.6286 N Na»SO3, 
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Name two common laboratory oxidizing agents. 
Gold will not dissolve in either concentrated nitric acid 
or concentrated hydrochloric acid. However, the metal 
does dissolve in a mixture of the acids (one part HNO; 
and three parts HCl by volume), called «qua regia. 
Write a balanced equation for this reaction. (Hint; 
Among the products are HAuCl, and NO».) 

A student is given an unknown that is cither iron(II) 
sulfate or iron(II) sulfate. Suggest a chemical proce- 
dure for determining its identity. 


The alcohol content in a 60.00 g sample of blood from a 
driver required 28.64 mL of 0.07654 M ik Cr,0, for 
titration, Should the police prosecute the individual for 


drunken driving? (Hint: See p. 513 for the balanced 
equation and other relevant information. ) 

Use the Stock system to name the following com- 
pounds: (a) PbCl, (b) PbCly, (c) Hg2Cl:, (d) HgCh, 
(e) CuBr, (f) CuBr2, (g) Cr203, (h) CrO, 

Write the chemical formulas for each of the following 
substances: (a) vanadium(V) oxide, (b) iron(II) oxide, 
(c) iron(II) oxide, (d) titanium(III) oxide, (e) nickel(I) 
nitride, (f) ruthenium(IV) chloride. 

Indicate the most ionic compound in each group of com- 
pounds: (a) SnCl, and SnCly, (b) TiCl, TiCls, and 
TiCly. 

Hydrochloric acid is not an oxidizing agent in the sense 
that sulfuric acid and nitric acid are. Explain why the 
chloride ion is not a strong oxidizing agent like soz 
and NO}. (Hint: Examine the oxidation numbers of Cl, 
S, and N.) 

Complete and balance the following ionic equation, 
which represents a reaction that takes place in acid solu- 
tion. Identify the oxidizing and reducing agents and de- 
termine the equivalent mass of each agent. 


Ce** + As,0; —> H3AsO, + Ce** 


Calculate the mass of Cu* in grams in a sample that 
requires 36.0 mL of 0.146 M KMnO, solution to reach 
the equivalence point. The products are Mn?* and cu" 
ions. The reaction occurs in an acid solution. 

Write balanced equations for the following redox proc- 
esses: 

(a) When potassium iodide is added to acidified hydto- 
gen peroxide, a brown color appears. 

(b) When sodium sulfite is added to an acidic solution of 


potassium dichromate, the solution changes from or- 
ange to green. 

(c) Manganese(IV) oxide can oxidize hydrochloric acid 
ar chlorine. 

»~ ion is unstable in solution and undergoes dis- 
proportionation to give Mn?*, Mn(IV) oxide, and H* 
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ion. Write a balanced net ionic equation for the reaction. 
12.53 On standing, a concentrated nitric acid solution turns 
slightly yellow. Explain. (Hint: Nitric acid undergoes 
disproportionation. What are the products?) 
12.54 Write a balanced equation for the oxidation of carbon to 
carbon dioxide by concentrated sulfuric acid. 
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(- Chemical Kinetics 


In recent s. scientists have found that the ozone layer in the stratosphere over the South Pole has become thinner, This photo 
shows the depletion of ozone in an area (purple color) roughly the size of the United States in October 1986. 
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y now we have studied basic definitions in chemistry, and we have examined the 

properties of gases, liquids, solids, and solutions. We have discussed some molecular 

properties and looked at one class of chemical reactions, redox processes, in some 
detail. In this chapter and in the four that follow we look more closely at the relationships 
and the laws that govern chemical reactions. 

How can we predict whether or not a reaction will take place? Once started, how fast 
does the reaction proceed? How far will the reaction go before it is finished? The laws of 
thermodynamics (to be discussed in Chapter 18) help us answer the first question. Chemical 
kinetics, the subject of this chapter, provides answers to the second question, how fae! a 
reaction proceeds. And the last question is one of many answered by the study of equiiib- 
rium in chemical reactions, which we will consider in Chapters 14, 16, 17, and 18. 


13.1 The Rate of a Reaction 


The area of chemistry concerned with the speeds, or rates, at which a chemical reac- 
tion occurs is called chemical kinetics. The word ‘‘kinetic’’ suggests motion. (Recall 
that in Chapter 5 we studied the kinetic molecular theory of gases, which describes the 
random motion of gas molecules.) Here kinetics refers to the rate of a reaction, or the 
reaction rate, which is the change of the concentration of reactant or product with 
time. (For simplicity, we will generally speak of ‘‘the rate’’ rather than *‘\he reaction 
rate.’’) 


We know that any reaction can be represented by the general equatio 


reactants ——> products 


This equation tells us that, during the course of a reaction, reactant molecules are 
consumed while product molecules are formed. As a result, we can follow ihe progress 
of a reaction by monitoring either the decrease in concentration of the reactants or the 


increase in concentration of the products. 


Figure 13.1 shows the progress of a simple reaction in which reactant molecules A 
are converted to product molecules B: 


A—B 


The decrease in the number of A molecules and the increase in the number of B 
molecules with time are shown in Figure 13.2. 


oe eee. CD 


FIGURE 13.1 The progress of reaction A——> B at 10 s intervals over a peri hy 
period of 60 s. I re 
present. As time progresses, B molecules (colored dots) are formed. ee ae agg molecules (black a 
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A molecules 


B molecules 
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To see how the rate of a chemical reaction is actually measured, we will consider 
two specific «xamples: the reaction of molecular bromine with formic acid and the 
thermal decomposition of dinitrogen pentoxide. After we have seen how rates are 
measured experimentally, we will learn to write rate expressions using the experimen- 
tal data. 


Reaction of olecular Bromine and Formic Acid. In aqueous solutions, molec- 
ular bromine reacts with formic acid (HCOOH) as follows: 


Br,(aqg) + HCOOH(aq) —> 2Br (aq) + 2H* (aq) + CO2(g) 


Molecular bromine has a characteristic red brown color. As the reaction progresses, the 
concentration of Br steadily decreases (Figure 13.3). This change can be monitored 
easily by ncasuring the fading of molecular bromine’s color with a spectrometer. 
Table 13.1 shows the molar concentration of Br, at different times; these data are 
plotted in Fivure 13.4. Note that time zero is just after the mixing of the reactants. 

The average rate of the reaction can be defined as the change in the reactant concen- 
tration over a certain time interval. That is, 


_ BBralioat — [Braliniiaa 


average rate 
tinal — Finitial 


ken A[Br2] 
At 


where A[Br>] = [Bro]nat — (Brolinitiaa and At = tinal — finitiat- Because the concentra- 
tion of Br, decreases during the time interval, A[Br2] is a negative quantity. But the 
rate of a reaction is a positive quantity, so a minus sign is needed in the rate expression 
to make the rate positive. 
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FIGURE 13.2 The rate of re- 
action A ——> B, represented as 
the decrease of A molecules with 
time and as the increase of B 
molecules with time. 


Since | | is mol/L or M, and 
time is in seconds, s, the units 
of rate are M/s. 


FIGURE 13.3 From left to 
right. The decrease in bromine 
concentration as time elapses 
shows up as a loss in color. 
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FIGURE 13.4 The change in 
molecular bromine concentra- 
tion as a function of time in a 
reaction between molecular bro- 
mine and formic acid. 
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TABLE 13.1 Bromine Concentration in the Reaction Betwee “Molecular 
Bromine and Formic Acid at 25°C 


== 
Time [Br2] Average 
(s) (M) rate (M/s) 
= a 
0.0 0.0120 a6 
x 
50.0 0.0101 m4 E. 
3.28 X 10 
100.0 0.00846 2.72 x 1075 
150.0 0.00710 228 x 1075 
200.0 0.00596 1.92 x 1075 
250.0 0.00500 1.60 x 1075 
300.0 0.00420 1.34 x 10-5 
350.0 0.00353 114x 1075 


400.0 0.00296 
Sa a a a 


From Table 13.1 we can calculate the average rate over the first 50- ond time 
interval as follows: 


A[Bry] 
At 
_ (0.0101 — 0.0120) M 


50.0 s 
3.80 x 10°> M/s 


average rate 


The average rate during the next 50-second time interval (from t= 5( § to t= 
100.0 s) is similarly given by 


(0.00846 — 0.0101) M 
average rate = . SE ie : = 3.28 x 1075 M/s 
0s 


These calculations demonstrate that the average rate of the reaction is not ac” stant but 
changes with the concentration of reactant molecules present. Initially, whe» the con- 


0.0140 
0.0120: 


0.0100 
0.00800 
0.00600 


0.00400 


0.00200 
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centration of Br, is high, the rate is correspondingly high. The rate gradually de- 


creases, anc it eventually becomes zero when all of the molecular bromine has reacted. 

The rate of the reaction also depends on the concentration of formic acid. However, 
by using 4 'srge excess of formic acid in the reaction mixture we can ensure that the 
concentratio: of formic acid remains virtually constant throughout the course of the 
reaction. \':!er this condition the change in the amount of formic acid present in 
solution hes no effect on the rate measured. 

Using average vais to describe the progress of a reaction is unsatisfactory because 
the rate of 5 80 X 107° M/s is not associated with any particular instant of time; rather, 
it represent. ‘he average value of the rates from time zero to 50.0 s. If we had chosen 
the first 100 seconds as the time interval, the rate would have been 3.54 x 107° M/s, 
and so on. “.verage values tell us nothing about whether and how rates change during 
that interva| or about what the rate is at any specific instant. 

There is such advantage in speaking of the rate of a reaction at a specific time. For 
one thing makes the comparison of two reaction rates more meaningful. We have 
seen that (h value of an average rate depends on the time interval we choose. How- 
ever, we can gradually eliminate this arbitrary choice of time interval by calculating the 
rate over a ©; ialler and smaller time interval. In fact, when the interval is made infini- 
tesimally sya/l, the rate becomes the slope of the concentration versus time curve at a 
particular ise (Figure 13.5). In this way we can find the reaction rate at a particular 
time. Furt iore, the rate always has the same value at that instant for the same 
concentrat )f reactants, as long as the temperature is kept constant. To distinguish 
this rate {ro the average rate, we call it the instantaneous rate. In the following 
discussior will frequently refer to the instantaneous rate merely as the rate. 

Table | lists the rates of the bromine—formic acid reaction at specific times. 
These rates sre obtained from the curve shown in Figure 13.5. The rate at t = 0 is 
called the al rate, the rate of the reaction immediately after the mixing of the 
reactants. 

0.0121 
0.0100 L 
| Rate at 100s: 
2.96 X 10° * M/s 
0.00800 -- 

; tan 

= 0.00600 + oe Rate at 300 s: 

a [Sau 10-° M/s 

0.00400 |- 
0.00200 
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FIGURE 13.5 The instantane- 
ous rates of the reaction between 
molecular bromine and formic 
acid at t= 100s, 200s, and 
300 s are given by the slopes of 
the curve at these times. 
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TABLE 13.2 Rates of the Reaction Between Molecular Bromine and Formic 
Acid at 25°C 


rate 

Time (s) [Br2] (M) Rate (M/s) k= [Bra] (s~!) 
ee | es 
0.0 0.0120 4.20 x 1075 3.50 X 1073 
50.0 0.0101 352% 107° 3.49 x 1973 
100.0 0.00846 2.96 x 1075 50 x 1073 
150.0 0.00710 2.49 x 1075 3.51 x 1073 
200.0 0.00596 2.09 x 1075 3.51 x 1073 
250.0 0.00500 1.75 x 1075 3.50 x 1073 
300.0 0.00420 1.48 x 107° 3.52 x 1073 
350.0 0.00353 1.23 x 107° 3.48 x 1073 
400.0 0.00296 1.04 x 1075 3.51 x 1073 


a a 


Figure 13.6 is a plot of the rates versus Br> concentration. The fact that ‘his gives a 
straight line shows that the rate is directly proportional to the concentration: the higher 
the concentration, the higher is the rate: 


rate « [Br] 
= k[Bry] 


The term k is known as the rate constant, a constant of proportionality between the 
reaction rate and the concentrations of reactants. Rearrangement of the equation gives 


rate 
k= 
[Bro] 
It is important to understand that k is not affected by the concentration of Hr,. To be 


sure, the rate is greater at a higher concentration and smaller at a lower concentration 


5.00 X 10-5 — 


4.00 x 10-5 


T 


3.00 X 10-5 


Rate (M/s) 


2.00 X 10-5 


1.00 x 10-5 


= Seal? aoe 


0 0.00200 0.00600 0.0100 0.0140 
[Bro] (M1) 


FIGURE 13.6 Plot of rate versus molecu 
molecular bromine and formic acid. The stra 
is directly proportional to the molecular b 


lar bromine concentration, in the reaction between 


ight-line relationship shows that the rate of reaction 
romine concentration, 
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of Br2, but the ratio—rate/[Br.]—remains the same. As we will see in Section 13.3, 
the value of any rate constant depends only on the temperature. 

From Tabie 13.2 we can calculate the rate constant for the reaction. Taking the data 
for t= 0, we write 


rate 
[Bro] 
_ 4.20 x 10-5 Mis 


0.0120 M 
3,5010m set 


Similarly, = can use the data for t = 50 s to calculate k again, and so on. The slight 
variations in ‘he values of k listed in the last column of Table 13.2 are due to experi- 
mental deviations in rate measurements. 


Thermal !)ccomposition of Dinitrogen Pentoxide. This reaction occurs in the 
gas phase as follows: 


2N205(g) ++ 4NO2(g) + O,(g) 


The reaction can also be studied in an organic solvent such as carbon tetrachloride 
(CCl4): 


2N205(in CCl4) as 4NO,(in CCl4) + O2(g) 


Both NO; and NO; are soluble in CCly, but O2 is not. Thus, as the reaction pro- 


gresses, we can monitor the amount of O, evolved at various time intervals, using the 
apparatus shown in Figure 13.7. The gas volume measured under laboratory conditions 
can be converted to a common standard, that is, STP. Since 1 mole of an ideal gas 


occupies 22 4 L at STP, the number of moles of O> evolved can readily be calculated 
from the measured volume. Looking at the equation for the reaction, we see that 2 mol 
N20; = | mol O>. Therefore, the decrease in NOs concentration can also be deter- 
mined, as Example 13.1 shows. 


Thermometer 


Mercury 
manometer 


Constant- 
temperature 
bath 


FIGURE 13.7 Apparatus for measuring the rate of thermal decomposition of N20s. 
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aan 
EXAMPLE 13.1 

In a typical experiment, the decomposition of NoOs in 100 mL of a 2.00 / solution in 
CCl, generated 0.258 L of O, (at STP) after 200 min at 45°C. Calculate the conventration 
of unreacted NOs at that time. 

Answer 


The number of moles of O2 produced is 


1 mol O, 
moles of O2 = 0.258 L O; x ————— 
22.4 L O> 
= 0.0115 mol O, 
According to the equation for the reaction, the number of moles of NoO5 de imposed 
must be twice the number of moles of O> generated, namely, 2 x 0.0115 = 0.0" 40 mol. 
Originally there was 0.200 mole of NOs in 100 mL of solution. Therefore, = oncen- 


tration of unreacted NOs in solution after the given time interval is 


(0.200 — 0.0230) mol NOs A 1000 mL soln 


eee: 100 mL soln LL soln 
_ 1.77 mol 
~ 1L soln 
=1.77M 
Following the procedure outlined in Example 13.1, we can calculate the “oncentra- 
tion of unreacted N>Os after various time intervals. The results are given in !able 13.3 
and plotted in Figure 13.8. 
As in the reaction between molecular bromine and formic acid, the raiv of NOs 
decomposition at any time can be measured from the slope of the N3Os cury= in Figure 


13.8 at that time. 


TABLE 13.3 Data on the Thermal Decomposition of N2O5 in CCL, at 45°C 


: —_— 
Time Volume (L) of 
(min) O> at STP [NOs] (M) A[N2Os]* (M) 
i | 
0 0 2.00 0 

200 0.258 1.77 0.23 

400 0.493 1.56 0.44 

600 0.694 1.38 0.62 

800 0.874 1.22 0.78 
1000 1.03 1.08 0.92 
1200 1.18 0.95 1.05 


*A[N2Os] is the change in N05 concentration between ¢ = 


column, 0.44, is the difference between 2.00 (at r= 0 and ¢ = ¢. For example, the third entry in this 


0) and 1.56 (at t= 400 min). 
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Volume (L) of O, at STP 


FIGURE 13 he decrease in concentration of NOs and the increase in volume of O2 as a 
function of in the decomposition of N20s. 


Reaction “ies and Stoichiometry 


So far we | liscussed the rate of a reaction in terms of the reactant. The rate can be 
defined als’. terms of the products. Thus for stoichiometrically simple reactions such 
as A —> ve can express the rate as either 
A[A] AB] 
rate= > or rate = ——_ 
At At 
The rate o iduct formation does not require the minus sign because A[B] is a 
positive quay. For more complex reactions, we must be careful in writing the rate 
expression: mnsider, for example, the reaction 
2A —> B 
Two moles of 4\ disappear for each mole of B that forms—that is, the rate of disappear- 
ance of A is twice as fast as the rate of appearance of B. We write the rate either as 
1 A[A] oats A[B] 
rae: = Se = 
At A 


In general, for the reaction 


aA + bB —> cC + dD 


the rate is given by 


1 A[A] 1 A(B] _ 1 AIC) _ 1 AID) 
RPT Lc lot ie a 


The following example requires writing the reaction rate in terms of both reactants 
and products. 
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Rate laws are always 
determined experimentally. 


Reaction order is always 
defined in terms of reactant 


(not product) concentrations. 
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EXAMPLE 13.2 


Write the rate expressions for the following reactions in terms of the disappearance of the 
reactants and the appearance of the products: 

(a) I"(ag) + OCI (aq) —> CI (aq) + OF (aq) 

(b) 302(g) —> 203(g) 

(c) 4NH3(g) + 502(g) —> 4NO(g) + 6H20(g) 


Answer 


(a) Since each of the stoichiometric coefficients equals | 
Ate] Afoci™] _ Atel} _ Alor) 


rate = _-— ES 
At At At At 


(b) Here the coefficients are 3 and 2, so 


_ 1 Af} _ 1 AlOs) 
3 At 2 At 


(c) In this reaction 


mate = —LAINHs] _ _ 1 A(02) _ 1 AINO] _ 1 ATH.O) 
4 At 5 At 4 Af At 


a 


Similar problem: 13.6. 


13.2 The Rate Laws 


We know that the rate of a reaction is related to the concentrations of ihe reacting 
species. In fact, for a great many reactions the rate is proportional to the product of the 
concentrations of the reactants raised to some power. Consider the reaction 


aA + bB —> cC+ dD 


The forward rate (from left to right) is 


rate & [A}'[BP 
= KAPBP (13.1) 


where k is the rate constant and x and y are themselves constants for a given reaction. 
Equation (13.1) is known as the rate law, an expression relating the rate of a reaction 
to the rate constant and the concentrations of the reactants. If we know the values of 
k, x, and y, we can always calculate the rate of the reaction, given the concentrations of 
A and B. As we will see shortly, x and y, like k, must be determined experimentally. 

The sum of the powers to which all reactant concentrations appearing in the rate 
law are raised is called the overall reaction order. For example, if x = 0 and y= 1, 


rate = k{A]?(B]! 
= KB] 
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The reaction is zero order in A, first order in B, and first order overall. On the other 
hand, if x = 2 and y= 1, 
rate = k{A}[B] 
The reaction is second order in A, first order in B, and third order overall. 
It is important to keep in mind that the exponents x and y in Equation (13.1) are not 
necessarily related to the stoichiometric coefficients in the balanced equation; that is, in 
general it is nor true that for aA + bB —> cC + dD,a=xandb = y. Furthermore, 


depending on the nature of the chemical process, the reaction order can be an integer, 
zero, or even a noninteger. Consider the following examples. 


@ For the thermal decomposition of N,O; 
2N205(g) —> 4NO2(g) + O2(g) 
the raie law is 
rate = k[N2Os] 


and nor rate = k{N>Os]?, as we might have guessed from the balanced equation. 
@ The rate law for the thermal decomposition of acetaldehyde (CH3CHO) 


CH3CHO(g) — > CHa(g) + CO(g) 
has been determined experimentally to be 
rate = k[CH3;CHO}>” 
and not rate = k{CH3CHO]. 
@ The reaction of hydrogen peroxide with iodide ion in an acidic medium is 
H,0,(aq) + 317 (ag) + 2H* (aq) —> 15 (aq) + 2H20(/) 
and the rate law is 
rate = k{H,O2][1"] 


Thus the reaction is first order in H2Oo, first order in I~, and zero order in Hee 
The concentration of H* ions has no effect on the rate of the reaction. Therefore 


the overall reaction order is 2. 


Sometimes we find that the reaction orders are the same as the stoichiometric coeffi- 
cients. For example, the reaction 


H,(g) + In(g) —> 2HI(g) 
has the rate law 
rate = k{H2][I2] 


which is first order in Hp and first order in Iy. This situation is really the exception 
rather than the rule, however. In general, the order of a reaction must be determined by 
experiment; it cannot be deduced from the overall balanced equation. 

If we know the order of a reaction with respect to a particular reactant, then we 


can predict the effect on the reaction rate of a change in the concentration of that 


Teactant. Suppose, for example, that for a certain reaction x = | and y = 2. The rate 


law for this reaction is 
rate = k{A][B}? 
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This reaction is first order in 
A, second order in B, and third 
order overall (1+ 2 = 3). 
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Let us assume that initially [A] = 1.0 M and [B] = 1.0 M. The equation tells us that if 
we double the concentration of A from 1.0 M to 2.0 M at constant [B], we also double 
the rate: 


for [A] = 1.0M rate; = k(1.0 M)(1.0 My? 


= k(1.0 M?) 
for [A] =2.0M rate, = k(2.0 M)(1.0 M)? 
= k(2.0 M’) 
Hence 
rate> = 2(rate,) 

On the other hand, if we double the concentration of B from 1.0 M to 2.0 1t constant 
[A], the rate will increase by a factor of 4 because of the power 2 in exponent: 
for [B]}=1.0M rate, = k(1.0 M)(1.0 M)? 

= k(1.0 M°) 
for [B] =2.0M rate) = k(1.0 M)(2.0 M)* 
= k(4.0 M?) 
Hence 


rate = 4(rate)) 
If, for a certain reaction, x = 0 and y = 1, then the rate law is 


rate = k{A]°[B] 
= k{B] 


This reaction is zero order in A, first order in B, and first order overall. Thi the rate of 
this reaction is independent of the concentration of A. 


Determination of Reaction Order 


If a reaction involves only one reactant, the rate law can be readily det::mined by 
measuring the rate of the reaction as a function of the reactant’s concen’ ation. For 
example, if the rate doubles when the concentration of the reactant doubles, then the 


reaction is first order in the reactant. If the rate quadruples when the concentration 
doubles, the reaction is second order in the reactant. 

For a reaction involving more than one reactant, we can find the rate law by measur 
ing the dependence of the reaction rate on the concentration of each reactant, one at a 
time. We fix the concentrations of all but one reactant and record the rate of the 
reaction as a function of the concentration of that reactant. Any changes in the rate 
must be due only to changes in that substance. The dependence thus observed gives us 
the order in that particular reactant. The same procedure is then applied to the next 
reactant, and so on. This method is known as the isolation method. 

In practice, it is preferable to observe the dependence only of the initial rate on 
reactant concentrations, because as the reaction proceeds, the concentrations of the 


reactants decrease and it may become difficult to measure the changes accurately. 
Also, there may be a reverse reaction of the type 


products —-> reactants 
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which would introduce error in the rate measurement. Both of these complications are 
virtually absent during the early stages of the reaction. 
The procedure for finding the order of a reaction is shown in the following example. 


SS oa 


EXAM?’ 13.3 
The rate reaction A + 2B ——> C has been observed at 25°C. From the following 
data, de’ ie the rate law for the reaction and calculate the rate constant. 
Initial Initial Initial Rate 
Experint [A] (M) [B] (M) (MIs) 
1 0.100 0.100 5.50 x 107° 
2 0.200 0.100 2.20 x 107° 
3 0.400 0.100 8.80 x 1075 
4 0.100 0.300 1.65 x 10-5 
5 0.100 0.600 3.30 x 10> 
Answer 
We assur it the rate law takes the form 
rate = k[A]‘[B?’ 
Using th: for experiments 1 and 2, we can write the ratio of the rates as 
rate, 5.50 X 10°° Mis _ 1 
rate, 2.20X10°M/s 4 
Howevei -atio of the rates can also be expressed in terms of the rate law, as follows: 


rate; 1 (0.100 My‘(0100-W1y~ 
rate. 4 X(0.200 M)(O100-*1y" 


Goal a) 
~ \0.200 M 2 
Thus x = *. and the reaction is second order in A. 

Similariv, using the data for experiments 4 and 5, we have 


rate, 1.65 X 10° M/s _ 1 
rate; 3.30X 10° Mis 2 


From the rate law we write 


rate, 


1 
rates 2 
_ (0.300 4) s ey 
iS Cane 2 
Therefore, y = 1, so the reaction is first order in B. The overall order is (2 + 1), 
(third order), and the rate law is 


or 3 


rate = K[A"[B] 
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The rate constant k can be calculated using the data from any one of the experiments, 
Since 


rate 
Ge Saree 
[A}TB] 
data from experiment 1 give us 
5.50 X 10°° M/s 


~ 0.100 M)(0.100 M) 
= 5.50 x 1077/M?s 


Similar problem: 13.18. 


Rate law expressions enable us to calculate the rate of a reaction from the rate 
constant and reactant concentrations. They can also be converted into equations that 
allow us to determine the concentrations of reactants at any time during the course of 
a reaction. We will illustrate this application by considering two of the simplest kinds 
of rate laws—those applying to reactions that are first order overall and to reactions 
that are second order overall. 


First-Order Reactions 


A first-order reaction is a reaction whose rate depends on the reactant concentration 
raised to the first power. In a first-order reaction of the type 


A —> product 
the rate is 
A[A] 
re = 
At 
Also, from the rate law we know that 
rate = k[A] 
Thus 
= AA] =kiA 13.2) 
Re [A] (13. 


We can determine the units of the first-order rate constant k by transposing: 


A[A] 1 M 


k= = 
[A] At Ms 


1 
=== 5-1 
s 


(The minus sign does not enter into the evaluation of units.) Using calculus, we can 
show from Equation (13.2) that 


[Alo 
i= 
n (Al, kt (13.3) 
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where In is the natural logan, and [A]o and [A], are the concentrations of A at times 
+= 0 and r= /, respectively. In terms of common or base 10 logarithms, Equation 
(13.3) can be written as 


[Alo kt 


O08) en 
[A], 2.303 
It should be understood that t= 0 need not correspond to the beginning of the 
experiment; it can be any arbitrarily chosen time when we start to monitor the change 
in the concentration of A. 
Equation (13.3) can be rearranged as follows: 


In [A]o — In [A], = kt 
or 
In [A], = —At + In [A]o (13.4) 
Equation (13.4) has the form of the linear equation y = mx + b, in which m is the 
slope of the line that is the graph of the equation: 
In [A], = (—4(0) + In [A]o 


t t ¢ t 
yo = on ae Se: 


Thus a plot of In [A], versus ¢ (or y versus x) gives a straight line with a slope of —k (or 
m). This allows us to calculate the rate constant k. Figure 13.9 shows the characteris- 
tics of a first-order reaction. 

There are many known first-order reactions. The decomposition of NOs, which we 
discussed earlier, is first order in NoO5. Another example is the conversion of cis-2- 
butene to trans-2-butene: 


H,C CH H,C H 
eS yan SONG Z 
a TEN 
H H H CH; 
cis-2-butene trans-2-butene 


(a) decrease of reactant concentration 
nstant. The slope of the 


FIGURE 13.9 First-order reaction characteristics: 
with time; (b) plot of the straight-line relationship to obtain the rate co 
line is equal to —k. 
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See Appendix 4 for a 
discussion of natural 
logarithms and of logarithms 
and significant figures. 


If you have a scientific 
calculator, you will probably 
find it easier to work with 
natural logarithms. 
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Because k is given in units of 
s-', we must convert 4.5 min 
to seconds. 
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In the following example we apply Equation (13.3) to a first-order reaction. 


EXAMPLE 13.4 


The conversion of cyclopropane to propene in the gas phase 


CH, 
LEGS 
CH,—CH, —?> CH,;— CH=CH, 
cyclopropane propene 


is a first-order reaction with a rate constant of 6.71 x 10~* s~! at 250°C. (a) | 
concentration of cyclopropane was 0.25 M, what is the concentration aft 

(b) How long will it take for the concentration of cyclopropane to decrease fron 
0.15 M? (c) How long will it take to convert 72 percent of the starting mat 


Answer 


(a) Applying Equation (13.3), 


A 
In eb =kt 
[A], 
0.25 
In —— = (6.71 x 1074 (4.5 min X as : ) 
x min 


where x is the concentration after 4.5 min. Solving the equation, we obtain 


0.25 
In —— = 0.18 
x 
0.2 
eee SE ot) 
x 
x=0.21M 


(b) Again using Equation (13.3), we have 


I ee (6.71 X 1074 s-! 
n= — (6: oz 
0.15 ed 


7.6 X 107s 
= 13 min 


t 


1 
t=—In 2 
k TA}, 
1 1.00 M 


ss Ee Loo. 
6.71 x 10-45!" 0.28 Mm 
=19x 1035 

32 min 


(c) In a calculation of this type, we do not need to know the actual concentration of the 
starting material. We can arbitrarily assume that it is 1.00 M. Thus the concentration of 
cyclopropane after time t is (1.00 — 0.72) M, or 0.28 M. From Equation (13.3), we write 


initial 
min? 
i Mto 


Note that v. 
calculation 


Similar pr« 


The halj! 
to decreas¢ 
first-order r: 


By the defi: 


or 


Equation (14 
initial conce 
of the react: 
concentratio 
reaction is « 
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e could have used any units (molarity, number of molecules, grams) for this 
ecause the units cancel in the ratio [A]o/[A],. 


ems: 13.20, 13.21. 


of a reaction, 4, is the time required for the concentration of a reactant 
alf of its initial concentration. We can obtain an expression for f; for a 
‘on as follows. From Equation (13.3) we write 


1 [Alo 
LO Ree 
k [A], 
n of half-life, when t = 4, [A], = [Alo/2, so 


4 tab 
8 See In 
k [A]o/2 


any = 2:83 ate 

4 k n2= k (GS RSY) 

tells us that the half-life of a first-order reaction is independent of the 

tion of the reactant. Thus, it takes the same time for the concentration 

‘o decrease from 1.0 M to 0.50 M, say, as it does for a decrease in 

»m 0.10 M to 0.050 M (Figure 13.10). Measuring the half-life of a 
vay to determine the rate constant of a first-order reaction. 


Concentration 


1 2 3 4 
Number of half-lives elapsed 


FIGURE 13.10 Change in concentration of a reactant with number of half-lives for a first- 


order reaction. 
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In the following example we calculate the half-life of a first-order reaction from its 
rate constant. 


EXAMPLE 13.5 
At 45°C, the first-order decomposition 
2N,0; —> 4NO, + O2 


in CCl, has a rate constant of 6.2 X 1074 min™'. (a) What is the rate constant in ‘erms of 
seconds? (b) Calculate the half-life of the reaction in seconds. 


Answer 


(a) Let the rate constant be k so that 


6.2x 10-4 1 min a 
k= ————— _ x — =1.0x 10%s"! 
min 60s 
(b) According to Equation (13.5) 
_ 0.693 


= k 
Le 0.693 
~ 1.0 x 1075 57 
= 6.9 xX 10*s 
Thus it will take 6.9 x 10* seconds, or about 19 hours, for any initial concen‘ration of 
NOs to decrease to half its value. 


Similar problem: 13.32 


Equations (13.3) and (13.4) can help us evaluate a first-order rate constant. From 
experimental data for concentration versus time, we can determine k graphically (as 
shown in Figure 13.9), or we can use the half-life method, as Example 13.6 will show. 

For gas phase reactions we can replace the concentration terms in Equation (13.3) 
with the pressures of the gaseous reactant. Consider the first-order reaction 


A(g) —= product 
Using the ideal gas equation [Equation (5.7)] we write 
PV = naRT 
or 


Substituting [A] = P,/RT in Equation (13.3) we get 


[Alo (Pa)o/RT 1 (Palo _ 
[Ay | @aRT Py), 


kt 
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Teehowing example shows the use of pressure measurements to study the kinet- 
ics of a reaction. 


I 


EXAMPLE! 13.6 


The rate o 
the reactan 


secomposition of azomethane is studied by monitoring the partial pressure of 
as a function of time: 


CH3;—N=N—CH,(g) —> No(g) + C2Ho(g) 
The data cbiained at 300°C are shown in the following table: 


Time Partial Pressure of 
(s) . | Azomethane (mmHg) 


0 284 
100 220 
150 193 
200 170 
250 150 
300 132 
(a) Are these values consistent with first-order kinetics? If so, determine the rate constant 


(b) by plotting the data as shown in Figure 13.9 and (c) by the half-life method. 


Answer 
(a) The par‘ia! pressure of azomethane at any time is directly proportional to its concentra- 
tion (in mo!’).). Therefore Equation (13.4) can be written in terms of partial pressures as 


In P, = —kt + In Po 


where Py asi P, are the partial pressures of azomethane at time tf = 0 and ¢ = 1#. This 
equation lies the form of the linear equation y = mx + b. Figure 13.11(a), which is based 
on the dat ven in the table below, shows that a plot of In P, versus ¢ yields a straight 
line, so the reaction is indeed first order. 


t (s) InP, 

0 5.649 
100 5.394 
150 5.263 
200 5.136 
250 5.011 
300 4.883 


(b) From Equation (13.4) we know that the slope of the line for a first-order reaction is 
equal to —k. In Figure 13.11(a) the slope is —2.55 x 10°* s-!. Therefore 


—k = slope 
= 2555 x10) 82 
k=2.55X 103s! 
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5.80 
5.60 


5.40 


InP, 


5.20 
5.00 


80 0 100 200 300 


P (mmHg) 


100 200 300 
t(s) 


(b) 


/ | FIGURE 13.11 (a) Plot of In P, versus time. The slope of the line is calculated {rom two 
pairs of coordinates: 


; 5.05 — 5.56 ee! 

slOpe = ee = es X10 

EE (23E EE j 

According to Equation (13.4), the slope is equal to —k. (b) The half-life method for 
determining the rate constant of the first-order reaction. The time it takes for the pressure 
to drop from 270 mmHg (an arbitrary choice) to 135 mmHg is the half-life of the reac- 
tion. Here t, = 283 s — 13 s, or 270s. 


13.2 THE RATE LAWS 


(c) To calculate the rate constant by the half-life method we need to plot the partial 
pressure versus time, as shown in Figure 13.11(b), because the given data do not show the 
time it takes ‘or the partial pressure to decrease to half of its value. From the curve we find 
that 4, = 2’) s, so the rate constant can be calculated by using Equation (13.5): 
0.693 
Fy => —————_— 
k 
_ 0.693 
270 s 
= 2.57 103s! 

The sm. difference between the two rate constants calculated in (b) and (c) for the 
same reac should not be surprising because they are arrived at by different ways of 
analyzing data. 

Similar proeins: 13.23, 13.24, 13.25. 
Second-Orcvr Reactions 
A second-o;. » reaction is a reaction whose rate depends on reactant concentration 
raised to the «cond power or on the concentrations of two different reactants, each 
raised to the | :* power. The simpler type involves only one kind of reactant molecule: 


A —=> product 


where 
eo — AMA 
ie i 
From the raf. ‘aw 
rate = k[A]? 
Thus 
A[A 
= ALAT = k{Ay’ 
At 


We can determine the units of the second-order rate constant k by solving for k: 


AfA] 1 M _ 1 
[AP At M’s Ms 


(Remember, we do not use the minus sign for units.) 
The other type of second-order reaction is represented as 


A+B —= product 
From the stoichiometry of the reaction we see that the rate of decrease in A is the same 
as that in B; that is 


A(A] _ _ ABI 
rate: = = Sea At 
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According to the rate law 
rate = k[A][B] 
Thus 


A[A] A[B] 
——— = -—— = {AJB 
‘A a [A][B] 
The reaction is first order in A and first order in B, so it has an overal! order of 2, 
Again, the units of k are 1/M:s. 


Using calculus we can obtain the following expressions for ‘‘A ——+ product’’ 
reactions: 
if 1 
—= + kt (13.6) 
[A], [Alo 


(The corresponding equation for “‘A + B ——> product’ reactions is too complex to 
discuss here.) We can obtain an equation for the half-life of a second-order reaction by 
setting [A], = [A]o/2 in Equation (13.6). 


evnltlan) = pals + kt, 
[A]o/2 [A]o 
Solving for t; we obtain 
PAS a (13.7) 
K{A]o 


Note that the half-life of a second-order reaction depends on the initial concentration, 
unlike the half-life of a first-order reaction [see Equation (13.5)]. This is one way to 
distinguish between first-order and second-order reactions. 

The kinetic analysis of a second-order reaction is shown in the following example. 


EXAMPLE 13.7 
The recombination of iodine atoms to form molecular iodine in the gas phase 
I(g) + I(g) —> L(g) 


follows second-order kinetics and has the high rate constant 7.0 x 10°/M:s at 23°C. 
(a) If the initial concentration of I was 0.086 M , calculate the concentration after 2.0 min. 


(b) Calculate the half-life of the reaction if the initial concentration of I is 0.60 M and if 
it is 0.42 M. 


Answer 


(a) We begin with Equation (13.6): 


aed 

[A], [Alo 

= a + (1.0 10% (2.0 min x *) 
x 0.086 M : SER 
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where x is the desired concentration, [A],, at t= 2.0 min. Solving the equation, we get 
x=1.2x10°"mM 


This is such a low concentration that it is virtually undetectable. The very large rate 
constant for the reaction means that practically all the I atoms combine after only 2.0 min 
of reaction ec: 

(b) We nee Equation (13.7) for this part. 


For [Io = 0.60 M 


1 
Alo 


4 = 
a i 
(7.0 x 10°/M - s)(0.60 M) 
= 2.4 1071%s 
For [I]o = 0.42 M 
1 


~ (7.0 X 10°/M - s)(0.42 M) 
=3.4x 10-5 


ur 


These results confirm that the half-life of a second-order reaction is not a constant but 
depends on ‘ie initial concentration of the reactant(s). 


Similar protiem: 13.33. 


First- and second-order reactions are the most common reaction types. Reactions 
whose order is zero are rare. Mathematically speaking, zero-order reactions are easy to 
deal with. The rate law is 


rate = k{A]° 
=k 


Thus the rate of a zero-order reaction is a constant, independent of its reactant concen- 
trations. Third-order and higher-order reactions are quite complex; they will not be 
Studied in this book. FN, ; 

The Chemistry in Action on p. 546 describes an interesting application of chemical 
kinetics: estimating the age of objects. 


13.3 Activation Energy and Temperature Dependence of 
Rate Constants 


The Collision Theory of Chemical Kinetics 

With very few exceptions, reaction rates increase with increasing temperature: For 
example, the time required to hard-boil an egg is much shorter if the ‘eae “ 
Carried out at 100°C (about 10 minutes) than at 80°C (about 30 minutes). ene a 
an effective way to preserve foods is to store them at subzero temperatures, thereby 
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CHEMISTRY IN ACTION 


HOW CAN WE TELL THAT A MUMMY IS 3000 YEARS OLD? 


oo zz 


How do scientists determine the ages of artifacts from _ replenished, so the ratio decreases as 14C decays. This 
archaeological excavations? If someone tried to sell same change occurs when carbon atoms are © apped in 
you a manuscript supposedly dating from 1000 B.c., —_ coal, petroleum, or wood preserved underg: 1, and, 
how could you be certain of its authenticity? Is a of course, in Egyptian mummies. After a © ‘ber of 
mummy found in an Egyptian pyramid really three years, there are proportionately fewer '*C lei in, 


thousand years old (Figure 13.12)? The answers to say, a mummy than in a living person. 
these and other similar questions can usually be ob- 
tained by applying chemical kinetics and the radiocar- 
bon dating technique. 

Earth’s atmosphere is constantly being bombarded 
by cosmic rays of extremely high penetrating power. 
These rays, which originate in outer space, consist of 
electrons, neutrons, and atomic nuclei. One of the im- 
portant reactions between the atmosphere and cosmic 
rays is the capture of neutrons by atmospheric nitrogen 
(nitrogen-14 isotope) to produce the radioactive 
carbon-14 isotope and hydrogen. The unstable carbon 
atoms eventually form '*CO,, which mixes with the 
ordinary carbon dioxide ('7CO,) in the air. The carbon- 
14 isotope decays with the emission of f particles 
(electrons). The rate of decay (as measured by the num- 
ber of electrons emitted per second) obeys first-order 
kinetics. It is customary in the study of radioactive de- 
cays to write the rate law as 


rate = kN 


where k is the first-order rate constant and N the num- 
ber of 4C nuclei present. The half-life of the decay, ty, 
is 5.73 X 10° yr, so that from Equation (13.5) we write 


0.693 


k= a 1074 yr! 
5.73 X 10° yr 


The carbon-14 isotopes enter the biosphere when 
carbon dioxide is taken up in plant photosynthesis. 
Plants are eaten by animals, which exhale carbon-14 in 
CO. Eventually, carbon-14 participates in many as- 
pects of the carbon cycle. The '4C lost by radioactive 
decay is constantly replenished by the production of 
new isotopes in the atmosphere. In this decay— 
replenishment process, a dynamic equilibrium is estab- 
lished whereby the ratio of '4C to !7C remains constant 
in living. matter. But when an individual plant or an 
animal dies, the carbon-14 isotope in it is no longer 


FIGURE 13.12 An Egyptian mummy case. The age of 4 
mummy is usually determined by carbon dating. 
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Knowing k and the decay rates of the fresh sample and 
the old sample, we can calculate t, which is the age of 
the old sample. This ingenious technique is based on a 
remarkably simple idea; its success depends on how 
accurately we can measure the rate of decay. In fresh 
samples, the ratio '*C/!?C is about 1/10!”, so the equip- 
ment used to monitor the radioactive decay must be 
very sensitive. Precision is more difficult with older 
samples because they contain even fewer '4C nuclei. 
Nevertheless, radiocarbon dating has become an ex- 
tremely valuable tool for estimating the age of archaeo- 
logical artifacts, paintings, and other objects dating 
back 1000 to 50,000 years. 


tWillard Frank Libby (1908-1980). American chemist. Libby re- 
ceived the Nobel Prize in chemistry in 1960 for his work on radiocar- 
bon dating. 


In 1955. Willard F. Libby? suggested that this fact 
could be t::2d to estimate the length of time the carbon- 
14 isotop® of a particular specimen has been decaying 
without r-« enishment. Using Equation (13.3), we can 
write 

N 
In — = kt 
N, 
where Ny N, are the number of '4C nuclei present at 
t= 0 an 1, respectively. Since the rate of decay is 
directly proportional to the number of '4C nuclei pres- 
ent, the e equation can be rewritten as 
No 
t= = 
k V 
1 decay rate at r= 0 
aoe fy 
1 1074 yr"! — decay rate at t=t 
= l decay rate of fresh sample 
! 107* yr! decay rate of old sample 
slowing the 
rate consta 
ask how re» ‘ons get started in the first place. 
It seems 
as a result « 
chemical k 
the numbe: 
sions: 
number of collisions 
Tate 06 ras 
Ss 
This simple 


Suppose that 
molecule and 


the rate law as 


rate = k[A][B] 


The reaction is first order in both A and B and obeys second-order kinetics. 
but the relationship between rate and 


ht expect. The implication of the 
nan A and aB molecule collide. 
ons based on the kinetic molecu- 
1 atm) and temperatures (say, 298 K), 


The collision theory is intuitively appealing, 
molecular collision is more complicated than you mig 
collision theory is that a reaction always occurs whe 
However, not all collisions lead to reactions. Calculati 
lar theory show that, at ordinary pressures (say, 


> of bacterial decay. Figure 13.13 shows a typical dependence of the 
a reaction on temperature. In order to explain this behavior, we must 


cal to assume—and it is generally true—that chemical reactions occur 
\lisions between reacting molecules. In terms of the collision theory of 
ics, then, we expect the rate of a reaction to be directly proportional to 
nolecular collisions per second, or to the frequency of molecular colli- 


lationship explains the dependence of reaction rate on concentration. 
Consider ‘he reaction of A molecules with B molecules to form some product. 
-ach product molecule is formed by the direct combination of an A 
a B molecule. If we doubled the concentration of A, say, then the 
number of A-—B collisions would also double, because, in any given volume, there 
would be twice as many A molecules that could collide with B molecules (Figure 
13.14), Consequently, the rate would increase by a factor of 2. Similarly, doubling the 
concentration of B molecules would increase the rate twofold. Thus, we can express 


Rate constant 


Temperature 


FIGURE 13.13 Dependence of 
rate constant on temperature. 
The rate constants of most reac- 
tions increase with increasing 
temperature. 
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(a) 


(b) 


(c) 


FIGURE 13.14 Dependence of 
number of collisions on concen- 
tration. We consider here only 
A-B collisions, which can lead 
to formation of products. 
(a) There are 4 possible colli- 
sions among two A and two B 
molecules. (b) Doubling the 
number of either type of molecule 
(but not both) increases the num- 
ber of collisions to 8. (c) Dou- 
bling both the A and B molecules 
increases the number of colli- 
sions to 16. 
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there are about 1 x 1077 binary collisions (collisions between two molecules) in 1 mL 
of volume every second, in the gas phase. Even more collisions per second occur in 
liquids. If every binary collision led to a product, then most reactions would be com- 
plete almost instantaneously. In practice, we find that the rates of reactions differ 
greatly. This means that, in many cases, collisions alone do not guarantee that a 
reaction will take place. 

Any molecule in motion possesses kinetic energy; the faster it moves, the greater 
the kinetic energy. But a fast-moving molecule will not break up into fragments on its 
own. To react, it must collide with another molecule. To use a simple analogy, a car 
traveling at 80 km/h (50 mph) will not begin to disintegrate on its own (assuming that 
it is in good running condition), but if it meets another car in a head-on collision, then 
quite a few pieces of both cars will fly apart. When molecules collide, pa 
kinetic energy is converted to vibrational energy. If the initial kinetic en 
large, then the colliding molecules will vibrate so strongly as to break some of the 
chemical bonds. This bond fracture is the first step toward product formation. If the 
initial kinetic energies are small, the molecules will merely bounce off each other 
intact. (Note that this is an important difference between car collisions and molecular 
collisions.) Energetically speaking, there is some minimum collision energy below 
which no reaction occurs. 

We postulate that, in order to react, the colliding molecules must have a total kinetic 
energy equal to or greater than the activation energy (E,), which is the minimum 
amount of energy required to initiate a chemical reaction. Lacking this energy, the 
molecules remain intact, and no change results from the collision. The species tempo- 
rarily formed by the reactant molecules as a result of the collision before they form the 
product is called the activated complex. 
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FIGURE 13.15 Potential energy profiles for (a) exothermic and (b) endothermic reactions. 
These plots show the change in potential energy as reactants A and B are converted to products 
(6! and D. The activated complex is a highly unstable Species with a high potential energy. The 
activation energy is defined for the forward reaction in both (a) and (b). Note that the products (e 
and D are more stable than the reactants in (a), and less stable in (b). 
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Figure 13.15 shows two different potential energy profiles for the reaction 
A+B—>+C+D 


If the products are more stable than the reactants, then the reaction will be accompa- 
nied by a release of heat; that is, the reaction is exothermic [Figure 13.15(a)]. On the 


other hand, if the products are less stable than the reactants, then heat will be absorbed 
by the reacting mixture from the surroundings and we have an endothermic reaction 
[Figure 13.1°(b)]. In both cases we plot the potential energy of the reacting system 
versus the progress of the reaction. Qualitatively, these plots show the potential energy 
changes as reactants are converted to products. 

We can think of activation energy as a barrier that prevents less energetic molecules 


from reacting. Because the number of reactant molecules in an ordinary reaction is 
very large, ‘he speeds, and hence also the kinetic energies of the molecules, vary 
greatly. Normally, only a small fraction of the colliding molecules—the fastest- 
moving ones-——have enough kinetic energy to exceed the activation energy. These 
molecules can therefore take part in the reaction. The increase in the rate (or the rate 
constant) with temperature can now be explained: The speeds of the molecules obey 
the Maxwell distributions shown in Figure 5.18. Compare the speed distributions at 
two different temperatures. Since more high-energy molecules are present at the higher 
temperature, ‘he rate of product formation is also greater at the higher temperature. 


The Arrhenius Equation 


In 1889 Svante Arrheniust showed that the dependence of the rate constant of a reac- 
tion on temperature can be expressed by the following equation, now known as the 
Arrhenius equation: 


k = Ae7EvRT (13.8) 


where E, is the activation energy of the reaction (in kJ/mol), R the gas constant 
(8.314 J/K- mol), T the absolute temperature, and e the base of the natural logarithm 
scale (see Appendix 4). The quantity A represents the collision frequency and is called 
the frequency factor. It can be treated as a constant for a given reacting system over a 
fairly wide temperature range. Equation (13.8) shows that the rate constant is directly 
Proportional to A and, therefore, to the collision frequency. Further, because of the 
Minus sign associated with the exponent E,/RT, the rate constant decreases with in- 
Cteasing activation energy and increases with increasing temperature. This equation 
can be expressed in a more useful form by taking the natural logarithm of both sides 
In k = In Ae"? 
Fa (13.9) 


== Alea 
RT 


Svante Au a ish chemist. Arrhenius made important contributions in the 
gust Arrhenius (1859-1927). Swedish chemist. n 
study of chemical kinetics and electrolyte solutions. He also speculated that life on Earth had ae from 
as Planets, a theory now known as panspermia. Arrhenius was awarded the Nobel Prize in chemistry in 
903. 
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(a) 


(b) 


(c) 


FIGURE 13.14 Dependence of 
number of collisions on concen- 
tration. We consider here only 
A-B collisions, which can lead 
to formation of products. 
(a) There are 4 possible colli- 
sions among two A and two B 
molecules. (b) Doubling the 
number of either type of molecule 
(but not both) increases the num- 
ber of collisions to 8. (c) Dou- 
bling both the A and B molecules 
increases the number of colli- 
sions to 16. 
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there are about 1 X 1077 binary collisions (collisions between two molecules) in 1 mL 
of volume every second, in the gas phase. Even more collisions per second occur jn 
liquids. If every binary collision led to a product, then most reactions would be com- 
plete almost instantaneously. In practice, we find that the rates of reactions differ 
greatly. This means that, in many cases, collisions alone do not guarantee that a 
reaction will take place. 

Any molecule in motion possesses kinetic energy; the faster it moves, the greater 
the kinetic energy. But a fast-moving molecule will not break up into fragments on its 
own. To react, it must collide with another molecule. To use a simple analogy, a car 
traveling at 80 km/h (50 mph) will not begin to disintegrate on its own (assuming that 
it is in good running condition), but if it meets another car in a head-on collision, then 
quite a few pieces of both cars will fly apart. When molecules collide, part of their 
kinetic energy is converted to vibrational energy. If the initial kinetic energies are 
large, then the colliding molecules will vibrate so strongly as to break some of the 
chemical bonds. This bond fracture is the first step toward product formation. If the 
initial kinetic energies are small, the molecules will merely bounce off each other 
intact. (Note that this is an important difference between car collisions and molecular 
collisions.) Energetically speaking, there is some minimum collision energy below 
which no reaction occurs. 

We postulate that, in order to react, the colliding molecules must have a total kinetic 
energy equal to or greater than the activation energy (E,), which is the minimum 
amount of energy required to initiate a chemical reaction. Lacking this energy, the 
molecules remain intact, and no change results from the collision. The species tempo- 
rarily formed by the reactant molecules as a result of the collision before they form the 
product is called the activated complex. 
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FIGURE 13.15 Potential energy profiles for (a) exothermic and (b) endothermic reactions. 
These plots show the change in potential energy as reactants A and B are converted to products 
€ and D. The activated complex is a highly unstable Species with a high potential energy. The 
activation energy is defined for the forward reaction in both (a) and (b). Note that the products Cc 
and D are more stable than the reactants in (a), and less stable in (b). 
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Figure 13.15 shows two different potential energy profiles for the reaction 
A+B—>C+D 


If the products are more stable than the reactants, then the reaction will be accompa- 
nied by a release of heat; that is, the reaction is exothermic [Figure 13.15(a)]. On the 
other hand, if the products are less stable than the reactants, then heat will be absorbed 
by the reacting mixture from the surroundings and we have an endothermic reaction 
[Figure 13.1°(b)]. In both cases we plot the potential energy of the reacting system 
versus the progress of the reaction. Qualitatively, these plots show the potential energy 
changes as reactants are converted to products. 

We can think of activation energy as a barrier that prevents less energetic molecules 
from reacting. Because the number of reactant molecules in an ordinary reaction is 
very large, ‘he speeds, and hence also the kinetic energies of the molecules, vary 
greatly. Normally, only a small fraction of the colliding molecules—the fastest- 
moving ones-—-have enough kinetic energy to exceed the activation energy. These 
molecules can therefore take part in the reaction. The increase in the rate (or the rate 
constant) with temperature can now be explained: The speeds of the molecules obey 
the Maxwell distributions shown in Figure 5.18. Compare the speed distributions at 
two different temperatures. Since more high-energy molecules are present at the higher 
temperature, ‘ne rate of product formation is also greater at the higher temperature. 


The Arrhenius Equation 


tion on temperature can be expressed by the following equation, now known as the 
Arrhenius equation: 


k=Ac os (13.8) 


where E, is the activation energy of the reaction (in kJ/mol), R the gas constant 
(8.314 J/K - mol), T the absolute temperature, and e the base of the natural logarithm 
scale (see Appendix 4). The quantity A represents the collision frequency and is called 
the frequency factor. It can be treated as a constant for a given reacting system over a 
fairly wide temperature range. Equation (13.8) shows that the rate constant is directly 
Proportional to A and, therefore, to the collision frequency. Further, because of the 
Minus sign associated with the exponent E,/RT, the rate constant decreases with in- 
creasing activation energy and increases with increasing temperature. This equation 
can be expressed in a more useful form by taking the natural logarithm of both sides 


In k = In Ae? 


E, 
we peeiy (13.9) 
InA RT 


st. Arrhenius made important contributions in the 
also speculated that life on Earth had come from 
‘us was awarded the Nobel Prize in chemistry in 


*Svante August Arrhenius (1859-1927). Swedish chemi 
Study of chemical kinetics and electrolyte solutions. He al 
oe Planets, a theory now known as panspermia. Arrheni 
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Equation (13.9) can take the form of a linear equation: 


E,\(1 
Ce Sa 
R/\T 


t + ¢ t 
y= mh xe sy ob 
Thus, a plot of In k versus 1/T gives a straight line whose slope m is equal ‘+ ~E,/R and 
whose intercept b with the ordinate (the y axis) is In A. 
The following example demonstrates a graphical method for determini» ‘he activa- 


tion energy of a reaction. 


me a 
EXAMPLE 13.8 
The rate constants for the decomposition of acetaldehyde 
CH3CHO(g) —> CH4(g) + CO(g) 
were measured at five different temperatures. The data are shown below. Plot versus 
1/T, and determine the activation energy (in kJ/mol) for the reaction. 
k (1/M's) — T (K) 
0.011 700 
0.035 730 
0.105 760 
0.343 790 
0.789 810 
Answer 
We need to plot In k on the y axis versus 1/T on the x axis, From the given data we obtain 
Ink \/T (K~) 


—4.51 1.43 x 1073 
=3:35 1337 x10 
—2.254 1.32 x 10°73 
—1.070 1.27 x 1073 
—0.237 1.23 x 107-3 


These data, when plotted, yield the graph shown in Figure 13.16. The slope of the straight 
line is —2.09 x 10* K. From the linear form of Equation (13.9) 


a 


E 
slope = pe —2.09 x 10*K 


E, = (8.314 J/K - mol)(2.09 x 10% K) 
= 1.74 x 10° J/mol 
1.74 X 10? kJ/mol 


I 


Itis important to note that although the rate constant itself has the units 1/M's, the quantity 
In k has no units (we cannot take the logarithm of any unit). 
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0.00 


—1.00 


—2,00 
x 
| 


—3.00 


—4.00 


—5.00 : 
1.20 X 10-3 1.30 X 10-3 1.40 X 10-3 
1/T (K7!) 
FIGURE & Plot of In k versus 1/T. The slope of the line is calculated from two pairs 
of coordi: : 
—4.00 — (—0.45) 
(1.41 — 1.24) x 1077 K! 


slope = = —2.09 x 10 K 


The slope qual to —E,/RT. (The intercept of the straight line on the In k axis is not 
shown he ecause it would require that the horizontal axis be too long.) 


Similar pr ms: 13.42, 13.43. 


An equat relating the rate constants k, and kp at temperatures 7; and T2 can be 
used to calc the activation energy or to find the rate constant at another tempera- 
ture if the a ‘ion energy is known. To derive such an equation we start with Equa- 
tion (13.9) 

pageant 
nk, = InA-—— 
RT, 
wis tae 
=InA-— 
ie RT» 


Subtracting |: & from In k, gives 


E, (1 1 
In ky — In ky = (= - — 


rn 
nhs See (13.10) 
k, R\T, Th 


The following example illustrates the use of the equation we have just derived. 


La 


EXAMPLE 13.9 


3 . ee 
The rate constant of a first-order reaction is 3.46 x 10 aoe 
constant at 350 K if the activation energy for the reaction is 5 


at 298 K. What is the rate 
0.2 kJ/mol? 
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Answer 


The data are 
ky = 3.46 x 107s"! kn =? 


T, = 298K Tz = 350 K 
Substituting in Equation (13.10), ; 
iA 3.46 x 10°? 50.2 x 10° Lat (ha Cine ) 
ky 8.314 J/K-mol ‘350K 298K 
Solving the equation gives 
3.46 x 107? 
ho OO) 
ky 
3.46 x 10°? 
See 
ky 
ky = 0.702 s“! 


Similar problem: 13.47. 


The Arrhenius equation is useful in studying reactions involving simple species 
(atoms or diatomic molecules), But for more complex reactions the frequency factor A 
in Equation (13.8) does not depend solely on the collision frequency. To understand 
why, let us consider the reaction between carbon monoxide and nitrogen dioxide that 
produces carbon dioxide and nitric oxide. 


CO(g) + NO2(g) —> COz(g) + NO(g) 


The reaction will take place if the reactants collide as shown in Figure 13.17(a). On the 
other hand, the collision shown in Figure 13.17(b) will not yield products, even though 


FIGURE 13.17 Relative orien- 
tation of reacting molecules. 
(a) An effective collision and 
(b) an ineffective collision. 


Co oS —=? No reaction 
> 
> a (b) 


13.4 REACTION MECHANISMS 


the reacting species may possess enough kinetic energy to exceed the activation en- 
ergy. Thus the “‘orientation”’ of reactant molecules when they collide is an important 
factor in reactions involving complex molecules. 


13.4 Ree tion Mechanisms 
Elementary Steps and Molecularity 


As we mentioned earlier, an overall balanced chemical equation does not tell us much 
about how a reaction actually takes place. In many cases, it merely represents the sum 
of a series of simple reactions that are often called the elementary steps because they 
represent the progress of the overall reaction at the molecular level. The sequence of 
elementary sicps that leads to product formation is called the reaction mechanism. 

An elementary step in which only one reacting molecule participates, as in the 
conversion of cyclopropane to propene discussed in Example 13.4, is called a unimo- 
lecular reaction. An elementary step that involves two molecules is called a bimolecu- 
lar reaction. An example is 


CO(g) + O2x(g) —> COz(g) + O(g) 


Very few fermolecular reactions, reactions that involve the participation of three 
molecules in one elementary step, are known. The reason is that in a termolecular 
reaction the product forms as a result of the simultaneous encounter of three molecules, 
which is a far less likely event than a bimolecular collision. One reaction that is 
believed to be termolecular is 


2NO(g) + Bro(g) —> 2NOBr(g) 


Keep in mind that all elementary steps involving uni-, bi-, and termolecular reactions 
occur exactly as shown by the equation. 

Knowing the molecularity of a reaction, that is, the number of molecules reacting 
inan elementary step, enables us to deduce the rate law for that step. Suppose we have 
the following unimolecular reaction: 


A —=> product 
Because this is the process that occurs at the molecular level, it follows that the rate of 
the reaction should be directly proportional to the number of A molecules present, or 
the concentration of A; that is 

_ fate = k{A] 
Thus the reaction is first order in A. Recalling the collision theory of chemical kinetics, 


We see that for a bimolecular reaction involving A and B molecules, the product results 
from the collision of an A molecule and a B molecule: 


A+B —= product 


The rate of the reaction is given by 


' rate = k[A][B] 
Thus, in an elementary step the order for each reactant is equal to the stoic 


Coefficient for that reactant in the equation representing that step. 


hiometric 


To use a travel metaphor, an 
overall chemical equation 
specifies the origin and 
destination, but not the actual 
route followed during a trip. 
The reaction mechanism is 
comparable to the route. 
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In studying reaction 
mechanisms, the first step 
invariably is to determine the 
rate law of the reaction. 


An analogy for the rate- 
determining step is the flow of 
traffic along a narrow road. 
Assuming the cars cannot pass 
one another on the road, the 
rate at which the cars travel is 
governed by the slowest- 
moving car. 
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Reactions Involving More Than One Elementary Step 


If all reactions occurred in a single elementary step, the study of reaction 
would be very simple. But most reactions involve more than one elementa 
task is to determine the details of the steps and deduce the order of the reac 


illustrate the approach with the decomposition of hydrogen peroxide in the 
iodide ions. The overall reaction is 


2H>0,(aqg) —> 2H20(/) + O2(g) 
By experiment, the rate law is found to be 
rate = k{H,O>][I] 


Thus the reaction is first order with respect to both HO, and I~. You 
decomposition does not occur in a single elementary step corresponding | 
balanced equation. If it did, the reaction would be second order in HO> | 
the collision of two H2O2 molecules). What’s more, the I~ ion, which i: 
the overall equation, appears in the rate law expression. How can we rec 
facts? 

We can account for the observed rate law by assuming that the reactio 
in two separate elementary steps, each of which is bimolecular: 


Step 1 


H,0, + I> 5 H,O + OIF 
Step 2 
H,0, +01 2s H,0 + 0, +17 
If we further assume that the second step is much faster than the first 
overall rate is controlled by the rate of the first step (1), which is apt: 
rate-determining step. The rate-determining step is the slowest step in th 
steps leading to the formation of products. In our example, after the O1 


in the first step it is immediately consumed in the second step. So th: 
reaction can be determined from the first step alone: 


rate = k{H,O,][I- ] 


In any reaction mechanism that accurately describes a reaction, the su 


elementary steps must give the overall equation. Adding the equations in 


step 2, we obtain 


2H,0, — > 2H,0 + O, 


echanisms 


ry step. Our 


yn. Let us 


yresence of 


i see that 
e overall 
result of 
{ even in 
cile these 


kes place 


then the 
alled the 
juence of 
is formed 
ite of the 


of all the 
tep 1 and 


because the hypoiodite (OI) ions cancel out. Species such as OI” are called interme 
diates because they appear in the mechanism of the reaction (that is, the elementary 
steps) but not in the overall balanced equation. Keep in mind that an intermediate is 
always formed in an initial elementary step and is consumed in a later elementary steP- 
(Note that the T” ion also does not appear in the overall equation. However, I~ differs 
from OI in that the former is present at the start of the reaction and at its completion. 
The function of I” is to speed up the reaction, that is, it is a catalyst. We will discuss 


catalysis in Section 13.5.) 


13.4 REACTION MECHANISMS 


The Hydrocen Iodide Reaction A common reaction mechanism is one that in- 


volves at lea 


and reverse 
tween mole 


Experimen’ 


For many 
thought to 
iodine mol: 


* two elementary steps, the first of which is very rapid in both the forward 
lirections compared to the second step. An example is the reaction be- 
iar hydrogen and molecular iodine to produce hydrogen iodide: 


H2(g) + Io(g) —> 2HI(g) 
, the rate law is found to be 
rate = k[{H>][I5] 


» it was thought that the reaction occurred just as written; that is, it was 
simply a bimolecular reaction involving a hydrogen molecule and an 
». However, in the 1960s chemists found that the actual mechanism is 


more comp! sted than that shown above. A two-step mechanism was proposed: 
Step 1 
k 
—— 
ky 
Step 2 
H, + 21 5 2HI 
where k,, and ky are the rate constants for the reactions. The I atoms are the 
intermedia‘ this reaction. 

When the «action first begins, there are very few I atoms present. But as I, dissoci- 
ates, the co tration of I, decreases while that of I increases. Therefore, the forward 
rate of ste; lecreases and the reverse rate increases. Soon the two rates become 
equal, and » namic equilibrium is established. Because the elementary reactions in 
step | are | faster than the second step, equilibrium is reached before any signifi- 
cant reactio» ith hydrogen occurs and it persists throughout the reaction. 

In the eq: brium condition of step 1 the forward rate is equal to the reverse rate; 
that is, 

kyo] = kif? 
or 
ky 
IP = —[h) 
(0) — 
The rate of the reaction is given by the slow, rate-determining step, which is step 2: 


rate = ko{Ho] [1]? 


Substituting the expression for [I]? into this rate law we obtain 


Where k = ki ko/k_,. As you can see, : 
Tate law for the reaction. This agreement is strong evidence 


ko 
Ee [Ha] Uo] 
k 


i 


k{Ho] La] 


i] 


rate 


i 


this two-step mechanism also gives the correct 
for believing the mecha- 


ism to be correct. 
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Chemical equilibrium will be 
discussed in the next chapter. 
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FIGURE 13.18 Sequence of 


steps in the study of a reaction 
mechanism. 


Let us summarize the sequence involved in studying reaction mechanisms: First, we 
collect data (measurement of rates). Second, we analyze these data to determine the 
rate constant and order of the reaction, and we write the rate law. Third, we suggest a 
plausible mechanism for the reaction in terms of elementary steps (Figure i 5.18). The 
elementary steps must satisfy two requirements: 


© The sum of the elementary steps must give the overall balanced equation for the 
reaction. 

© The rate-determining step should predict the same rate law as is determined 
experimentally. 


Keep in mind that for any proposed reaction scheme, we must be able to detect the 
presence of any intermediate(s) formed in one or more elementary steps 

The following example concerns the mechanistic study of a relatively simple reac- 
tion. 


iano ee — 
EXAMPLE 13.10 


The gas-phase decomposition of nitrous oxide (N20) is believed to occur via tw clemen- 
tary steps: 


Step 1 
N,0 5 N, +0 
Step 2 
N,0 +0 &, N) +0, 
Experimentally the rate law is found to be rate = k[N,O]. (a) Write the equation for the 


overall reaction. (b) Which of the species are intermediates? (c) What can you say about 
the relative rates of steps 1 and 2? 


Answer 


(a) Adding the equations for steps 1 and 2 gives the overall reaction 
2N.0 — > 2N, + O, 


(b) Since the O atom is produced in the first elementary step and it does not appear in the 
overall balanced equation, it is an intermediate. 
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(c) If we assume that step | is the rate-determining step (that is, if k, > k,), then the rate 
of the overall reaction is given by 


rate = k,[N.0] 
and k = kj. 


Similar problem: 13.58. 


Finally we note that not all reactions have a rate-determining step. For example, a 
reaction may have two or more comparably slow steps. The kinetic analysis of such 
reactions is generally more involved. 


Experimental Support for Reaction Mechanisms 


How can we find out whether the proposed mechanism for a particular reaction is 
correct? In ‘he case of hydrogen peroxide decomposition we might try to detect the 
presence of ‘he OI~ ions by spectroscopic means. Evidence of their existence would 
support the reaction scheme. Similarly, for the hydrogen iodide reaction, detection of 
iodine atoms would lend support to the two-step mechanism. For example, it is known 
that I, dissociates into atoms when it is irradiated with visible light. Thus we might 
predict that (he formation of HI from H, and I; would speed up as the intensity of light 
is increased because that should increase the concentration of I atoms. And, indeed, 
this is just what is observed. 

In another instance, chemists wanted to know which C—O bond is broken in the 
reaction between methyl acetate and water in order to better understand the reaction 
mechanism 


oO O 
I I 
CH, —C—O—CH; + H,O —> Chz— ¢— OH + CH,OH 
methyl acetate acetic acid methanol 
The two possibilities are 
oO O 
I ! I I 
CH,—C+O—CH, CH,—C—O-+CH; 
(a) (b) 


To distinguish between schemes (a) and (b), chemists used water containing the ox- 
ygen-18 isotope instead of ordinary water (which contains the oxygen-16 isotope). 
When the oxygen-18 water was used, only the acetic acid formed contained the ox- 
ygen-18 isotope: 

Oo 

In eed 

CH,—C—"“O—H 

Thus, the reaction must have occurred via bond-breaking scheme (a), because the 
Product formed via scheme (b) would retain both of its original oxygen atoms. These 
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A rise in temperature also 
increases the rate of a 
reaction. However, at high 
temperatures the products 
formed may undergo other 
reactions, thereby reducing the 
yield. 


To continue the traffic analogy, 
adding a catalyst can be 
compared to building a tunnel 
through a mountain to connect 
two towns that were previously 
linked by a winding road over 
the mountain. 


A catalyst lowers the activation 
energy for both the forward 
and reverse reactions. 
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examples give some idea of how inventive chemists must be in studying reaction 
mechanisms, but you must realize that for complex reactions it is impossi/e to prove 
the uniqueness of any particular mechanism. 
13.5 Catalysis 
We saw in studying the decomposition of hydrogen peroxide that the tion rate 
depends on the concentration of iodide ions even though I” does not aj) car in the 
overall equation. We noted there that I acts as a catalyst for that reaction atalyst is 
a substance that increases the rate of a chemical reaction without itsel, —-ing con- 
sumed. The catalyst may react to form an intermediate, but it is regen ated in a 
subsequent step of the reaction. In the laboratory preparation of molecule \xygen, a 
sample of potassium chlorate is heated, as shown in Figure 3.6; the reac’ jn is 
2KCI03(s) ++ 2KCI(s) + 30,(g) 
However, this thermal decomposition is very slow in the absence of a catal). The rate 
of decomposition can be increased dramatically by adding a small amo at of the 
catalyst manganese dioxide (MnO ), a black powdery substance. All of tho {nO can 
be recovered at the end of the reaction, just as all of the I~ ions remain follo . ng H202 
decomposition. 

Regardless of its nature, a catalyst speeds up a reaction by providi. a set of 
elementary steps with more favorable kinetics than those that exist in its abs. ce. From 
Equation (13.9) we know that the rate constant k (and hence the rate) 0! | reaction 
depends on the frequency factor A and the activation energy E,—the larger |» A or the 
smaller the E,, the greater the rate. In many cases, a catalyst increases | « rate by 
lowering the activation energy for the reaction. 

Let us assume that the following reaction has a certain rate constan «© and an 


activation energy E,. 


A+B > @4+D 


In the presence of a catalyst, however, the rate constant is k. (called the casi/ytic rate 
constant): 


A+B“3C+D 
By the definition of a catalyst, 


Tate catalyzed = Tat€uncatalyzed 


Figure 13.19 shows the potential energy profiles for both reactions. Note that the total 
energies of the reactants (A and B) and those of the products (C and D) are unaffected 
by the catalyst; the only difference between the two is a lowering of activation energy 
from E, to Ej. Because the activation energy for the reverse reaction is also lowered, a 
catalyst enhances the rate of the reverse reaction to the same extent as it does the 
forward reaction. 

There are three general types of catalysis, depending on the nature of the rate- 


increasing substance: heterogeneous catalysis, homogeneous catalysis, and enzyme 
catalysis. 
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FIGURE 13 Comparison of the activation energy barriers of an uncatalyzed reaction and 
the same re: 1 with a catalyst. Note that the catalyst lowers the energy barrier but does not 
affect the ac ‘nergies of the reactants or products. Although the reactants and products are 
the same in , cases, the reaction mechanisms and rate laws are different in (a) and (b). 


Heteroge. ous Catalysis 


In heteroge» -us catalysis, reactants and catalyst are in different phases. Usually the 
catalyst is d and the reactants are either gases or liquids. Heterogeneous catalysis 
is by far the st important type of catalysis in industrial processes. It plays an impor- 
tant role in: synthesis of many key chemicals and other chemical processes. Here we 
describe fiv. ecific examples of heterogeneous catalysis that account for millions of 
tons of che: als produced annually on an industrial scale. 


The Haber — ynthesis of Ammonia. Ammonia is an extremely valuable inorganic 
substance us as raw material in the fertilizer industry (see p. 125), the manufacture 
of explosive. and many other areas. Around the turn of the century, many chemists 
strove to synesize ammonia from nitrogen and hydrogen. The supply of atmospheric 
hitrogen is viriually inexhaustible, and hydrogen gas can be produced readily by pass- 
ing steam over heated coal: 


HO(g) + C(s) —> CO(g) + Hag) 


Hydrogen is also obtained as a by-product of petroleum refining. ' 
Predictions based on the laws of thermodynamics showed that the reaction 


No(g) + 3Hx(g) —> 2NH3(g) AH? = —92.6 kJ 


should go a long way toward completion at room temperature, but the extremely slow 


tate of the reaction makes any large-scale operation virtually impossible. To make the 
Teaction feasible two requirements must be met simultaneously: an appreciable rate and 
a high yield of the product. Raising the temperature does accelerate the reaction b 
the same time it promotes the decomposition of NH; molecules into Nz and Hp, 


lowering the yield of NH3. 


ut at 
thus 
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In 1905, after testing literally thousands of compounds at various temperatures and 
pressures, Fritz Haber discovered that iron plus a few percent of oxides of potassium 
and aluminum catalyze the reaction of hydrogen with nitrogen to yield ammonia at 
about 500°C. This procedure is known as the Haber process. 

In heterogeneous catalysis, the surface of the solid catalyst is usually the site of the 
reaction. The initial step in the Haber process involves the dissociation of N> and H, on 
the metal surface (Figure 13.20). Although the dissociated species are not truly free 
atoms because they are bonded to the metal surface, they are highly reactive. The two 
reactant molecules behave very differently on the catalyst surface. Studies show that 
H, dissociates into atomic hydrogen at temperatures as low as — 196°C (the boiling 
point of liquid nitrogen). Nitrogen molecules, on the other hand, dissociate at about 
500°C. The highly reactive N and H atoms combine rapidly at high temperatures to 
produce the desired NH3 molecules: 


N + 3H —> NH3 
The Manufacture of Sulfuric Acid. We saw in Chapter 3 (p. 124) that the key step 
in the manufacture of sulfuric acid is the conversion of sulfur dioxide to suliur trioxide: 


2SO0.(g) + O2(g) —> 2SO3(g) 


Surface of catalyst 


FIGURE 13.20 The catalytic action in the synthesis of ammonia. First the H2 and N2 mole- 
cules bind to the surface of the catalyst. This interaction weakens the covalent bonds within the 
molecules and eventually causes the molecules to dissociate. The highly reactive H and N atoms 
combine to form NH; molecules, which then leave the surface : 


13.5 CATALYSIS 


FIGURE 13.21 Vanadium(V) oxide on alu- 
mina (Al,03)—used to catalyze the conversion 
of sulfur dioxide to sulfur trioxide. 


Vanadium(\) oxide (V2Os) is the catalyst used for this reaction (Figure 13.21). Be- 
cause the su!{ur dioxide and oxygen molecules react in contact with the surface of solid 
V205, this process is referred to as the contact process. 


The Manufacture of Nitric Acid. Like sulfuric acid, nitric acid is one of the most 


important inorganic acids. It is used in the production of fertilizers, dyes, drugs, and 
explosives. The major industrial method of producing nitric acid is the Ostwald? proc- 
ess. The starting materials, ammonia and molecular oxygen, are heated in the presence 


of a platinum—rhodium catalyst (Figure 13.22) to about 800°C: 
4NH3(g) + 502(g) —> 4NO(g) + 6H20(g) 
The nitric ox\de formed readily oxidizes (without catalysis) to nitrogen dioxide: 


2NO(g) + O2(¢) —> 2NO2(g) 


FIGURE 13.22  Platinwn— 
rhodium catalyst used in the 
Ostwald process. 


wald made important contributions to chemical kinet- 
Joped the industrial process for preparing nitric acid 
in 1909. 


aay, 
‘Wilhelm Ostwald (18531932). German chemist. Ost 
ry thermodynamics, and electrolyte solutions. He develc i 
lal now bears his name. He received the Nobel Prize in chemistry 
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Note that this is a 
disproportionation reaction 
(see Section 12.3). 
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When dissolved in water, NO» forms both nitrous acid and nitric acid: 
2NO>(g) + H:0(/) —> HNO,(aq) + HNO;(aq) 

On heating, nitrous acid is converted to nitric acid as follows: 
3HNO.(aq) —> HNO3(aq) + H,0(/) + 2NO(g) 

The NO generated can be recycled to produce NO) in the second step. 

Hydrogenation. Hydrogenation is the addition of hydrogen to compou 


ing multiple bonds, especially C=C and C=C bonds. A simple hydrog: 
tion is the conversion of ethylene to ethane: 


Ho 
H H 
~ Ue 
H, + C=C —— eee —— Ci — 
H 
. H H 
ethylene ethane 


This reaction is quite slow under normal conditions, but the reaction rate ¢ 
increased by the presence of a catalyst such as nickel or platinum (Figure | 
the Haber synthesis of ammonia, the main function of the catalyst is to 
H—H bond and facilitate the reaction. 


Hydrogenation is an important process in the food industry. Vegetab’ 


considerable nutritional value, but some oils must be hydrogenated befor: 
them because of their unsavory flavor and their inappropriate molecular sti 
is, there are too many C=C bonds present). Upon exposure to air, these 


rated molecules (that is, molecules with many C=C bonds) undergo oxide’ 


unpleasant-tasting products (oil that has oxidized is said to be rancid). In th 
ation process, a small amount of nickel (about 0.1 percent by mass) is adc 
and the mixture is exposed to hydrogen gas at high temperature and pre: 


ward, the nickel is removed by filtration. Hydrogenation reduces the num! 


bonds in the molecule but does not completely eliminate them. If all the ¢ 
are eliminated, the oil becomes hard and brittle. Under controlled conditi: 
cooking oils and margarine may be prepared by hydrogenation from ve 
extracted from cottonseed, corn, and soybeans. 


FIGURE 13.23 Platinum catalyst on alu- 
mina (Al,03)—used in hydrogenations. 
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Exhaust manifold 


Exhaust pipe 
Tail pipe 


sor: 


ondary air 
Catalytic converters 
FIGURE 13 A two-stage catalytic converter for an automobile. 
Catalytic © \verters. At high temperatures inside a running car’s engine, nitrogen 
and oxyge! ses react to form nitric oxide: 
No(g) + O2(g) == 2NO(g) 
When rele to the atmosphere, NO rapidly combines with O to form NOs, a 
poisonous « brown gas with a choking odor: 
2NO(g) + O2(g) —> 2NO2(g) 
This nitrog ioxide and other undesirable gases emitted by an automobile such as 
carbon moi e (CO) and various unburned hydrocarbons make automobile exhaust a 
major sour: ‘air pollution. 

Most au’. are now manufactured with catalytic converters (Figure 13.24). An 
efficient ca’ ‘ic converter serves two purposes: It oxidizes CO and unburned hydro- 
carbons to ( and H,0, and it reduces NO and NO, to No and O2. Hot exhaust gases 
into which « lias been injected are passed through the first chamber of one converter 
to accelerai ‘ie complete burning of hydrocarbons and to decrease CO emission. (A 
cross section of the catalytic converter, containing Pt or Pd, or a transition metal oxide 
such as CuO or Cr,03, is shown in Figure 13.25.) However, since high temperatures 
increase NO production, a second chamber containing a different catalyst (again a 


transition metal or a transition metal oxide) operating at a lower temperature is required 
to dissociate NO into N> and O; before the exhaust is discharged through the tailpipe. 


verter. The beads contain platinum, 


FIGURE 13.25 A cross-sectional view of a catalytic con 
CO and hydrocarbons. 


Palladium, and rhodium, which catalyze the combustion of 


A hydrocarbon is a compound 
containing only carbon and 
hydrogen atoms. Hydrocarbons 
are the main constituents of 
natural gas and gasoline. 
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We assume that k, > k so that 
the rate is determined solely 
by the catalyzed portion of the 
reaction. 
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Homogeneous Catalysis 


In homogeneous catalysis the reactants, products, and catalyst are all dispersed in a 
single phase, usually liquid. Acid and base catalyses are the most important types of 
homogeneous catalysis in liquid solution. For example, the reaction of ethyl acetate 
with water to form acetic acid and ethanol normally occurs too slowly to be measured. 


fe) 6) 
| | 


CH,—C—O—C,H, + H,O —* CH;—C—OH + C,H;OH 


ethyl acetate acetic acid ethanol 


In the absence of the catalyst, the rate law is given by: 
rate = k{CH;COOC3Hs] 


However, the reaction can be catalyzed by acids. In the presence of hydrochloric acid 
the rate is given by 


rate = k.[CH3;COOC>Hs][H *] 


Homogeneous catalysis can also take place in the gas phase. A well-known example 
of catalyzed gas-phase reactions is the lead chamber process, which for many years 
was the major process for the manufacture of sulfuric acid. Starting with sulfur, we 


would expect the production of sulfuric acid to occur in the following sicps: 
S(s) + O3(g) —> SO2(g) 
2S02(g) + O2(g) —> 2SO;(g) 
H,O(/) + SO3(g) —~> H»2SO,(aq) 


In reality, however, sulfur dioxide is not converted directly to sulfur trioxide; rather, 
the oxidation is more efficiently carried out in the presence of the catalyst nitrogen 
dioxide: 
2SO2(g) + 2NO2(g) —> 2S03(g) + 2NO(g) 
2NO(g) + O2(g) —> 2NO2(g) 
Overall reaction: 2SO2(g) + O2(g) —> 2S03(g) 


Note that there is no net loss of NO> in the overall reaction, so that NO» meets the 
criteria for a catalyst. (See the Chemistry in Action on p. 567 for an example of 
homogeneous catalysis in a reaction in Earth’s atmosphere.) 

In recent years chemists have devoted much effort to developing a class of metallic 
compounds to serve as homogeneous catalysts. These compounds are soluble in vari- 
ous organic solvents and therefore can catalyze reactions in the same phase as the 
dissolved reactants. Many of the processes they catalyze are organic. For example, @ 


red violet compound of rhodium, [(CsHs)3P];RhCl, catalyzes the hydrogenation of 
carbon-carbon double bond as follows: 


| 
Cc— 
homme! 


ae | 
C=C +H, ——c— 
[evel 

H H 
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Some advantages of homogeneous catalysis over heterogeneous catalysis are: (1) the 
reactions can often be carried out under atmospheric conditions, thus reducing costs of 
production and minimizing the decomposition of products at high temperatures, (2) 
catalysts can often be designed to function selectively for a particular type of reaction, 
and (3) homogeneous catalysts cost less than the precious metals (for example, plati- 
num and gold) used in heterogeneous catalysis. 


Enzyme Catalysis 


Of all the intricate processes that have evolved in living systems, none is more striking 
or more essential than enzyme catalysis. Enzymes are biological catalysts. The amaz- 
ing fact about enzymes is not only that they can increase the rate of biochemical 
reactions by factors ranging from 10° to 10'7, but that they are so highly specific. They 
act only on certain molecules, called substrates, while leaving the rest of the system 
unaffected. It has been estimated that an average living cell may contain some 3000 
different enzymes, each of them catalyzing a specific reaction in which substrates are 
converted into the appropriate products. Enzyme-catalyzed reactions are examples of 
homogeneous catalysis because the substrate, enzyme, and product are all present in 
the aqueous solution. 

But enzymes do not operate independently. There is, so to speak, a built-in control 
that turns on certain enzymes for action when the need arises and then turns them off 
when enough of the product has been formed. One theory for the specificity of en- 
zymes—the so-called ‘‘lock-and-key’’ theory—was developed by the German chemist 
Emil Fischer? in 1894. An enzyme is ordinarily a very large protein molecule that 
contains one or more active sites where reactions with substrates take place; the rest of 
the molecule maintains the three-dimensional integrity of the network. According to 
Fischer’s hypothesis, the active site has a rigid structure, similar to a lock. A substrate 
molecule has the complementary structure that causes it to fit and function like a key 
(Figure 13.26). Although appealing in many respects, this theory has some glaring 
discrepancies. For instance, substrates of quite different sizes and shapes are known to 
bind to the same type of enzyme. Therefore the enzyme’s specificity cannot be ex- 


plained in terms of structural rigidity. 


Products 
+ 


Substrate 
+ 


Enzyme-substrate 
complex 


FIGURE 13.26 The lock-and-key model of an enzyme's specificity for substrate molecules. 


Emil Fischer (1852-1919). German chemist. Regarded by many as the greatest organic chemist of the 
Nineteenth century, Fischer made many important contributions in the synthesis of sugars and other impor- 
tant molecules. He was awarded the Nobel Prize in chemistry in 1902. 
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Enzymes are made of protein 
molecules that have molar 
masses ranging from 
thousands to millions of grams 
per mole. 
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The overall result is a net removal of O3; molecules 
from the stratosphere: 


0, + O —> 20, 


The oxygen atoms in this reaction are supplied by the 
photochemical decomposition of ozone (0; —> 
O + O;) as described earlier. Note that Cl plays the 
role of a catalyst in the reaction mechanism scheme 
given by steps (1) and (2) because it is not used up and 
can therefore take part in many such reactions. (Cl is 
acting as a homogeneous catalyst in the gas-phase reac- 
tions.) On the other hand, the ClO species is an inter- 
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mediate because it is produced in the first elementary 
step and consumed in the second step. Its presence has 
recently been detected in the stratosphere. 

How bad is the ‘‘Freon pollution’? Because of the 
complexities of the reactions and the difficulties in 
measuring the concentrations of Freons and reaction 
intermediates, there is currently much debate on this 
point. The U.S. government banned the use of Freons 
in aerosol sprays several years ago, but other uses con- 
tinue. Only time will tell whether enough Freons have 
been released into the atmosphere to seriously deplete 
the ozone layer during the next 20 to 30 year: 


SUMMARY 


. The rate of a chemical reaction is shown by the change in the conceniration of 


reactant or product molecules over time. The rate is not constant, but varies con- 
tinuously as concentration changes. 


. The rate law is an expression relating the rate of a reaction to the rate constant and 


the concentrations of the reactants raised to appropriate powers. The rate constant 
k for a given reaction changes only with temperature. 


. Reaction order is the sum of the powers to which reactant concentrations re raised 


in the rate law. The rate law and the reaction order cannot be determined {rom the 
stoichiometry of the overall equation for a reaction; they must be determined by 
experiments. 


. The half-life of a reaction (the time it takes for the concentration of a reactant to 


decrease by one-half) can be used to determine the rate constant of a first-order 
reaction. 


. According to collision theory, a reaction occurs when molecules collide with 


sufficient energy, called the activation energy, to break the bonds and initiate the 
reaction. 


. The rate constant and the activation energy are related by the Arrhenius equation, 


k = Ae ee, 


. The overall balanced equation for a reaction may be the sum of a series of simple 


Teactions, called elementary steps. The complete series of elementary steps for a 
reaction is the reaction mechanism. 


. If one step in a reaction mechanism is much slower than all other steps, it is called 


the rate-determining step. 


. A catalyst speeds up a reaction usually by lowering the value of E,. A catalyst can 


be recovered unchanged at the end of a reaction. 


. In heterogeneous catalysis, which is of great industrial importance, the catalyst is 


a solid and the reactants are gases or liquids. In homogeneous catalysis, the cata- 


lyst and the reactants are in the same phase. Enzymes are catalysts in living 
systems. 
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EXERC! 
REACTION &ATE 
REVIEW QUESTIONS 


13.1 What is meant by the rate of a chemical reaction? 

13.2 What are the units of the rate of a reaction? 

13.3 Distinguish between average rate and instantaneous 
rate. Which of the two rates gives us an unambiguous 
measurement of reaction rate? Why? 

13.4 What are the advantages of measuring the initial rate of 
a reaction? 

13.5 Can you suggest two reactions that are very slow (take 
days or longer to complete) and two reactions that are 
very fast (reactions that are over in minutes or seconds)? 


PROBLEMS 


13.6 Write the reaction rate expressions for the following re- 
actions in terms of the disappearance of the reactants 
and the appearance of products: 

(a) Ha(g) + L(g) —> 2HI(g) 
(b) 2Hx(g) + Ox(g) —> 2H20(g) 
(c) SBr (aq) + BrO3(aq) + 6H* (aq) —> 
3Br2(aq) + 3H2,0(/) 
13.7 Consider the reaction 


No(g) + 3H2(g) —> 2NH3(g) 


Suppose that at a particular moment during the reaction 
molecular hydrogen is reacting at the rate of 0.074 M/s. 
(a) What is the rate at which ammonia is being formed? 
(b) What is the rate at which molecular nitrogen is react- 
ing? 

13.8 Consider the reaction 


CjHsI(aq) + H,O(1) 2 = 
CHsOH(aq) + H*(aq) + I (aq) 


How could you follow the progress of the reaction by 
Measuring the electrical conductance of the solution? 


First-order reaction, p. 536 


Hydrogenation, p. 562 
Intermediate, p. 554 

Molecularity of a reaction, p. 553 
Rate constant, p. 528 


EXERCISES 569 


Rate-determining step, p. 554 
Reaction mechanism, p. 553 
Reaction order, p. 532 
Reaction rate, p. 524 
Second-order reaction, p. 543 
Termolecular reaction, p. 553 
Unimolecular reaction, p, 553 


RATE LAWS 
REVIEW QUESTIONS 


13.9 Explain what is meant by the rate law of a reaction. 

13.10 What is meant by the order of a reaction? 

13.11 What are the units for the rate constants of first-order 
and second-order reactions? 

13.12 Write an equation relating the concentration of a reac- 
tant A at ¢ = 0 to that at ¢ = ¢ for a first-order reaction. 
Define all the terms and give their units. Do the same 
for a second-order reaction. 

13.13 Consider the zero-order reaction: A —— product. 
(a) Write the rate law for the reaction. (b) What are the 
units for the rate constant? (c) Plot the rate of the reac- 
tion versus [A]. 

13.14 The rate constant of a first-order reaction is 66 s~'. 
What is the rate constant in units of minutes? 

13.15 On which of the following quantities does the rate con- 
stant of a reaction depend? (a) concentrations of reac- 
tants, (b) nature of reactants, (c) temperature. 

13.16 For each of the following pairs of reaction conditions, 
indicate which has the faster rate of formation of hydro- 
gen gas: (a) lithium or potassium with water; (b) magne- 
sium or iron with 1.0 M HCI; (c) magnesium rod or 
magnesium powder with 1.0 M HCl; (d) magnesium 
with 0.10 M HCI or magnesium with 1.0 M HCl. 


PROBLEMS. 


13.17 The rate law for the reaction 
NHj (aq) + NO (aq) —> No(g) + 2H,0(/) 


is given by rate = k{NH# ][NOz]. At 25°C, the rate 
constant is 3.0 x 10-4/M-s. Calculate the rate of the 
reaction at this temperature if [NHj] = 0.26 M and 
[NO] = 0.080 M. 

13.18 Consider the reaction 


A + B —= products 
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From the following data obtained at a certain tempera- 
ture, determine the order of the reaction and calculate 
the rate constant: 


[A] (M) [B] (M) Rate (M/s) 


1.50 1.50 3.20'% 1071 
1.50 2.50 3.20 x 107! 
3.00 1.50 6.40 x 107! 


13.19 Determine the overall orders of the reactions to which 
the following rate laws apply: (a) rate = k[NO»]’; 
(b) rate=k; (c) rate = k{H5][Br]’; (d) rate = 
k{NO}*[Oo]. 

13.20 A certain first-order reaction is 35.5 percent complete in 
4.90 min at 25°C. What is its rate constant? 

13.21 Consider the reaction 


A—B 


The rate of the reaction is 1.6 x 107? M/s when the 
concentration of A is 0.35 M. Calculate the rate con- 
stant if the reaction is (a) first order in A and (b) second 
order in A. 

13.22 The following rate data, obtained at 250 K, describe the 
reaction 


F,(g) + 2C102(g) —> 2FCIO2(g) 


— A/F] 
At 
[F2] (M) [ClO] (M) (MIs) 
0.10 0.010 yx 10 
0.10 0.040 4.8 x 1073 
0.20 0.010 2.4 x 1073 


(a) Deduce the rate law for the reaction. (b) Calculate 

the rate constant. (c) Calculate the rate of the reaction at 

the time when [F] = 0.010 M and [CIO] = 0.020 M. 

13.23 At 500 K butadiene gas converts to cyclobutene gas: 
CH,— CH 
CH,= CH — CH=CH, —> pees 

butadiene (g) cyclobutene (g) 
From the following rate data determine graphically the 
order of the reaction in butadiene and the rate constant. 


Time from Start Concentration of 


(s) Butadiene (M) 

195 0.0162 

604 0.0147 
1246 0.0129 
2180 0.0110 
4140 0.0084 
8135 0.0057 


13.24 The following gas-phase reaction was studied at 290°C 
by observing the change in pressure as @ function of 
time in a constant volume vessel. 


CICO2CCl3(g) —~ 2COCI( 
Time (s) P (mmHg) 


0 15.76 
181 18.88 
513 22.79 
1164 27.08 
Is the reaction first or second order in |{ —~O,CCI]? 
13.25 Azomethane, C,H¢H2, decomposes at 297 in the gas 


phase as follows: 
CoH6N2(g) —> CoH¢(g) + No 


From the data in the following table determ »» the order 
of the reaction in [C,HgN2] and the rate stant. 


Time (min) [C2H6N2] (M) 


0 0.36 
15 0.30 
30 0.25 
48 0.19 
75 0.13 


13.26 Consider the reaction 
X+Y—>Z 
The following data are obtained at 360 K 


Initial Rate of 
Disappearance of X 


(M/s) [X] (M) [Y] (M) 
0.147 0.10 0.59 
0.127 0.20 0.3 
4.064 0.40 0.60 
1.016 0.20 0.60 
0.508 0.40 0.30 


(a) Determine the order of the reaction. (b) Determine 

the initial rate of disappearance of X when the concen- 

tration of X is 0.20 M ahd that of Y is 0.30 M. 
13.27 The rate constant for the second-order reaction 


2NOBr(g) —> 2NO(g) + Bro(g) 


is 0.80/M - s at 10°C. Starting with a concentration of 
0.086 M of NOBr, calculate its concentration after 22 s. 


HALF-LIFE 
REVIEW QUESTIONS 
13.28 Define the half-life of a reaction. 


13.29 Write the equation relating the half-life of a first-order 
reaction to the rate constant. How does it differ from 
that of a second-order reaction? 

13.30 For a !rst-order reaction, how long will it take for the 
concentration of reactant to fall to one-eighth its ofiginal 


value’ “xpress your answer in terms of the half-life (f) 
and i: terms of the rate constant k. 

PROBLEMS 

13.31 What s the half-life of a compound if 75 percent of a 
giver --mple of the compound decomposes in 60 min? 
Assur © first-order kinetics. 

13.32 The mal decomposition of phosphine (PH3) into 
phosp crus and molecular hydrogen is a first-order re- 
actio 


4PH3(g) — Pa4(g) + 6Ha(g) 


The }s\‘-life of the reaction is 35.0 s at 680°C. Calcu- 
late (. ‘he first-order rate constant for the reaction and 
(b) the ‘ime required for 95 percent of the phosphine to 
decompose. 

13.33 The fo owing reaction is second order in A: 


A —=> product 


Ata in temperature the second-order rate constant 
is 1.¢ -s. Calculate the half-life of the reaction if 
the in’ :| concentration of A is 0.86 M. 

13.34 The t! nal decomposition of N2Os obeys first-order 
kineti jsing the data in Table 13.3, plot [N2Os] ver- 
sus ti From your graph calculate the rate constant 
using half-life method. 

ACTIVAT! ENERGY 

REVIEW QU STIONS 

13.35 Define activation energy. What role does activation 


energy play in chemical kinetics? 

13.36 Write the Arrhenius equation and define all terms. 

13.37 Use the Arrhenius equation to show why the rate con- 
stant of a reaction (a) decreases with increasing activa- 
tion energy and (b) increases with increasing tempera- 
ture. 

13.38 As we know, methane burns readily in oxygen ina 
highly exothermic reaction. Yet a mixture of methane 
and oxygen gas can be kept indefinitely without any 
apparent change. Explain. 

13.39 Sketch a potential energy versus reaction progress plot 
for the following reactions: 

(a) S(s) + Ong) —> SO2(g) AH? = —296.06 kJ 
(b) Clo(g) —> Cl(g)+ Clg) AH? = 242.7 KI 

13.40 The reaction H + H, —> H, + H has been studied 
for many years. Sketch a potential energy versus reac- 
tion progress diagram for this reaction. 


EXERCISES 571 


13.41 The reaction of G2 with E, to form 2EG is exothermic, 
and the reaction of G2 with X, to form 2XG is endother- 
mic. The activation energy of the exothermic reaction is 
greater than that of the endothermic reaction. Sketch the 
potential energy profile diagrams for these two reactions 
on the same graph. 


PROBLEMS 


13.42 Variation of the rate constant with temperature for the 
first-order reaction 


2N205(g) —> 2N20q(g) + O2(g) 


is given in the following table. Determine graphically 
the activation energy for the reaction. 


T(K) k(s~') 


273 TST 10° 
298 3.46 X 10° 
318 4.98 x 10° 
338 4.87 x 10’ 


13.43 The first-order rate constant for the reaction A —~> B 
has been measured at a series of temperatures: 


kis?) °C) 


10.6 10 
47.4 20 
162 30 
577 40 


Determine graphically the activation energy for the re- 
action. 
13.44 Given the same concentrations, the reaction 


CO(g) + Ch(g) —> COCI(g) 


at 250°C is 1.50 x 10° times as fast as the same reaction 

at 150°C. Calculate the energy of activation for this re- 

action. Assume the frequency factor to remain constant. 
13.45 For the reaction 


NO(g) + O3(g) —> NO2(g) + O2(g) 


the frequency factor A is 8.7 x 10'? s~! and the activa- 


tion energy is 63 kJ/mol. What is the rate constant for 
the reaction at 75°C? 

13.46 The rate constant of a first-order reaction is 4.60 x 
10-4 s~! at 350°C. If the activation energy is 104 kJ/ 
mol, calculate the temperature at which its rate constant 
is 8.80 X 10-4. s"!. 

13.47 The rate constant for the decomposition of the AB mole- 
cule at 25°C is 5.8 X 10°? s~'. Calculate the rate con- 
stant at 125°C if the activation energy is 52 kJ/mol. 

13.48 The rate constants of some reactions double with every 
10-degree rise in temperature. Assume a reaction takes 
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place at 295 K and 305 K. What must the activation 
energy be for the rate constant to double as described? 

13.49 The rate at which tree crickets chirp is 2.0 x 10 per 
minute at 27°C but only 39.6 per minute at 5°C. From 
these data, calculate the ‘‘energy of activation’ for the 
chirping process. (Hint: The ratio of rates is equal to the 
ratio of rate constants.) 


REACTION MECHANISM 
REVIEW QUESTIONS 


13.50 What do we mean by the mechanism of a reaction? 

13.51 What is an elementary step? 

13.52 What is the molecularity of a reaction? 

13.53 Reactions can be classified as unimolecular, bimolecu- 
lar, and so on. Why are there no zero-molecular reac- 
tions? 

13.54 Expain why termolecular reactions are rare. 

13.55 What is the rate-determining step of a reaction? Give an 
everyday analogy to illustrate the meaning of the term 
“‘rate-determining.’’ 

13.56 The equation for the combustion of ethane (CHg) is 


2C,H,e + 702 —> 4CO, + 6H2,0 


Explain why it is unlikely that this equation also repre- 
sents the elementary step for the reaction. 

13.57 Which of the following species cannot be isolated in a 
reaction? activated complex, product, intermediate 


PROBLEMS 


13.58 The rate law for the reaction 
2NO(g) + Clo(g) —> 2NOCI(g) 


is given by rate = k{NO][Cl5]. (a) What is the order of 
the reaction? (b) A mechanism involving the following 
steps has been proposed for the reaction: 


NO(g) + Clo(g) —> NOCh(g) 
NOCI,(g) + NO(g) —~> 2NOCI(g) 


If this mechanism is correct, what does it imply about 
the relative rates of these two steps? 

13.59 For the reaction X, + Y + Z —+>» XY + XZ it is 
found that doubling the concentration of Xj doubles the 
reaction rate, tripling the concentration of Y triples the 
rate, and doubling the concentration of Z has no effect. 
(a) What is the rate law for this reaction? (b) Why is it 
that the change in the concentration of Z has no effect on 
the rate? (c) Suggest a mechanism for the reaction that is 
consistent with the rate law. 

13.60 Consider the following elementary step: 


XK + 2Y —3. xy, 


(a) Write a rate law for this reaction. (b) If the initial rate 


of formation of XY> is 3.8 x 1073 M/s and the initial 
concentrations of X and Y are 0.26 M and 0.88 M, what 
is the rate constant of the reaction? 

13.61 The rate of the reaction between H> and |, to form HI 
(discussed on p. 555) increases with the intensity of vis- 
ible light. (a) Explain why this fact supports the two- 
step mechanism given. (The color of I, vapor is shown 
in Figure 10.44.) (b) Explain why the visible light has 
no effect on the formation of H atoms. 

13.62 The rate law for the decomposition of ozone to molecu- 
lar oxygen 


203(g) —> 302(2) 


[O37 
[O2] 


rate = k 
The mechanism proposed for this process is 


O3 ati O + O; 
ky 


04:0; 4s. 20; 


Derive the rate law from these elementary steps. Clearly 


state the assumptions you use in the derivation. Explain 
why the rate decreases with increasing ©» concentra- 
tion. 


13.63 The rate law for the reaction 
2H2(g) + 2NO(g) —> No2(g) + 210(g) 


is rate = k[H>][NO]?. Which of the following mecha- 
nisms can be ruled out on the basis of the observed rate 
expression? 


Mechanism I 


H, + NO —> H,0+N (slow) 
N+NO —> N,+0 (fast) 
O +H, —> H,0 (fast) 


Mechanism I] 
H, + 2NO —> NO + H3O0 (slow) 


N,O + Hp —> N+ H,0 (fast) 
Mechanism III 
2NO == N,0, (fast equilibrium) 
N.0) + Hy —> NO + HO (slow) 
N20 + Hp —> N2 + H2O (fast) 
CATALYSIS 


REVIEW QUESTIONS 


13.64 How does a catalyst increase the rate of a reaction? 
13.65 What are the characteristics of a catalyst? 
13.66 A certain reaction is known to proceed slowly at room 
temperature. Is it possible to make the reaction proceed 
at a faster rate without changing the temperature? 


13.67 Distinguish between homogeneous catalysis and hetero- 
geneous catalysis. Describe three important industrial 
processes that utilize heterogeneous catalysis. 

13.68 Are enzyme-catalyzed reactions examples of homoge- 
neous or heterogeneous catalysis? Explain. 

13.69 The concentrations of enzymes in cells are usually quite 
small. What is the biological significance of this fact? 


PROBLEMS 


13.70 Most reactions, including enzyme-catalyzed reactions, 
procee:! faster at higher temperatures. However, for a 
given enzyme, the rate drops off abruptly at a certain 
tempersture. Account for this behavior. (Hint: The 
three-dimensional structure of an enzyme molecule is 
maintained by relatively weak intermolecular forces 
within the molecule.) 

13.71 Consider the following mechanism for the enzyme- 
catalyzed reaction: 


B +S — Sees 


; (fast equilibrium) 
v1 


ES 8, EB+P (slow) 


Derive an expression for the rate law of the reaction in 


terms of the concentrations of E and S. 
MISCELL. OUS PROBLEMS 


13.72 Suggest experimental means by which the rates of the 
following reactions could be followed: 
(a) CaCOx(s) —> CaO(s) + CO2(g) 
(b) Cl(g) + 2Br- (aq) —> Bry(aq) + 2Cl (aq) 
(c) CsH6(g) —> C2H4(g) + Hag) 
13.73 List four factors that influence the rate of a reaction. 
13.74 ‘The rate constant for the reaction 


NO(g) + CO(g) —> NO(g) + CO2(g) 


is 1.64 x 107°/M-s.’? What is incomplete about this 
statement? 


EXERCISES wes) 


13.75 The bromination of acetone is acid catalyzed: 
CH,COCH; + Bry eee CH,COCH>Br + H* + Br- 
catalys! 
The rate of disappearance of bromine was measured for 


several different concentrations of acetone, bromine, 
and H* ions at a certain temperature: 


Rate of 
Disappearance 
of Brz 
[CH;COCH3]— [Br] [H*] (M/s) 
(a) 0.30 0.050 0.050 5.7% 107° 
(b) 0.30 0.10 0.050 S72 107° 
(c) 0.30 0.050 0.10 (oe 10 
(d) 0.40 0.050 0.20 3.158 107% 
(e) 0.40 0.050 0.050 1:6°* 107° 


(a) What is the rate law for the reaction? (b) Determine 
the rate constant. 

13.76 When methyl phosphate is heated in acid solution, it 
reacts with water: 


CH,OPO3H> + HxO —> CH;OH + H;PO, 


If the reaction is carried out in water enriched with '*O, 
the oxygen-18 isotope is found in the phosphoric acid 
product but not in the methanol. What does this tell us 
about the mechanism of the reaction? 

13.77 The rate of the reaction 


CH;COOC3H;(aq) + H,O(/) ——>» CH3;COOH(aq) + 
C,HsOH(aq) 


shows first-order characteristics—that is, rate = 
k[{(CH;COOC>Hs|—even though this is a second-order 
reaction (first order in CH;COOC>Hs and first order in 
H,O). Explain. 

13.78 Explain why most-metals used in catalysis are transition 
metals. (Hint: Transition metals have more variable oxi- 
dation states and can form a broader range of com- 
pounds than metals in the representative groups of ele- 
ments.) 
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ew chemical reactions proceed in only one direction; most are, at least to some extent, 

reversible. At the start of a reversible reaction, the reaction proceeds toward the for- 

mation of products. As soon as some product molecules are formed, the reverse 
process—that is, the formation of reactant molecules from product molecules—begins to 
take place. When the rates of the forward and reverse processes are equal, a state of chem- 
ical equilibrium exists and the concentrations of reactants and products no longer change 
with time. We can obtain much useful information about a reaction after it has reached 
equilibrium. 

This chapter discusses several different types of equilibrium, the meaning of the equilib- 

rium constant, and factors that affect the attainment of equilibrium. 


14.1 The Concept of Equilibrium 


Equilibrium is a state in which there are no observable changes as time goes by. For 
example, when a chemical reaction has reached the equilibrium state, the concentra- 
tions of reactants or products remain unchanged with time. However, there is still 


much activity at the molecular level because constant conversion between the reactant 
molecules and product molecules continues to occur. Equilibrium is a dynamic situa- 
tion. The concept of dynamic equilibrium is analogous to the movement of skiers ona 


busy day at a ski resort if the number of skiers carried up on the chair lift and the 
number coming down the slopes are the same. Thus while there is a constant transfer of 
skiers, the number of people at the top and the number at the bottom of the slope 


remain unchanged. 

The vaporization of water in a closed container at a given temperature is another 
example of dynamic equilibrium. In this instance, the numbers of H,OQ molecules 
leaving and returning to the liquid phase per second are equal: 


H,0(/) == H20(g) 


where the double arrow (==) indicates that the process is reversible. The pressure of 
the water vapor measured at this temperature is called the equilibrium vapor pressure 
(see Section 10.8). 


14.2 Chemical Equilibrium 


Equilibrium between two phases of the same substance, such as the system containing 
liquid water and water vapor, is called physical equilibrium because the changes that 
occur are physical processes. The study of physical equilibrium leads to useful infor- 
mation such as the equilibrium vapor pressure. To chemists the dynamic equilibrium 
that takes the form of a chemical reaction is of particular interest. This kind of equilib- 
rium is called chemical equilibrium. 

Let us begin by considering the reversible reaction involving nitrogen dioxide (NO2) 
and dinitrogen tetroxide (N»O,). The progress of the reaction t 


N20,(g) == 2NO,(g) 


14.2. CHEMICAL EQUILIBRIUM 


Concentration 
Concentration 
Concentration 


Time 


(b) 


FIGURE 14.1 Change in the concentrations of NOz and N2O4 with time, in three situations. (a) Initially only NO2 is present. 


(b) Initially only NoO,4 is present. (c) Initially a mixture of NOz and N20, is present. 


can be monitored easily because NO, is a colorless gas, whereas NO has a dark 
brown color {hat makes it sometimes visible in polluted air. Suppose that a known 
amount of NO, is injected into an evacuated flask. Some brown color appears imme- 
diately, indicating the formation of NO» molecules. The color intensifies as the disso- 
ciation of N,Q, continues until eventually equilibrium is reached. Beyond that point, 
no further change in color is observed. By experiment we find that we can also reach 
the equilibrium state by starting with pure NO; or with a mixture of NO) and N2O,. In 
each case, we observe an initial change in color, due either to the formation of NO» (if 
the color intensifies) or to the depletion of NO» (if the color fades), and then the final 
State in which the color of NO no longer changes. Depending on the temperature of 
the reacting system and on the initial amounts of NO, and N>O,, the concentrations of 
NO, and N.O, at equilibrium differ from system to system (Figure 14.1). 

Table 14.) shows some experimental data for this reaction at 25°C. The gas concen- 
trations are expressed in molarity, which can be calculated from the number of moles 
of the gases present initially and at equilibrium and the volume of the flask in liters. 


TABLE 14.1 The NO.—N,0, System at 25°C 


Initial Equilibrium Ratio of 

Concentrations Concentrations Concentrations 

(M) (M) at Equilibrium 

[NO}] [NO2J? 

ee acd ge [N20] IN2Oal 
0.000 0.670 0.0547 (02.643 0.0851 4.65 x 107° 
9.0500 0.446 0.0457 0.448 0.102 4.66 x 10° 
0.0300 0.500 0.0475 0.491 0.0967 4.60 x eT 
0.0400 0.600 0.0523 0.594 0.0880 4.60 x 1 
0.200 0.000 0.0204 0.0898 0.227 4.63 x 10-° 


Time 


(c) 
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Recall that | | means mol/L. 


A more general definition of 
the equilibrium constant is 
given below. 


The terms “reactants” and 
“products” may seem 
confusing in this context, since 
any substance serving as a 
reactant for the forward 
reaction serves also as a 
product for the reverse 
reaction. To avoid semantic 
difficulties, we will simply call 
substances to the right of the 
equilibrium arrows “products” 
and substances to the left of 
the arrows “reactants.” 


Any number 210 is said to be 
much greater than 1 in this 
context. 
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Analysis of the data at equilibrium shows that although the ratio [NO>]/[' 04] gives 
scattered values, the ratio [NO>]*/[N20,4] gives a nearly constant value thai averages 
4.63 X 1073. Because this constant value corresponds to the equilibrium situation, we 
say that the ‘equilibrium constant’’ for the reaction at 25°C is given by 


NO,]? 
= INOW _ 463 x 1073 (14.1) 
[N204] 
Note that the exponent 2 for [NO>] in this expression is the same as the st siometric 
coefficient for NO> in the reversible reaction. 
We can generalize this discussion by considering the following reversib'> reaction: 
GAr+ bE =—="cCs-:aD 
where a, b, c, and dare the stoichiometric coefficients for the reacting spec». A, B, C, 
and D. The equilibrium constant for the reaction at a particular tempera: :-c is 
c}pi! 
= edd (14.2) 
[A}*[B] 
Equation (14.2) is the mathematical form of the Jaw of mass action, first ; ‘posed by 
Cato Guldberg+ and Peter Waage% in 1864. This law relates the concer :rations of 
reactants and products at equilibrium in terms of a quantity called the © wilibrium 
constant. The equilibrium constant is defined by a quotient. The numerator © obtained 
by multiplying together the equilibrium concentrations of the products, ee’ raised to 
a power equal to its stoichiometric coefficient in the balanced equation. !he same 
procedure is applied to the equilibrium concentrations of reactants to ob\»\n the de- 
nominator. The original formulation of this law was based on purely em» rical evi- 
dence, such as the study of reactions like NO:-N 0,4. However, the equi!» ium con- 
stant is a quantity that has its origin in a scientific discipline called thermody \amics, to 
be discussed in Chapter 18. 
The Magnitude of the Equilibrium Constant 
The value of the equilibrium constant depends on the nature of the reaction and on the 
temperature. At constant temperature, we find that the magnitude of K varies greatly 
from one reaction to another. It is of great practical importance to know the value of K 


since it tells us the relative quantities of the reactants and products formed at equilib- 
rium, and hence the yield of the reaction. Let’s consider three cases to get a sense of 
whether reactants or products are favored. 


Case 1: If K is very large compared to 1, as in the following system at 2300°C 


+. [O23 
[03? 


203(g) == 30g) K = 2,54 x 10! 


then an equilibrium mixture of O5 and O; at that temperature will contain very little 03 


Cato Maximilian Guldberg (1836-1902). Norwegian chemist and mathematician. Guldberg’s research was 
mainly in thermodynamics. 7 


Peter Waage (1833-1900). Norwegian chemist. Like that of his coworker, Guldberg, Waage’s research 
was primarily in thermodynamics. 7 


14.3 WAYS OF EXPRESSING EQUILIBRIUM CONSTANTS 


as compare’ 10 O. Thus, if [02] = 0.500 M at equilibrium, then 


(0.500)? 
25456102 
= 4.92 x 10°74 


[03 = 


[O3] = 2.22 x 10°7M 


Case 2; Th: vpposite of case | holds true if K is very small compared to 1. Consider 
the followi: equilibrium system, at 25°C: 
cl? 
Clg) == Cl(g) + Clg) K= ey = 1,4 x 10° 
[Cla] 
Anequilibr’ 1 mixture at this temperature will contain mostly Cl, molecules and very 


few Cl ator. Suppose, for example, the equilibrium concentration of Cl, is 0.76 M. 
Then 


[Cl]? = (0.76)(1.4 x 10738) 
isis ee 


[Cl] = 1.0 x 107° M 


As you cari , the concentration of Cl is very low compared to that of Clo. 

Case 3: If neither very large nor very small compared to 1, then the quantities of 
reactants a! oducts present at equilibrium will be comparable. Consider the follow- 
ing equilib system. At 830°C 

+ HO =—H + CO ( ) K= LHLI[CO2] i 
) 20(g) == Ha(g) (8 [CO][H0] 
If [CO] = )0 M, [HO] = 0.400 M, and [H2] = 0.300 M at equilibrium, then 
5 0.400 
[COs] = £0.200)00.400) 5 19) = 1.36M 
te (0.300) 


14.3 Way. of Expressing Equilibrium Constants 


The concept of equilibrium constants is extremely important in chemistry. As you will 
Soon see, they are the key to solving a wide variety of stoichiometry problems involv- 
ing equilibrium systems. To use equilibrium constants, we must know how to express 
them in terms of the reactant and product concentrations. Our only guidance is the law 
of mass action {Equation (14.2)]. However, because the concentrations of the reactants 
and products can be expressed in several types of units and because the reacting species 
are not always in the same phase, there may be more than one way to express the 
equilibrium constant for the same reaction. To begin with, we will consider reactions in 
Which the reactants and products are in the same phase. Then we will look at another 


{ype of equilibrium reaction. 


Homogeneous Equilibria 
reactions in which all reacting species 


The term h ilibri lies to 
amogenaaus eqail a gas-phase equilibrium is the 


are in the same phase. An example of homogencous 


Any number <0.1 is considered 
much smaller than 1. 


580 


14 / CHEMICAL EQUILIBRIUM 


dissociation of N>O4. The equilibrium constant, as given in Equation (14.1), is 

ae [NO2]? 

* — [N2Os] 
Note that the subscript we have added in K, denotes that in this form of the equilibrium 
constant the concentrations of the reacting species are expressed in moles per liter. The 
concentrations of reactants and products in gaseous reactions can also be expressed in 
terms of their partial pressures. From Equation (5.7) we see that at constent tempera- 
ture the pressure P of a gas is directly related to the concentration in mol/!. of the gas, . 
that is, P = (n/V)RT. Thus, for the equilibrium process 
N20,(g) == 2NO2(g) 


we can write 


Pz, 
Kp=— (14.3) 
Py,o, 
where Pyo, and Py,o, are the equilibrium partial pressures of NO, and NOx, respec- 


tively. The subscript in Kp tells us that equilibrium concentrations are © pressed in 
terms of pressure. 

In general, K, is not equal to Kp, since the partial pressures of reactan!s and prod- 
ucts are not equal to their concentrations expressed in moles per liter. A simple rela- 
tionship between Kp and K, can be derived as follows. Let us consider the following 
equilibrium in the gas phase: 


aA(g) == bB(g) 


where a and b are stoichiometric coefficients. The equilibrium constant 4. is given by 


(By? 
<= 
[A]? 
and the expression for Kp is 
pe 
Kp=— 
PA 
where P, and Py are the partial pressures of A and B. Assuming ideal gas behavior 
PaV = ngRT 
RT 
py, ae 
Vv 


where V is the volume of the container in liters. Also 
PyV = ngRT 


ngRT 
Vv 


B= 


Substituting these relations into the expression for Kp, we obtain 


ey te) 
= ——__ = ( b-a 


ar ey 


14.3 WAYS OF EXPRESSING EQUILIBRIUM CONSTANTS 


Now both 7,/V and ng/V have the units of mol/L and can be replaced by [A] and [B], 
so that 
Ke = [B)? RD” 
ies 
= KART)" 


(14.4) 
where 

An=b-a 
= moles of gaseous products — moles of gaseous reactants 


Since pressures are usually expressed in atm, the gas constant R is given by 
0.0821 L +: atm/K + mol (see Appendix 2), and we can write the relationship between 
Kp and K, 

Kp = K(0.0821 T)*" (14.5) 
In general K, # K. except in the special case when An = 0. In that case Equation 
(14.5) can be written as 

Kp = K(0.0821 T)° 

— kK, 
As another example of homogeneous equilibrium, let’s consider the ionization of 

acetic acid (CH,COOH) in water: 


CH,COOH(aq) + H,O0(l) == CH3COO (aq) + H;0*(aq) 

The equilibrium constant is 

| _ (CH;COO™}[H30"] 

“~~ [CH;COOH][H20] 
However, when the acid concentration is low (S1 M) and the equilibrium constant is 
small (<1), as it is in this case, the amount of water consumed in this process is 
negligible compared to the total amount of water present. Thus we may treat [HO] as 
a constant and rewrite the equilibrium constant as 

_ (CH:COO"IH:0"] 

°" [CH;COOH] 

where 
K, = Ki{H0] 


ude units for the equilibrium constant. We 


Note that it is general practice not to incl | 
ria (to be discussed in Chapter 16) and to 


will extend this practice to acid—base equilib: 
Solubility equilibria (to be discussed in Chapter 17). > ae 

The following examples illustrate the procedure for writing equilibrium constant 
expressions and calculating equilibrium constants and equilibrium concentrations. 


Juss SERS 


EXAMPLE 14.1 


Write expressions for K., and Kp if applicable, 
equilibrium: 


for the following reversible reactions at 


To use this equation, the 
pressures in Kp must be in 
atm. 


Any number raised to the zero 
power is equal to 1. 


In 1 liter, or 1000 g, of water 
there are 1000 9/(18.02 g/mol) 
or 55.5 moles of water. 
Therefore, the “concentration” 
of water, or [H,O], is 55.5 
moWV/L or 55.5 M. This value 
can be used for water in most 
aqueous solutions. 
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(a) HF(aq) + H»O(/) == H30* (aq) + F (aq) 

(b) 2NO(g) + O2(g) == 2NO>(g) 

(c) 2H2S(g) + 302(g) == 2H20(g) + 2SO02(g) 

(4) CHyCOOC3Hs(aq) + H20() == CH;COOH(aq) + C2HsOH(aq) 


Answer 


(a) Since there are no gases present, Kp does not apply and we have only 


,_ (07 )F 
* — [HFI(H,0) 
The amount of water consumed in acid ionizations is negligible compared ie total 
amount of water present as solvent, so we can rewrite the equilibrium con as 
_ (H,0* IF] 
; (HF) 
NO}? PX 
(b) Koa kp 
[NO}'[02] PxoPo, 
[HO}*[SO2]? Pi,oP So, 
(c) Ko > aoa ee eae 
[H2S}*[O2] Pi,sP0, 
(d) The equilibrium constant K; is given by 
, _ [(CH;COOH][C,HsOH] 
* [CH3;COOC>Hs]{H20] 
Because the water produced in the reaction is negligible compared to the wa’ solvent, 
the concentration of water does not change. Thus we can write the new librium 
constant as 
[CH;COOH][C,H;OH] 


c 


[CH3;COOC>Hs] 


Similar problems: 14.7, 14.9. 


ee 

EXAMPLE 14.2 

The following equilibrium process has been studied at 230°C: 
2NO(g) + O2(g) == 2NO,(g) 


In one experiment the concentrations of the reacting species at equilibrium are found to be 
[NO] = 0.0542 M, [O2] = 0.127 M, and [NO>] = 15.5 M. Calculate the equilibrium 
constant (K.) of the reaction at this temperature. 


Answer 


The equilibrium constant is given by 


14.3 WAYS OF EXPRESSING EQUILIBRIUM CONSTANTS 


__(NO,P 
[NO}[02] 


Cc 


Substitu! the concentrations, we find that 


= (15.5)? 
(0.0542)7(0.127) 


= 6.44 x 10° 


Cc 
Note ths is given without units. 


Similar 5 om: 14,13. 


= 
EXAM! 14.3 
The equ um constant Kp for the reaction 
PCls(g) == PCla(g) + Cla(g) 
is foun: e 1.05 at 250°C. If the equilibrium partial pressures of PCl; and PCI, are 
0.875 at id 0.463 atm, respectively, what is the equilibrium partial pressure of Cl, at 
250°C? 
Answe) 
First, w ‘¢ Kp in terms of the partial pressures of the reacting species. 
pte Peci,Peor, 
Precis 
Knowin partial pressures, we write 
_ (0.463)Par,) 
(0.875) 
or 


Ke (1.05)(0.875) 


= = 1.98 atm 
Per, (0.463) 


Note that we have added atm as the unit for Pci,. 


Similar problem: 14.16. 
eo 


EXAMPLE 14.4 


The equilibrium constant (K) for the reaction 


N,0,(g) == 2NO2(8) 
is 4.63 x 1073 at 25°C. What is the value of Kp at this temperature? 
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Answer 


From Equation (14.5) we write 
Kp = K(0.0821 T)*" 
Since T = 298 K and An = 2 — 1 = 1, we have 


Kp = (4.63 x 107 )(0.0821 x 298) 
=0:113 


Note that Kp, like K., is treated as a dimensionless quantity. This example shows that we 
can get quite a different value for the equilibrium constant for the same reaction, depend- 
ing on whether we express the concentrations in moles per liter or in atmospheres, 


Similar problems: 14.14, 14.17. 


Heterogeneous Equilibria 


A reversible reaction involving reactants and products that are in different phases 
leads to a heterogeneous equilibrium. For example, when calcium carbonate is heated 
in a closed vessel, the following equilibrium is attained: 


CaCO3(s) == CaO0(s) + CO,(g) 


The two solids and one gas constitute three separate phases. At equilibrium, we might 
expect the equilibrium constant to be 


xi = [eadllcon) 


6 
[CaCO3] oe 


But how do we express the concentration of a solid substance? Because both CaCO; 
and CaO are pure solids, their ‘‘concentrations”’ do not change as the reaction pro- 
ceeds. This follows from the fact that the molar concentration of a pure solid (or a pure 
liquid) is a constant at a given temperature; it does not depend on the quantity of the 
substance present. For example, the molar concentration at 20°C of copper (density: 
8.96 g/cm’) is the same, whether we have 1 gram or | ton of the metal: 


8.96 g z 1 mol 


= 0.141 = 
ra 63.55 g mol/em: 141 mol/L 


From the above discussion We can express the equilibrium constant for the decom- 
Position of CaCOs in a different way. Rearranging Equation (14.6), we obtain 
[CaCO3] 


fi 4.7 


Since both [CaCO3] and [CaO] are constants and K¢ is an equilibrium constant, all the 
terms on the left-hand side of the equation are constants. We can simplify the equation 
by writing 


[CaCOs) 
(G20) 


14.3 WAYS OF EXPRESSING EQUILIBRIUM CONSTANTS 985 


FIGURE 14.2 Regardless of the amount of CaCO; and CaO present, the equilibrium pressure of CO is the same in (a) and (b) at 
the same temperature. 


where K., the ‘‘new’’ equilibrium constant, is now conveniently expressed in terms of 
a single concentration, that of CO5. Keep in mind that the value of K, does not depend 
on how much CaCO; and CaO are present, as long as some of each is present at 
equilibrium (Figure 14.2). 
Alternatively, we can express the equilibrium constant as 

Kp = Po, (14.8) 
The equilibrium constant in this case is numerically equal to the pressure of the CO, 
gas, an easily measurable quantity. 

What has been said about pure solids also applies to liquids. Thus if a pure liquid is 
areactant or a product in a reaction, we can treat its concentration as constant and omit 
it from the equilibrium constant expression. 

Reactions involving heterogeneous equilibria are shown in the following examples. 


| 
EXAMPLE 14.5 


Write the equilibrium constant expression Ke, and Kp if applicable, 
ing heterogeneous systems: 

(a) (NH4)2Se(s) == 2NH3(g) + HoSe(g) 

(b) AgCl(s) == Ag*(aq) + Cl (aq) 

(c) Pa(s) + 6CL(g) == 4PC1L()) 


for each of the follow- 


Answer 


(a) The equilibrium constant is given by 
© {(NH,)2Se] 
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However, since (NH,),Se is a solid, we write the new equilibrium constant 
K, = [NH3}"[H2Se] 


where K, = Ki[(NH4)2Se]. Alternatively, we can express the equilibrium co; it Kp in 
terms of the partial pressures of NH3 and HSe: 


Kp = Pru Puyse 
Ag*][Cl” 
b) Ki= [Ag*]ICl] 
[AgCl] 
K. = [Ag*}[Cl] 


Again, we have incorporated [AgCl] into K, because AgCl is a solid. 
(c) The equilibrium constant is 


__ [PCI 
[PalfChaI° 


' 
c 


Since pure solids and pure liquids do not appear in the equilibrium constant »ssion, 
we write 
aed 
{Chl° 
Alternatively, we can express the equilibrium constant in terms of the press. of Cl: 


1 


Slips 
Pa, 


Kp 


Similar problems: 14.8, 14.9(d), (f), (g). 


LES ET 


EXAMPLE 14.6 
Consider the following heterogeneous equilibrium: 
CaCO3(s) == CaO(s) + CO2(g) 


At 800°C, the pressure of CO, is 0.236 atm. Calculate (a) Kp and (b) K, for the reaction at 
this temperature. 


Answer 


(a) Using Equation (14.8), we write 
Kp = Pco, 
= 0.236 
(b) From Equation (14.5), we know 


Kp = K(0.0821 T)*” 


14.3 WAYS OF EXPRESSING EQUILIBRIUM CONSTANTS 


T = 800 « 273 = 1073 K and An = 1, so we substitute these in the equation and obtain 
0.236 = K.(0.0821 x 1073) 
K, = 2.68 x 107° 

Similar | iem: 14,18. 
Multiple © juilibria 
The reactio... we have considered so far are all relatively simple. Let us now consider a 
more comp \ied situation in which the product molecules in one equilibrium system 
are involve: i a second equilibrium process: 


VW al oe — (tel) 
Cer Diese 


The produc »rmed in the first reaction, C and D, react further to form products E and 
F, At equi!’ ‘um we can write two separate equilibrium constants: 
aes [C][D] 
* [ALB] 
and 
ane [E][F] 
* [CID] 
The overal! action is given by the sum of the two reactions 


A+B==C+D kK; 
C+D =—Et+F Kt 


overall reaction: A+B == E+F K, 


and the equilibrium constant K, for the overall reaction is 
_ EF) 
* [ANB] 


We obtain this same expression if we take the product of the expressions for Ki and K¢: 


_ (CHD) | (ENF) _ (ENF 


' 


KOT AyB) (CID) (ANB) 


Therefore we arrive at 
see (14.9) 


We can now make an important statement about multiple equilibria: If a reaction can 
be expressed as the sum of two or more reactions, the equilibrium constant for the 
quilibrium constants of the individual 


overall reaction is given by the product of the é 
reactions, 


Among the many known examples of multiple equilibria is the ionization of diprotic 
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acids in aqueous solution. The following equilibrium constants have been determined 
for carbonic acid (H2CO3) at 25°C: 


_ [H*THCO3] 


== H* > Ki =4.2 x 1077 
H,CO;(aq) == H* (aq) + HCO; (aq) [H,CO3] 
iCOz ==> Ht + CO3 (aq) Kt= (AT ICOs") = 4.8 x 107! 
— a i eer ee OS 
HCO3 (aq) (aq) 3 (aq (HCO; ] 


The overall reaction is the sum of these two reactions 
H>CO3(aq) == 2H*(aq) + COZ (aq) 


and the corresponding equilibrium constant is given by 


_ [H*PICOs] 
“—— [H,COs] 
Using Equation (14.9) we arrive at 
K. = K:K¢ 
= (4.2 x 1077)(4.8 x 107!) 
= 2,0°X 10ee" 


The Form of K and the Equilibrium Equation 


Before closing this section, we should note the two following important rules about 
writing equilibrium constants: 


@ When the equation for a reversible reaction is written in the opposite direction, 
the equilibrium constant becomes the reciprocal of the original equilibrium con- 
stant. Thus if we write the NO.—N>O, equilibrium as 


N2O,4(g) == 2NO,(g) 
then 
NO,}* 
K= [NO>] 
[N204] 


However, we can represent the equilibrium equally well as 


= 4.63 x 1073 


2NO2(g) == N204(g) 


and the equilibrium constant is now given by 


,_ (N20) 1 1 
Ki= 5 = = ———_— = 216 
(NO,]> K. 4.63 x 1073 

You can see that K. = 1/K; or K.Ki = 1.00. Either K, or K! is a valid equilib- 
rium constant, but it is meaningless to say that the equilibrium constant for the 
NO,—N,20, system is 4.63 x 107 or 216, unless we also specify how the equ 
librium equation is written. 

e The value of K also depends on how the equilibrium equation is balanced. Con 
sider the following two ways of describing the same equilibrium: 


14.3 WAYS OF EXPRESSING EQUILIBRIUM CONSTANTS 


2N20,(g) == NO(g) Ki = INO>| 
[N24]? 

2 

N,04(g) == 2NOXg)  K, = INO] 
[N204] 


Looking at the exponents we see that K! = VK.. In Table 14.1 we find K, = 
4.63 * 1074; therefore K! = 0.0680. 

According to the law of mass action, each concentration term in the equilib- 
rium constant expression is raised to a power equal to its stoichiometric coeffi- 
cient. Thus if you double a chemical equation throughout, the corresponding 
equilibrium constant will be the square of the original value; if you triple the 


equation, the equilibrium constant will be the cube of the original value, and so 
on. The NO-NO, example illustrates once again the need to write the particu- 
lar chemical equation when quoting the numerical value of an equilibrium con- 
stant 


The following example deals with the relationship between the equilibrium con- 
stants for differently balanced equations describing the same reaction. 


me re I 
EXAMP!. i 14.7 
The reaction for the production of ammonia can be written in a number of ways: 


(a) No(g) ‘> 3H2(g) == 2NH;3(g) 
(b) 4N2(2) + $Ho(g) == NH3(g) 
(c) 3No(g) + H2(g) == §NH,(g) 


Write the <suilibrium constant expression for each formulation. (Express the concentra- 
tions of the reacting species in mol/L.) 
(d) How ave the equilibrium constants related to one another? 


Answer 

os Ppa 
“~~ [Nol[Ho}? 

[NH3] 

> Ko = TN aHHoI 

© i __INHS) 
© [No] [Ho] 

(@) K, = K 


Similar problems: 14.15, 14.22. 
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Summary of the Rules for Writing Equilibrium Constant 
Expressions 


© The concentrations of the reacting species in the condensed phase «* 


in mol/L; in the gaseous phase, the concentrations can be expressex 
in atm. K, is related to Kp by a simple equation [Equation (14.5 

© The concentrations of pure solids, pure liquids, and solvents do not 
equilibrium constant expressions. 

® The equilibrium constant (K. or Kp) is treated as a dimension! 

® In quoting a value for the equilibrium constant, we must specify 
equation and the temperature. 

@ If a reaction can be expressed as the sum of two or more reactions 
rium constant for the overall reaction is given by the product of th: 
constants of the individual reactions. 


14.4 Relationship Between Chemical Kinetics and ( 
Equilibrium 


We have seen that the quantity K, defined in Equation (14.2), is always 
given temperature regardless of the variations in individual equilibrium 
(review Table 14.1). It is appropriate to ask why this is so. The answer at 
the equilibrium process can be gained by considering the kinetics of cl 
tions. 

Let us suppose that the following reversible reaction occurs via a me: 
sisting of a single elementary step (see p. 552) in both the forward and 1 
tions: 


A+2B =& AB; 


The forward rate is given by 

rater = k,[A][B]}? 
and the reverse rate is given by 

rate, = k,[AB>] 


where k, and k, are the rate constants for the forward and reverse directions 
rium, when no net changes occur, the two rates must be equal: 


rater = rate, 
or 
kA AJB]? = k,[ABo] 


ky [ABDI 
k,  [AIBP 


expressed 
1 mol/L or 


ear in the 


quantity. 
balanced 


© equilib- 
juilibrium 


nical 


stant at a 
entrations 
sight into 
‘ical reac- 


\ism con- 
rse direc- 


_ At equilib- 


Since both k; and k, are constants at a given temperature, their ratio is also a constant, 


and equal to the equilibrium constant K,. 


ze [AB] 
“TAB 


14.5 WHAT DOES THE EQUILIBRIUM CONSTANT TELL US? 


We can now understand why K is always a constant regardless of the equilibrium 
concentrations of the reacting species: It is always equal to kj/k,, the quotient of two 
quantities (=o! are themselves constant at a given temperature. Because rate constants 
are tempera'cire dependent [see Equation (13.8)], it follows that the equilibrium con- 
stant must © o change with temperature. 

Now su; ose the same reaction has a mechanism with more than one elementary 


step. Supp it occurs via a two-step mechanism as follows: 
Step 1: pes Bo 
ky 
Step 2: A+B, = AB» 
Overall re mn: A+ 2B == AB, 
This is an mple of multiple equilibria, discussed in Section 14.3. We write the 
expressions the equilibrium constants: 
kt Bo 
oinge al (14.10) 
kt [BP 
f AB 
yen ews (14.11) 
ke [AJ[Bo] 
Multiplying juation (14.10) by Equation (14.11), we get 
B>][AB2 [AB] 
Ki 
[BPTA][B2] — [A][B] 
_ _[ABz] 
* (AJB? 
Since both / and K" are constants, K; is also a constant. This result lets us generalize 


our treatmes: of the reaction 


aA + bB == cC+dD 


Regardless ©’ whether this reaction occurs via a single-step or a multistep mechanism, 
We can write the equilibrium constant expression according to the law of mass action 
shown in Equation (14.2): 
_ (c(by" 
TAB 
In summary, we see that from the chemical kinetics viewpoint, the equilibrium 
constant of a reaction can be expressed as a ratio of the rate constants of the forward 
and reverse reactions. This analysis explains why the equilibrium constant is a constant 
and why its value changes with temperature. 


14.5 What Does the Equilibrium Constant Tell Us? 
ra given reaction can be calculated from 


know the value of the equilibrium con- 
uilibrium concentrations— 


We have seen that the equilibrium constant fo 
known equilibrium concentrations. Once we 
Stant, we can use Equation (14.2) to calculate unknown eq 
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remembering, of course, that the equilibrium constant is constant only if the tempera- 
ture does not change. In general, the equilibrium constant helps us to predict the 
direction in which a reaction mixture will proceed to achieve equilibrium and to calcu- 
late the concentrations of reactants and products once equilibrium has been reached, 
These uses of the equilibrium constant will be explored in this section, 


Predicting the Direction of a Reaction 


The equilibrium constant K, for the reaction 
H,(g) + 12(g) —— 2HI(g) 


is 54.3 at 430°C. Suppose that in a certain experiment we place 0.243 mole of Hp, 
0.146 mole of Ip, and 1.98 mole of HI all ina 1 L container at 430°C. Will there bea 
net reaction to form more H) and I, or more HI? Inserting the starting concentrations in 
the equilibrium constant expression, we write 


(HI? (1.98) 
[Ha]oll2}o  (0.243)(0.146) 


where the subscript , indicates initial concentrations. Because the quotient [HI]2/ 
({Ho]o[Io], is greater than K,, this system is not at equilibrium. Consequently, some of 
the HI will react to form more Hz and I, (decreasing the value of the quotient). Thus the 
net reaction proceeds from right to left to reach equilibrium. 

Substituting the initial concentrations into the equilibrium constant expression gives 
us a quantity called the reaction quotient (Q,). To determine in which direction a 
reaction will proceed to achieve equilibrium, we compare the values of Q. and K.. The 
three possible cases are as follows: 


® Q.>K,_ The ratio of initial concentrations of products to reactants is too large. 
To reach equilibrium, products must be converted to reactants. The 
system proceeds from right to left (consuming products, forming reac- 
tants) to reach equilibrium. 

® Q.=K, The initial concentrations are equilibrium concentrations. The system 
is at equilibrium. 

@ Q.<K,. The ratio of initial concentrations of products to reactants is too small. 
To reach equilibrium, reactants must be converted to products. The 
system proceeds from left to right (consuming reactants, forming 
products) to reach equilibrium. 


A comparison of K. with Q, for a reaction is shown in the following example. 


EXAMPLE 14.8 


At the start of a reaction, there are 0.249 mol N>, 3.21 x 10-2 mol Ho, and 6.42 x 


10~* mol NH; in a 3.50 L reaction vessel at 200°C. If the equilibrium constant (K.) for 
the reaction : : 


No(g) + 3Ho(g) == 2NHy(e) 


14.5 WHAT DOES THE EQUILIBRIUM CONSTANT TELL US? 


is 0.65 at this temperature, decide whether the system is at equilibrium. If it is not, predict 
which way the net reaction will proceed. 


Answer 


The initial concentrations of the reacting species are: 


0.249 mol 


No], = ——— = 0.071 
Nelo Feat sat 
3.21 x 10°? mol 
H2], = ————— = 9.17 x 1077 
[Holo BI 103M 
6.42 x 107* mol 
[NH3]5 Sse SL 
3.50 L 
Next we write 
[NH33 (1.83 x 10-4? 


Sd eS SS 

[NolofH2]3  (0.0711)(9.17 x 1073) 2 

Since Q, is smaller than K, (0.65), the system is not at equilibrium. The net result will be 
an increase in the concentration of NH; and a decrease in the concentrations of N> and H>. 
That is, the net reaction will proceed from left to right until equilibrium is reached. 


Similar problems: 14.38, 14.40. 


gs UE 


Calculating Equilibrium Concentrations 


If we know the equilibrium constant for a particular reaction, we can calculate the 
concentrations in the equilibrium mixture from a knowledge of the initial concentra- 
tions. Depending on the information given, the calculation may be straightforward or 
complex, In the most common situation only the inittal reactant concentrations are 
given. In solving equilibrium constant problems, we begin with the balanced equation 
for the reaction and then follow three basic steps: 


1. Express the equilibrium concentrations of all species in terms of the initial concen- 


trations and, a single unknown, which we call x. fb). 
2. Write the equilibrium constant expression in terms of the equilibrium concentra- 


tions. Knowing the value of the equilibrium constant, solve for x. 
3. Having solved for x, calculate the equilibrium concentrations of all species. 


The following examples illustrate the application of this approach. 


EXAMPLE 14.9 


The equilibrium constant K; is 24.0 for the reaction A 
Suppose that A is initially present at a concentration o! 
centrations of both A and B at equilibrium at this tempe 


== B at a’certain temperature. 
f 0.850 mol/L. Calculate the con- 
rature. 
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Answer 


Step 1 


At equilibrium, some of the A molecules will be converted to the B molecule 
stoichiometry of the reaction we see that 1 mol A = 1 mol B. Let x be the 
concentration of B in mol/L; therefore the equilibrium concentration of 
(0.850 — x) mol/L. We can now summarize the changes in concentrations 


A — 
Initial: 0.850 M OM 
Change: —-xM +xM 


Equilibrium: (0.850 — x) M xM 


A positive (+) change represents an increase and a negative (—) chang 
decrease in concentration at equilibrium. 


Step 2 


24.0 = ———— 
0.850 — x 


x = 0.816 M 
Step 3 
At equilibrium 
[A] = (0.850 — 0.816) M = 0.034 M 
[B] = 0.816 M 


Similar problem: 14.44, 
saa sles Se SU a a 


‘rom the 


librium 
nust be 
ollows: 


cates a 


EXAMPLE 14.10 


Answer 


Step 1 


A set of 0.500 mol H> and 0.500 mol I, was placed in a 1.00 L stainless stee! flask at 
430°C. Calculate the concentrations of Hp, In, and HI at equilibrium. The equilibrium 
constant K, for the reaction H2(g) + In(g) === 2HI(g) is 54.3 at this temperature. 


—, 


The stoichiometry of the reaction is 1 mol H) reacting with 1 mol I, to yield 2 mol HI. Let 
x be the depletion in concentration (mol/L) of either Hy or I, at equilibrium. It follows that 


the equilibrium concentration of HI must be 2x. We summarize the changes in concentra- 
tions as follows: 


14.5 WHAT DOES THE EQUILIBRIUM CONSTANT TELL US? 


Hy + L == 2H 
initial: 0.500 M 0.500 M 0.000 M 
Change: —xM —xM +2x M 
Equilibrium: (0.500 -—x)M (0.500 —x) M 2x M 
Step 2 
The eo orium constant is given by 
__ {HIP 
° [Fblth) 
Substi 
2x)? 
43 = 0500 Se -x) 
Taking quare root of both sides, we get 
7.37 = Page 
x = 0.393 M 
Step 3 
At equ um, the concentrations are 
(H>] = (0.500 — 0.393) M = 0.107 M 
[I] = (0.500 — 0.393) M = 0.107 M 
[HI] = 2 x 0.393 M = 0.786 M 
Similar viem: 14.49, 


EXAM! <. 14.11 


For the ne reaction and temperature as in Example 14.10, suppose that the initial 
concentr=:‘ons of Hs, Ih, and HI are 0.00623 M, 0.00414 M, and 0.0224 M, respectively. 


Calcula’= ‘he concentrations of these species at equilibrium. 


Answer 


Step 1 


Let x be the depletion in concentration (mol/L) for Hz and Ip at equilibrium. From the 
stoichiometry of the reaction it follows that the increase in concentration for HI must be 


2x. Next we write 


Hp + 8) = 2HI 
Initial: 0.00623 M 0.00414 M : etd 
Change: -xM —xM 


Equilibrium: (0.00623 — 2) MM @.00414 = x) M_ | =; (010224 + 2x) M 


Following the procedure in 
Example 14.8, convince 
yourself that the initial 
concentrations do not 
correspond to the equilibrium 
concentrations. 
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Using the initial concentrations 
you can calculate Q, and 
predict which species will 
increase and which species will 
decrease in concentration at 
equilibrium. 
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Step 2 
The equilibrium constant is 
(HI)? 
° © [olf] 


Substituting 


(0.0224 + 2x)? 
~ (0.00623 — x)(0.00414 — x) 


54.3 


It is not possible to solve this equation by the square root shortcut, as the starting concen- 
trations [H>] and [I,] are unequal. Instead, we must first reduce the equation to » “wadratic 
expression of the form ax + bx + ¢ = 0: 


50.3x2 — 0.653x + 8.98 x 10-4 =0 


The solution for a quadratic equation (see Appendix 4) is 


* —b + Vb? = 4ac 
2a 


x 


Here we have a = 50.3, b = —0.653, and c = 8.98 X 10™%, so that 


0.653 + V(—0.653)" — 4(50.3)(8.98 x 10° *) 
ee ee eee eee 
2 X 50.3 


x=0.0114M or x=0.00156M 


The first solution is physically impossible since the amounts of H> and I, reacted would be 
more than those originally present. The second solution gives the correct answr. Note 
that in solving quadratic equations of this type, one answer is always physically | mpossi- 
ble, so the choice of which value to use for x is easy to make. 


Step 3 
At equilibrium, the concentrations are 
[Hz] = (0.00623 — 0.00156) M = 0.00467 M 
[I] = (0.00414 — 0.00156) M = 0.00258 M 
({HI] = (0.0224 + 2 x 0.00156) M = 0.0255 M 


Similar problem: 14.50. 


Examples 14.9-14.11 show that we can calculate the concentrations of all the 
reacting species at equilibrium if we know the equilibrium constant and the initial 
concentrations. This information is of great value for estimating the yield of a reaction. 
For example, if the reaction between Hp and I, to form HI were to go to completion, 
the number of moles of HI formed in Example 14.10 would be 2 x 0.500 mol, of 
1.00 mol. However, because of the equilibrium process, the actual amount of HI 
formed can be no more than 2 x 0.393 mol, or 0.786 mol, a 78.6 percent yield. 


14.6 FACTORS THAT AFFECT CHEMICAL EQUILIBRIUM 
14.6 Factors that Affect Chemical Equilibrium 


Chemical equilibrium represents a balance between forward and reverse reactions. In 
most cases, this balance is quite delicate. Changes in experimental conditions may 
disturb the balance and shift the equilibrium position so that more or less of the desired 
product is formed. At our disposal are the following experimentally controllable varia- 
bles: concentration, pressure, volume, and temperature. Here we will examine how 
each of these variables affects a reacting system at equilibrium. In addition, we will 
examine the effect of a catalyst on equilibrium. 


Le Chatelier’s Principle 


There is a general rule that helps predict the direction in which an equilibrium reaction 
will move when a change in concentration, pressure, volume, or temperature occurs. 
The rule, known as Le Chatelier’s? principle, states that if an external stress is applied 
to a system at equilibrium, the system adjusts itself in such a way that the stress is 
partially offset. The word ‘‘stress’’ here means a change in concentration, pressure, 
volume, or temperature that removes a system from the equilibrium state. We will use 
Le Chatelier’s principle to assess the effects of such changes. 


Changes in Concentrations 


Iron(III) thiocyanate [Fe(SCN)3] dissolves readily in water to give a solution of red 
color due to the presence of FeSCN?* ion. The equilibrium between undissociated 
FeSCN?* and the Fe** and SCN™ ions is given by 


FeSCN?*(aq) === Fe**(aqg) + SCN (aq) 
red pale yellow _ colorless 


What would happen if we were to add some sodium thiocyanate (NaSCN) to this 
solution? In this case, the stress applied to the equilibrium system is an increase in the 
concentration of SCN~ (from the dissociation of NaSCN). To offset this stress, some 
Fe3* jons react with the added SCN~ ions, and the equilibrium shifts from right to left: 


FeSCN2*(aq) <— Fe**(ag) + SCN (aq) 


Consequently, the red color of the solution deepens (Figure 14.3). Similarly, if we 
added iron(III) nitrate [Fe(NO3)3] to the original solution, the red color would also 
deepen because the additional Fe** ions [from Fe(NO3)3] would shift the equilibrium 
from right to left. 

Now suppose we add some oxalic acid (H:C204) 
acid ionizes in water to form the oxalate ion, C:04 
ions. The formation of the stable yellow ion Fe(C;04)s 


to the original solution. Oxalic 
which binds strongly to the Fe** 
— removes free Fe** ions in 


emist. Le Chatelier did work on metallurgy, cements, 


tH ; ateli ) 
Sa? Wouls Le Chitelier ee neo he was also noted for his skills in industrial manage- 


glasses, fuels, and explosives. Although a scientist, 
ment. 
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When we say that an 
equilibrium position shifts to 
the right, for example, we 
mean that the net reaction is 
now from left to right. 


Both Na* and NO, ¢ 
colorless spectator ions, 


Oxalic acid is sometimes used 
to remove bathtub rings that 
consist of rust, or Fe,0;. 
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FIGURE 14.3 Effect of con- 
centration change on the position 
of equilibrium. (a) An aqueous 
Fe(SCN)3 solution. The color of 
the solution is due to both the red 
FeSCN** and yellow Fe** spe- 
cies. (b) After the addition of 
some NaSCN to the solution in 
(a). (c) After the addition of some 
Fe(NO3)3 to the solution in (a). 
(d) After the addition of some 
H>C204 to the solution in (a). 
The yellow color is due to the 
Fe(C,04)}_ ions. 


(a) (b) (c) (d) 


solution. Consequently, more FeSCN** units dissociate and the equi!: “um shifts 
from left to right: 


FeSCN?* (aq) ——> Fe**(aq) + SCN (aq) 


The red solution will turn yellow due to the formation of Fe(C0,)3 


Since Le Chatelier’s principle This experiment demonstrates that at equilibrium all reactants and ducts are 
simply summarizes the present in the reacting system. Second, increasing the concentrations 0! products 
psn lac ceed itis (Fe** or SCN”) shifts the equilibrium to the left, and decreasing the con: « otration of 
incorrect to say that a given the product Fe** shifts the equilibrium to the right. These results are just © predicted 
equilibrium shift occurs by Le Chatelier’s principle. 

eticinin Ls The effect of change in concentration on the equilibrium position is wn in the 


following example. 


EXAMPLE 14.12 
At 350°C, the equilibrium constant K. for the reaction 


No(g) + 3H2(g) === 2NH;(g) 


is 2.37 x 10°. In a certain experiment, the equilibrium concentrations are [No] = 
0.683 M, [Ho] = 8.80 M, and [NH3] = 1.05 M. Suppose some of the NH; is added to the 
mixture so that its concentration is increased to 3.65 M. (a) Use Le Chatelier’s principle to 
predict the direction that the net reaction will shift to reach a new equilibrium. (b) Confirm 
your prediction by calculating the reaction quotient Q. and comparing its value with Ke. 


Answer 


(a) The stress applied to the system is the addition of NH3. To offset this stress, some NHs 


reacts to produce N> and Hp, until a new equilibrium is established. The net reaction 
therefore shifts from right to left; that is, ; 


Na(g) + 3H,(g) —— 2NH4(g) 


14.6 FACTORS THAT AFFECT CHEMICAL EQUILIBRIUM 


(b) At the instant when some of 


d, the system is no longer at equilibrium. 
The reac on quotient is given b mn 


Since th value is greater than 2.37 > 


Q. equais K.. t % 
Figu’ | 4.4 shows qualitatively the ch 


Final 
equilibrium 


Concentration 


FIGURE 14.4 Changes in co 


INH; after the addition of NH; to 
the equilibrium mixture. Fed be 
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Changes in Volume and Pressure 


Changes in pressure ordinarily do not affect the concentrations of reacting species in 
condensed phases (say, in an aqueous solution) because liquids and solids are virtually 
incompressible. On the other hand, concentrations of gases are greatly affected by 
changes in pressure. Let us look again at Equation (5.7): 


PV = nRT 
n 
P= (“Jer 
Vv 


Thus P and V are related to each other inversely: The greater the pressure, the smaller 
is the volume, and vice versa. Note, too, that the term (n/V) is the concentration of the 
gas in mol/L. 

Suppose that the equilibrium system 


N20,4(g) == 2NO2(g) 


is in a cylinder fitted with a movable piston, at some constant temperature (Figure 
14.5). What happens if we increase the pressure on the gases by pushing down on the 


FIGURE 14.5. Effect of pressure on the equilibrium between N04 and NO> at a fixed temperature. 


N204(g) === 2NO>(g) 
colorless brown 


(a) The initial equilibrium. (b) When the pressure on the system is increased (and its volume decreased), the color becomes lighter 
indicating a shift from right to left. (c) When the pressure on the system is decreased (and its volume increased), the color darkens. In 
this case, the equilibrium has shifted from left to right. Note that the equilibrium constant is the same in all three cases. 


14.6 FACTORS THAT AFFECT CHEMICAL EQUILIBRIUM . 


piston? Since the volume decreases, the concentration (n/V) of both NO, and NO, 
increases. The system is no longer at equilibrium, so we write 


_ (NO. 
*— INsO4]o 


Because the concentration of NO3 is squared, the increase in pressure will increase the 
numerator more than the denominator. Thus Q, > K,, and the net reaction will shift to 
the left until Q. = K.. Conversely, a decrease in pressure (increase in volume) would 
result in QO. < K.; the net reaction would shift to the right until Q, = Ke. 

In general, an increase in pressure (decrease in volume) favors the net reaction that 
decreases the total number of moles of gases (the reverse reaction, in this case), and a 
decrease in pressure (increase in volume) favors the net reaction that increases the total 
number of moles of gases (here, the forward reaction). For reactions in which there is 
no change in the number of moles of gases, a pressure (or volume) change has no effect 
on the position of equilibrium. 

Note that it is possible to change the pressure of a system without changing its 
volume. Suppose the NO,—N>O, system is contained in a stainless steel vessel whose 
volume is constant. We can increase the total pressure in the vessel by adding an inert 
gas (helium, for example) to the equilibrium system. Adding helium to the equilibrium 
mixture al constant volume increases the total gas pressure and decreases the mole 
fractions of both NO, and NOx; but the partial pressure of each gas, given by the 
product of its mole fraction and total pressure (see Section 5.7), does not change. Thus 
the presence of an inert gas in such a case does not affect the equilibrium. 

The following example illustrates the effect of change in pressure on the equilibrium 
position. 


| 


EXAMPL. 14.13 
Consider ‘he following equilibrium systems: 


(a) 2PbS(s) + 303(g) === 2PbO(s) + 2SO2(g) 

(b) PCls(¢) = PCl,(g) + Clo(g) 

(c) Ho(g) + CO(g) = H,O(g) + CO(g) 

Predict the direction of the net reaction in each case as a result of increasing the pressure 
(decreasing the volume) on the system at constant temperature. 


Answer 


(a) Consider only the gaseous molecules. In the balanced equation there are 3 moles of 
ucts. Therefore the net reaction will shift 


gaseous reactants and 2 moles of gaseous prod 
toward products (to the right) when the pressure is increased. ; 

(b) The number of moles of products is 2 and that of reactants Is 1; therefore the net 
reaction will shift to the left, toward reactants. 
(c) The number of moles of products is equal to 
change in pressure has no effect on the equilibrium. 


the number of moles of reactants, so a 


Similar problem: 14.59. 
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(a) (b) 


FIGURE 14.6 (a) Two bulbs containing a mixture of NO2 and N204 gases -guilibrium. 
(b) When the bulb on the left is immersed in ice water, its color becomes lighte' en the bulb 


on the right is immersed in hot water, its color darkens. 


Changes in Temperature 


A change in concentration, pressure, or volume may alter the equilibriun »sition, but 
it does not change the value of the equilibrium constant. Only a change |) emperature 
can alter the equilibrium constant. 

The formation of NO» from NO, is an endothermic process: 


N204(g) —_ 2NO,(g) AH® = 58.0 kJ 
and the reverse reaction is exothermic: 
2NO2(g) —> N204(g)  AH® = —58.0 kJ 


At equilibrium the net heat effect is zero because there is no net reactic What hap- 
pens if the following equilibrium system 


N20,(g) == 2NOz(g) 


is heated at constant volume? Since endothermic processes absorb heal © 0m the sut- 
roundings, heating favors the dissociation of Nz04 into NO> molecules. ‘ isequently, 
the equilibrium constant, given by 
_ [NO,? 
[N204] 


increases with temperature (Figure 14.6). In general, a temperature increase favors an 
endothermic reaction, and a temperature decrease favors an exothermic reaction. 


The Effect of a Catalyst 


We know that a catalyst enhances the rate of a reaction by lowering the reaction’s 
activation energy (Chapter 13). However, as Figure 13.19 shows, a catalyst lowers the 
activation energy of the forward reaction to the same extent as it lowers that for the 
reverse reaction. This means that both the forward and the reverse rates are affected '0 
exactly the same degree. We can therefore conclude that the presence of a catalyst does 
not alter the equilibrium constant nor does it shift the position of an equilibrium sy 


14.6 FACTORS THAT AFFECT CHEMICAL EQUILIBRIUM 


tem. Adding a catalyst to a reaction mixture that is not at equilibrium will speed up 


both the forward and reverse rates to achieve an equilibrium mixture much faster. The 
same equil/brium mixture could be obtained without the catalyst, but we might have to 
wait muc! longer for it to happen. 
Summer, of Factors that May Affect the Equilibrium Position 
We have idered four ways to affect a reacting system at equilibrium. It is important 
to remez that of the four only a change in temperature changes the value of the 
equilibri: onstant. Changes in concentration, pressure, and volume can alter the 
equilibriuy ©oncentrations of the reacting mixture, but they cannot change the equilib- 
rium con as long as the temperature does not change. A catalyst can help establish 
equilibrit aster, but it too has no effect on the equilibrium constant, nor on the 
equilibrius: concentrations of the reacting species. 
The fa: affecting equilibrium are illustrated in an industrial and a physiological 
process | two Chemistry in Action essays on pp. 604 and 605. 
The ef!» s of heating, concentration, and pressure changes and the addition of an 
inert gas in equilibrium system are treated in the following example. 
—-_ CC (cS ETS SEE EERE ta 
EXAM) 0) 14.14 
Consid > following equilibrium process: 
NoFi(g) === 2NF,(g) AH? = 38.5 kJ 
Predic hanges in the equilibrium if (a) the reacting mixture is heated at constant 
volume. .») NF gas is removed from the reacting mixture at constant temperature and 
volume the pressure on the reacting mixture is decreased at constant temperature, and 
(d) an i)» gas, such as helium, is added to the reacting mixture at constant volume and 
tempera 
Answe} 
(a) Since *he forward reaction is endothermic, an increase in temperature favors the for- 
mation « F>. The equilibrium constant 


num. 


[NF2]? 
k= 
[N2F4] 


will therefore increase with increasing temperature. 
(b) The stress here is the removal of NF> gas. To offset it, more N>F, will decompose to 
form NF>. The equilibrium constant K, remains unchanged, however. 

(c) A decrease in pressure (which is accompanied : 
formation of more gas molecules, that is, the forward reaction. Thus, 
be formed. The equilibrium constant will remain unchanged. 
(d) Adding helium to the equilibrium mixture at constant volu 


by an increase in gas volume) favors the 
more NF; gas will 


me will not shift the equilib- 


Similar problems: 14.60, 14.61, 14.64. 
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CHEMISTRY IN ACTION 


THE HABER PROCESS 


| 


Having discussed the factors that affect chemical equi- TABLE 14.2 Variation with Temperature of the Equilibrium 
librium, we can now apply what we have learned to a Constant for the Synthesis of Ammonia 
system of great practical importance—the synthesis of 1(°C) K. 
ammonia. We know from Chapter 13 that the Haber 


=] 
process of ammonia synthesis is a gas-phase reaction in 25 6.0 x 10 
which a heterogeneous catalyst is used to promote the rs ci 
speed of the reaction. Here we will concentrate on fac- 400 6. 2 x 1074 


tors other than the reaction rate. 500 74x 1073 
Suppose, as a prominent industrial chemist at the = 
turn of the century, you are asked to design an efficient 
procedure for synthesizing ammonia from hydrogen reaction should be run at the lowest possible tempera- 
and nitrogen. Your main objective is to obtain a high ture. The plot in Figure 14.8 shows that the yield of 
yield of the product while keeping the production costs ammonia increases with decreasing temperature. A 
down. Your first step is to take a careful look at the low-temperature operation (say 220 K or —53°C) is 
balanced equation for the production of ammonia: desirable in other respects too. The boiling point of 
NH; is —33.5°C, so as it formed it would quickly con- 
dense to a liquid, which could be conveniently re- 
Two ideas strike you: First, since 1 mole of N> reacts moved from the reacting system. (Both H» and No are 
with 3 moles of Hz to produce 2 moles of NH3, ahigher still gases at this temperature.) Consequently, the net 
yield of NH can be obtained at equilibrium if the reac- reaction would shift from left to right just as desired. 
tion is carried out at high pressures. This is indeed the On paper, then, these are your conclusions. Let us 
case as shown by the plot of mole percent of NH3 ver- Compare your recommendations with the actual condi- 
sus the total pressure of the reacting system (Figure tions employed in industrial plants. Typically. the oper- 
14.7). Second, the exothermic nature of the forward ating pressures are between 500 atm and 1000 atm, so 
reaction tells you that the equilibrium constant for the 
reaction will decrease with increasing temperature (see 
Table 14.2). Thus, for maximum yield of NH3, the 


rc 


N2(g) + 3H2(g) == 2NH3(g) AH? = —92.6 kJ 


Mole percent 


Mole percent of NH; 


200 
ei 300 400 500 
0 1900 2000 3000 4000 


Pressure (atm) 


Temperature (°C) 


= 


FIGURE 14.8 The composition (mole percent) of Hz + N2 


and NH 3 at equilibrium (for a certain starting mixture) as 4 
function of temperature. 


FIGURE 14.7 Mole percent of NH; as a function of total 
pressures of the gases at 425°C. 


CHEMISTRY IN ACTION/LIFE AT HIGH ALTITUDE AND HEMOGLOBIN PRODUCTION 


you are right to advocate high pressure. Furthermore, 
in the industrial process the NH; never reaches its equi- 
librium value but is constantly removed from the reac- 
tion mixture in a continuous process operation. This 
design makes sense, too, as you had anticipated. The 
only discrepancy is that the operation is usually carried 
out at about 500°C. This high-temperature operation is 
costly and the yield of NH; is low. The justification for 
this choice is that the rate of NH3 production increases 
with increasing temperature. Commercially, a faster 
production of NHz is desirable even if it means a lower 
yield and a higher cost of operation. But as we know, 
raising the temperature alone is not sufficient; the 
proper catalysts must be employed to speed up the 
process, as discussed in Chapter 13. Figure 14.9 is a 
schematic diagram of the industrial synthesis of NH; 
from N» and H», by the Haber process. 


CHE 


Reaction 
chamber 
(catalysts) 


Hy +Np 


Ammonia 
condenser 


H, +N3 


NH, 


FIGURE 14.9 Schematic diagram of the Haber process 
for ammonia synthesis. 
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LIFE AT HIGH ALTITUDE AND HEMOGLOBIN PRODUCTION 


Physiology is affected by environmental conditions. 
The consequences of a sudden change in altitude dram- 
atize this fact. Flying from San Francisco, which is at 
sea level, to Mexico City, where the elevation is 
2.3 km (1.4 mi), or scaling a 3 km mountain in two 
days can cause headache, nausea, unusual fatigue, and 
other discomforts. These are all symptoms of hypoxia, 
a deficiency in the amount of oxygen reaching body 
tissues. In serious cases, the victim may slip into a 
coma and die if not treated quickly. And yet a person 
living at a high altitude for weeks or months gradually 
recovers from altitude sickness and becomes acclima- 
tized to the low oxygen content in the atmosphere, able 
to function normally. 

The combination of oxygen with the hemoglobin 
(Hb) molecule, which carries oxygen through the 
blood, is a complex reaction, but for our purposes here 
it can be represented by a simplified equation: 


Hb(aq) + O2(ag) == HbO,(a9) 


Where HbO, is oxyhemoglobin, the hemoglobin— 


oxygen complex that actually transports oxygen to tis- 
sue. The equilibrium constant is 


__{HbO:] 
[Hb][02] 


c 


At an altitude of 3 km the partial pressure of oxygen 
is only about 0.14 atm, compared to 0.2 atm at sea 
level. According to Le Chatelier’s principle, a decrease 
in oxygen concentration will shift the equilibrium 
shown in the equation above from right to left. This 
change depletes oxyhemoglobin, causing hypoxia. 
Given enough time, the body can cope with this adver- 
sity by producing more hemoglobin molecules. The 
equilibrium will then gradually shift again from left to 
right, favoring the formation of oxyhemoglobin. The 
increase in hemoglobin production proceeds slowly, 
requiring two or three weeks to develop. Full capacity 
may require several years to develop. Studies show that 
long-time residents of high-altitude areas have high 
hemoglobin levels in their blood—sometimes as much 
as 50 percent more than individuals living at sea level! 
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SUMMARY 


1. Chemists are concerned with dynamic equilibria between phases (physical equilib- 
ria) and between reacting substances (chemical equilibria). 
2. For the general chemical reaction 


aA + bB == cC + aD 


the concentrations of reactants and products at equilibrium (in moles =r liter) are 
related by the equilibrium constant expression 
_ {cyt 
*  [A}(B)’ 

3. The equilibrium constant may also be expressed in terms of the equi’ um partial 
pressures of gases, as Kp. 

4. An equilibrium in which all reactants and products are in the sai phase is a 
homogeneous equilibrium. If the reactants and products are not : the same 
phase, the equilibrium is called heterogeneous. The concentrations © »ure solids, 
pure liquids, and solvents are constant and do not appear in the eq rium con- 
stant expression of a reaction. 

5. If a reaction can be expressed as the sum of two or more reactions, (i ‘quilibrium 
constant for the overall reaction is given by the product of the equ | >rium con- 
stants of the individual reactions. 

6. The value of K depends on how the chemical equation is balanced, an ‘he equilib- 
rium constant for the reverse of a particular reaction is the reciproc the equi- 
librium constant of that reaction. 

7. The equilibrium constant is the ratio of the rate constant for the forwa *eaction to 
that for the reverse reaction. 

8. The reaction quotient Q has the same form as the equilibrium consta: pression, 
but it applies to a reaction that may not be at equilibrium. If Q > K. \e reaction 


will proceed from right to left to achieve equilibrium. If Q < K, the — «ction will 
proceed from left to right to achieve equilibrium. 

9. Le Chatelier’s principle states that if an external stress is applied to + system at 
chemical equilibrium, the system will adjust to partially offset the © ‘ess. 

10. Only a change in temperature changes the value of the equilibrium covstant for a 
particular reaction. Changes in concentration, pressure, or volume ma} change the 
equilibrium concentrations of reactants and products. The addition 0° a catalyst 


hastens the attainment of equilibrium but does not affect the equilibrivm concen- 
trations of reactants and products. 


KEY WORDS 
Equilibrium, p. 576 Homogeneous equilibrium, p. 579 Physical equilibrium, p. 576 
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EXERCISES 
CONCEPT OF EQUILIBRIUM 14.2 
REVIEW QUESTIONS chemical equilibrium. Give two examples of each. 


14.1 Define equilibrium. Give two examples of a dynamic '4"3_-Briefly describe the importance of equilibrium in the 
equilibrium. study of chemical reactions. 


Explain the difference between physical equilibrium and 


14.4 Consider the equilibrium system 3A —— B. Sketch 
the change in concentrations of A and B with time for 


the following situations: (a) initially only A is present; 
(b) initially only B is present; (c) initially both A and B 
are present (with A in higher concentration). In each 
case, assume that the concentration of B is higher than 
that of A at equilibrium. 


EQUILIBS | M CONSTANT EXPRESSIONS 
REVIEW 01. “STIONS 
14.5 Define homogeneous equilibrium and heterogeneous 
equi! um. Give two examples of each. 
14.6 Wha the symbols K, and Kp represent? 
14.7. Writ expression for the equilibrium constants K, 
and if applicable, of each of the following reactions: 
(a) !) == H,O(g) 
(b) g) + CO(g) == Ha(g) + CO2(g) 
(c) (s) + Oo(g) == 2MgO(s) 
(d) PCi(g) === PCh(g) + Cla(g) 
14.8 Wri © expressions for the equilibrium constants Kp 
of ti lowing thermal decompositions: 
(a) '1CO3(s) == Na,CO,(s) + CO.(g) + H2O0(g) 
(b) sOx(s) = 2CaO(s) + 2802(g) + Or(g) 
14.9 Writ uilibrium constant expressions for K, and for 
Kp, »plicable, for the following processes: 
(a) (g) == 2CO(g) + O2(g) 
(b) 302(2) == 203(g) 
(c) « ) + Ch(g) = = COCh(g) 
(d) H,0(g) + C(s) = CO(g) + Hp(g) 
(e) HCOOH(aq) == H* (ag) + HCOO (aq) 
(f) 28eO(s) == 2Hg(l) + O2(g) 
(g) N + 4CO(g) == Ni(CO),(g) 
14.10 Write “se equilibrium constant expressions for K. and 
Kp, ii applicable, for the following reactions: 
(a) 2NO(g) + 7Ho(g) —— = 2NH3(g) + 4420(/) 


(b) 2Zn5(s) + 302(g) == 2ZnO(s) + 2802(g) 

(c) Cis) + CO(g) ==. 2CO(g) 

(d) N.O5(g) === 2NO2(g) + 202(8) 

(e) CHsCOOH(aqg) == C6HsCOO (aq) + H* (aq) 


CALCULATING EQUILIBRIUM CONSTANTS 
REVIEW QUESTION 


14.11 Write the equation relating K, to Kp and define all the 
terms. 


PROBLEMS 
14.12 The equilibrium constant for the reaction 
2HCl(g) == _H2(g) + Chg) 


is 4.17 x 10-4 at 25°C. What is the equilibrium con- 
Stant for the reaction 


H,(g) + Clo(g) == 2HCI(g) 


at the same temperature? 


14.13 


14.14 


14.15 


14.16 


14.17 


14.18 


14.19 


14.20 
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Consider the following equilibrium process at 700°C: 
2H2(g) + S2(g) == 2H2S(g) 


Analysis shows that there are 2.50 moles of Hp, 1.35 x 
10~>° mole of S>, and 8.70 moles of HS present in a 
12.0 L flask. Calculate the equilibrium constant K, for 
the reaction. 

What is the Kp for the equilibrium at 1273°C 


2CO(g) + Or(g) == 2CO2(g) 


if K. is 2.24 x 10°? at the same temperature? 

A reaction vessel contains NH3, No, and H) at equilib- 
rium at a certain temperature. The equilibrium concen- 
trations are [NH3] =0.25M, [N2] =0.11M, and 
(H2] = 1.91 M. Calculate the equilibrium constant K, 
for the synthesis of ammonia if the reaction is repre- 
sented as 

(a) No(g) + 3H2(g) == 2NH3(g) 

(b) 4No(g) + 3H2(g) == NH3(g) 

Consider the following reaction: 


No(g) + O2(g) == 2NO(g) 


If the equilibrium partial pressures of No, O2, and NO 
are 0.15 atm, 0.33 atm, and 0.050 atm, respectively, at 
2200°C, what is Kp? 

The equilibrium constant K, for the reaction 


1,(g) == 21(g) 


is 3.8 X 10-° at 727°C. Calculate K. and Kp for the 
equilibrium 


2I(g) —— L(g) 


at the same temperature. 
The pressure of the reacting mixture at equilibrium 


CaCO3(s) == _CaO(s) + CO3(g) 


is 0.105 atm at 350°C. Calculate Kp and K, for this re- 
action. 

A 2.50 mole quantity of NOCI was initially in a 1.50 L 
reaction chamber at 400°C. After equilibrium was es- 
tablished, it was found that 28.0 percent of the NOCI 
had dissociated: 


2NOCK(g) == 2NO(g) + Cl(g) 


Calculate the equilibrium constant K, for the reaction. 
The equilibrium constant Kp for the reaction 


PCIs(g) == PCI3(g) + Ch(g) 


is 1.05 at 250°C. The reaction starts with a mixture of 
PCl;, PCl;, and Cly at pressures 0.177 atm, 0.223 atm, 
and 0.111 atm, respectively, at 250°C. When the mix- 
ture comes to equilibrium at that temperature, which 
pressures will have decreased and which will have in- 
creased? Explain why. 
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14.21 Ammonium carbamate, NHyCO,NH>, decomposes as 
follows: 


NH,CO,NH)(s) == 2NH3(g) + CO2(g) 


Starting with only the solid, it is found that at 40°C the 
total gas pressure (NH; and CO;) is 0.363 atm. Calcu- 
late the equilibrium constant, Kp. 

14.22 The equilibrium constant K, for the following reaction is 
0.65 at 200°C. 


N2(g) + 3Ha(g) == 2NH;(g) 


(a) What is the value of Kp for this reaction? 

(b) What is the value of the equilibrium constant K,.. for 
2NH;(g) == No>(g) + 3H2(g)? 

(c) What is K, for 3No(g) + 3H2(g) == NH;(g)? 

(d) What are the values of Kp for the reactions de- 
scribed in (b) and (c)? 

14.23 At 20°C, the vapor pressure of water is 0.0231 atm. 
Calculate Kp and K, for the ‘‘reaction’’ 


H,O(/) =—— H,O(g) 
14.24 Consider the following reaction at 1600°C: 
Bro(g) —= 2Br(g) 


When 1.05 moles of Br are put in a 0.980 L flask, 1.20 
percent of the Bry undergoes dissociation. Calculate the 
equilibrium constant K, for the reaction. 

14.25 Consider the equilibrium 


2NOBr(g) == 2NO(g) + Br2(g) 


If nitrosyl bromide, NOBr, is 34 percent dissociated at 
25°C and the total pressure is 0.25 atm, calculate Kp 
and K, for the dissociation at this temperature. 

14.26 Pure phosgene gas (COCI;), 3.00 x 10°? mol, was 
placed in a 1.50 L container. It was heated to 800 K, 
and at equilibrium the pressure of CO was found to be 
0.497 atm. Calculate the equilibrium constant Kp for 
the reaction 


CO(g) + Cla(g) == COC (g) 
MULTIPLE EQUILIBRIA 
REVIEW QUESTION 


14.27 What is the rule for writing the equilibrium constant for 
the overall reaction involving two or more reactions? 


PROBLEMS 


14.28 The following equilibrium constants have been deter- 
mined for hydrosulfuric acid at 25°C: 
H>S(aq) == H*(aq) + HS“(aq) KE = 9.5 x 1078 
HS~ (aq) == H*(aq) + S*(aq) KX = 1.0 x 1079 


Calculate the equilibrium constant for the following re- 
action at the same temperature: 


H>S(aq) =— 2H*(aq) + S*~(aq) 
14.29 Consider the following equilibria: 


2S02(g) + O.(g) == 2S03(g) 
2NO,(g) == 2NO(g) + On(g) 


Express the equilibrium constant K. for the process 
SO2(g) + NO2(g) == SO3(g) + NO(g) 


in terms of the equilibrium constants for the first two 
processes. 

14.30 The following equilibrium constants were determined at 
1123 K: 


C(s) + CO(g) == 2CO(g) Kp = 1.3 x 10! 
CO(g) + Cl(g) == COCh(g)  -K = 6.0 x 1033 


Write the equilibrium constant expression Kp, and cal- 
culate the equilibrium constant at 1123 K for 


C(s) + CO3(g) + 2Clo(g) == 2COCI(g) 
14.31 At a certain temperature the following reactions have 
the constants shown: 
S(s) + Or(g) == SO(g) K; 
2S(s) + 302(g) = 2S0(g) Ke = 


Calculate the equilibrium constant K, for the following 
reaction at that temperature: 


4.2 x 10 
9.8 x 108 


2S02(g) + O2(g) == 2S0;(g) 


RELATIONSHIP BETWEEN CHEMICAL ©1NETICS 
AND CHEMICAL EQUILIBRIUM 


REVIEW QUESTION 


14.32 Based on rate constant considerations, explain why the 
equilibrium constant depends on temperature. 


PROBLEMS 


14.33 Water is a very weak electrolyte that undergoes the fol- 
lowing ionization (called self-ionization): 


H,0(/) — H*(aq) + OH (aq) 
= 

(a) If ky = 2.4 x 10-5 s~! and k_, = 1.3 x 10'/M°s, 
calculate the equilibrium constant K where K = 
(H*][OH”)/[H,0]. 
(b) Calculate the product [H*][OH~] and hence [H"] 
and [OH]. 

14.34 Consider the following reaction, which takes place in a 
single elementary step: 


2A +B = A.B 
ky 
If the equilibrium constant K, is 12.6 at a certain temper 


ature and if k, = 5.1 x 10-? s~!, calculate the value of 
kg. 


CALCULATING EQUILIBRIUM CONCENTRATIONS 
REVIEW QUESTIONS 


14.35 


14.36 


Define reaction quotient. How does it differ from equi- 
librium constant? 

Outline the steps for calculating the concentrations of 
reacting species in an equilibrium reaction. 


PROBLEMS 


14.37 


14,38 


14.39 


14.40 


14.41 


14.42 


Consider the following equilibrium reaction 
2NO(g) + Clo(g) == 2NOCI(g) 


The equilibrium constant is 6.5 X 104 at 35°C. In a cer- 
tain experiment 2.0 X 107? mole of NO, 8.3 x 1073 
mole of Cl), and 6.8 moles of NOCI are mixed in a 
2.0 L flask. In which direction will the system proceed 
to reach equilibrium? 

The equilibrium constant Kp for the reaction 


2SO2(g) + Or(g) == 2803(g) 


is 5.60 * 10* at 350°C. SO, and O, are mixed initially 
at 0.350 atm and 0.762 atm, respectively, at 350°C. 
When the mixture equilibrates, is the total pressure less 
than or greater than the sum of the initial pressures, 
1.112 atm? 

The equilibrium constant Kp for the reaction 


2NO(g) == _2NO(g) + O2(g) 


is 158 at 1000 K. Calculate Po, if PNo, = 0.400 atm 
and Pyjo = 0.270 atm. 
For the synthesis of ammonia 


No(g) + 3H2(g) == 2NH3(g) 


the equilibrium constant K, at 200°C is 0.65. Starting 
with [H>], = 0.76 M, [No], = 0.60 M, and [NH3], = 
0.48 M, when this mixture comes to equilibrium, which 
gases will have increased in concentration and which 
will have decreased in concentration? 

For the reaction 


H2(g) + CO(g) == H20(g) + COCs) 


at 700°C, K, = 0.534. Calculate the number of moles of 
Hp formed at equilibrium if a mixture of 0.300 mole of 
CO and 0.300 mole of H2O is heated to 700°C in a 
10.0 L container. 

A sample of pure NO} gas heated to 1000 K decom- 
Poses: 


2NOx(g) === 2NO(g) + O2(8) 


The equilibrium constant Kp is 158. Analysis shows that 
the partial pressure of O> is 0.25 atm at equilibrium. 
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14.46 


14.47 


14.48 


14.49 


14.50 
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Calculate the pressure of NO and NO, in the mixture. 
The equilibrium constant K, for the reaction 


H2(g) + Bro(g) == 2HBr(g) 


is 2.18 x 10° at 730°C. Starting with 3.20 mol HBr ina 
12.0 L reaction vessel, calculate the concentrations of 
H3, Br), and HBr at equilibrium. 

The dissociation of molecular iodine into iodine atoms 
is represented as 


I(g) == 21(g) 


At 1000 K, the equilibrium constant K, for the reaction 
is 3.80 X 10°°. Suppose you start with 0.0456 mole of 
I, in a 2.30 L flask at 1000 K. What are the concentra- 
tions of the gases at equilibrium? 

The equilibrium constant K, for the decomposition of 
phosgene, COCly, is 4.63 x 107 at 527°C: 


COCI:(g) == CO(g) + Cla(g) 


Calculate the equilibrium partial pressure of all the com- 
ponents starting with pure phosgene at 0.760 atm. 
Consider the following equilibrium process at 686°C: 


CO,(g) + H2(g) == CO(g) + H20(g) 


The equilibrium concentrations of the reacting species 
are [CO]=0.050M, [H2] =0.045M, [CO] = 
0.086 M, and [HO] = 0.040 M. (a) Calculate K. for 
the reaction at 686°C. (b) If the equilibrium concentra- 
tion of CO) were raised to 0.50 mol/L by the addition of 
CO,, what would be the concentrations of all the gases 
at equilibrium? 

The equilibrium constant K, for the dissociation of No04 
is 4.63 x 1073 at 25°C 


N2O,(g) == 2NO,2(g) 


Starting with 0.100 mole of N20, in a 5.00 L reaction 
vessel, calculate the concentrations of N»O4 and NO) at 
equilibrium. 

Consider the heterogeneous equilibrium process: 


C(s) + CO(g) == 2CO(g) 


At 700°C, the total pressure of the system is found to be 
4.50 atm. If the equilibrium constant Kp is 1.52, calcu- 
late the equilibrium partial pressures of CO, and CO. 
The equilibrium constant K, for the reaction 


H2(g) + COg) == H,0(g) + CO(g) 


is 4.2 at 1650°C. Initially 0.80 mol H, and 0.80 mol 
CO) are injected into a 5.0 L flask. Calculate the con- 
centration of each species at equilibrium. 

The equilibrium constant K. for the reaction 


H2(g) + Io(g) —— 2HI(g) 
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is 54.3 at 430°C. At the start of the reaction there are 
0.714 mole of H5, 0.984 mole of Iz, and 0.886 mole of 
HI in a 2.40 L reaction chamber. Calculate the concen- 
trations of the gases at equilibrium. 


LE CHATELIER’S PRINCIPLE 


REVIEW QUESTIONS 


14.51 


14,52 


14.53 
14.54 


14.55 


Explain Le Chatelier’s principle. How can this principle 
help us maximize the yields of reactions? 

Use Le Chatelier’s principle to explain why the equilib- 
rium vapor pressure of a liquid increases with increasing 
temperature. 

What is meant by ‘“‘the position of an equilibrium’’? 
List four factors that can shift the position of an equilib- 
rium. Only one of these factors can alter the value of the 
equilibrium constant. Which one is it? 

Does the addition of a catalyst have any effects on the 
position of an equilibrium? Explain. 


PROBLEMS 


14.56 Consider the following equilibrium system: 


PCl3(g) + Cl(g) == PCls(g) 


Predict how the equilibrium position would change if 
(a) Cl gas were added to the system; (b) PCls were 
removed from the system; (c) PCl; were removed from 
the system. The temperature remains constant. 


14.57 Heating solid sodium bicarbonate in a closed vessel es- 


tablishes the following equilibrium: 
2NaHCO,(s) == Na,CO,(s) + H,0(g) + CO2(g) 


What would happen to the equilibrium position if 
(a) some of the CO, were removed from the system; 
(b) some solid Na,CO; were added to the system; 
(c) some of the solid NaHCO; were removed from the 
system? The temperature remains constant. 


14.58 Consider the following equilibrium systems: 


(a) A == 2B AH? = 20.0 kJ 
(bs) A+ B==C AH? =-5.4K) 
(c) A==B AH? = 0.0 KJ 


Predict the change in the equilibrium constant K, that 
would occur in each case if the temperature of the react- 
ing system were raised. 


14.59 What effect does an increase in pressure have on each of 


the following systems at equilibrium? 

(a) A(s) == 2B(s) 

(b) 2A() == B(/) 

(c) A(s) == Big) 

(d) A(g) == B(g) 

(e) A(g) == 2B(g) 

The temperature is kept constant. In each case, the reac- 
tants are in a cylinder fitted with a movable piston. 
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14.61 


14.62 


14.63 


14.64 


14.65 


14.66 


Consider the equilibrium 


30(g) == 203(g) AH® = 284 kJ 
What would be the effect on the position of equilibrium 
of (a) increasing the total pressure on “ic system by 


decreasing its volume; (b) adding O, the reaction 
mixture; and (c) decreasing the tempers.-re? 
Consider the following equilibrium pr: 


PCI5(g) == PClI3(g) + Clo(g) = 92.5 kJ 
Predict the direction of the shift in eg. \brium when 
(a) the temperature is raised; (b) more  \orine gas is 
added to the reaction mixture; (c) some , is removed 
from the mixture; (d) the pressure on gases is in- 
creased; (e) a catalyst is added to the 1 ion mixture, 
Consider the reaction 
2SO2(g) + Ox(g) == 2S03(g) Al ~ 198.2 kJ 
Comment on the changes in the concer ons of SOp, 
O», and SO; at equilibrium if we were \ increase the 
temperature; (b) increase the pressure; ( crease SO); 
(d) add a catalyst; (e) add helium at « int volume. 
In the uncatalyzed reaction at 100°C 

N204(g) == 2NO2(¢ 
the pressure of the gases at equilibrius are Py,o, = 
0.377 atm and Pxo, = 1.56 atm. What ild happen 
to these pressures if a catalyst were pr t? 
Consider the gas-phase reaction 
2CO(g) + O2(g) == 2CO 
Predict the shift in the equilibrium positiv hen helium 
gas is added to the equilibrium mixture |.) at constant 
pressure and (b) at constant volume. 
Consider the following reaction at equ) brium in a 
closed container: 
CaCO;(s) == CaO(s) + CO>(¥) 
What would happen if (a) the volume is increased; 


(b) some CaO is added to the mixture; (c) some CaCO3 
is removed; (d) some CO; is added to the mixture; (e)a 
few drops of a NaOH solution are added to the mixture; 
(f) a few drops of a HCI solution are added to the mix- 
ture (ignore the reaction between CO, and water); 
(g) temperature is increased? 

Consider the following reacting system: 


2NO(g) + Ch(g) == 2NOCI(g) 


What combination of temperature and pressure would 
maximize the yield of NOCI? (Hint: AH?(NOCI = 
51.7 kI/mol. You will also need to consult Appendix 1.) 


MISCELLANEOUS PROBLEMS 


14.67 Consider the statement: “The equilibrium constant ofa 


reacting mixture of solid NH,Cl and gaseous NH; and 


tion 
14.68 Initia 
conta 


pressut 


0.64 


14.70 Bak 


Wou 


baki 
or (t 


14.71 Cons 


Fror 


stant 


tion 
Temperatu: 


200 
300 
400 


is 0.316.”” List three important pieces of informa- 
‘hat are missing from this statement. 
»y pure NOCI gas was heated to 240°C in a 1.00 L 


ver. At equilibrium it was found that the total 
was 1.00 atm and the NOC! pressure was 
n. 


2NOCI(g) == 2NO(g) + Cly(g) 


‘culate the partial pressures of NO and Cl, in the 


(b) Calculate the equilibrium constant Kp. 
» the following reaction: 


Na(g) + O2(g) == 2NO(g) 


‘librium constant Kp for the reaction is 1.0 x 
25°C and 0.050 at 2200°C. Is the formation of 
ide endothermic or exothermic? Explain your 


oda (sodium bicarbonate) undergoes thermal 
sition as follows: 


O3(s) == NayCO,(s) + CO2(g) + H20(g) 


e obtain more CO, and H,O by adding extra 
da to the reaction mixture in (a) a closed vessel 
open vessel? 

the following reaction at equilibrium: 


A(g) == 2B(g) 


following data, calculate the equilibrium con- 
h Kp and K,) at each temperature. Is the reac- 
ithermic or exothermic? 


7) [A] BY 
0.0125 0.843 
0.171 0.764 
0.250 0.724 
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The equilibrium constant Kp for the reaction 
2H,0(g) == 2H2(g) + Or(g) 


is found to be 2 x 10~*? at 25°C. (a) What is K, for the 
reaction at the same temperature? (b) The very small 
value of Kp (and K,) indicates that the reaction over- 
whelmingly favors the formation of water molecules. 
Explain why, despite this fact, a mixture of hydrogen 
and oxygen gases can be kept at room temperature with- 
out any change. 

At a certain temperature and a total pressure of 1.2 atm, 
the partial pressures of an equilibrium mixture 


2A(g) == Big) 


are P, = 0.60 atm and Px, = 0.60 atm. (a) Calculate 
the Kp for the reaction at this temperature. (b) If the total 
pressure were increased to 1.5 atm, what would be the 
partial pressures of A and B at equilibrium? 

The decomposition of ammonium hydrogen sulfide 


NH,HS(s) == NH3(g) + H2S(g) 


is an endothermic process. A 6.1589 g sample of the 
solid is placed in an evacuated 4.000 L vessel at exactly 
24°C. After equilibrium has been established, the total 
pressure inside is 0.709 atm. Some solid NH4HS re- 
mains in the vessel. (a) What is the Kp for the reaction? 
(b) What percentage of the solid has decomposed? (c) If 
the volume of the vessel were doubled at constant tem- 
perature, what would happen to the amount of solid in 
the vessel? 
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cid—base reactions in aqueous solution are some of the most important processes in 

chemical and biological systems. In this first of two chapters dealing with the proper- 

ties of acids and bases, we study some important definitions of acids and bases, the 
pH scale, and the relationship between acid strengths and molecular structure. We “!so look 


at some typical acid—base reactions and at certain oxides that can act as acids anc bases, 
15.1 General Properties of Acids and Bases 
Acids and bases were Before we define acids and bases and study the reactions they underg (| us summa- 
introduced in Section 2.9. rize some of their general properties. Collectively these properties pro operational 
definitions of acids and bases—definitions that permit us to identify th eadily in the 
laboratory. 
Acids 
Caution: It is never advisable 1. Acids have a sour taste; for example, vinegar owes its taste to a ic acid, and 
to taste chemicals. lemons and other citrus fruits contain citric acid. 
2. Acids cause color changes in plant dyes; for example, they chai he color of 
litmus from blue to red. 
3. The nonoxidizing acids (for example, HCl) react with metals above ogen in the 
activity series (p. 96) to produce hydrogen gas. 
be: is the rope of ont 4. Acids react with carbonates and bicarbonates (for example, Na» 3, CaCO3, 
hat occurs when certain 
brands of antacids are NaHCOs) Ko produce CO gas. 
dissolved in water. 5. Acids react with bases to form salts and water (see Section 3.3) 
6. Aqueous acid solutions conduct electricity. 
Bases 
1. Bases have a bitter taste. 
2. Bases feel slippery; for example, soaps, which contain bases, exhibit this property. 
3. Bases cause color changes in plant dyes: for example, they change the color of 
litmus from red to blue. 
4. Bases react with acids to form salts and water. 
5. Aqueous base solutions conduct electricity, 
15.2 Definitions of Acids and Bases 
Arrhenius Acids and Bases 
The H* fon is actually a In the late nineteenth century Svante Arrhenius formulated a theory of acids and bases 


proton. that defines an acid as a substance that ionizes in water to produce H* ions and a base 


15.2 DEFINITIONS OF ACIDS AND BASES 


as a substance that ionizes in water to produce OH™ ions. Two Arrhenius acids are 
hydrochlorie acid and nitric acid: 


HCl(aq) —> H*(aq) + Cl-(aq) 
HNO3(aq) —> H*(aq) + NO3(aq) 
Arrhenius “ses are ionic metal hydroxides such as NaOH and Ba(OH)): 
NaOH(aq) —> Na*(aq) + OH (aq) 
Ba(OH)2(aq) —> Ba?*(aq) + 20H~ (aq) 


An Arrhe acid—base reaction is as follows: 
HCl(aq) + NaOH(aq) —> NaCl(ag) + H30(/) 
acid base salt water 
Arrhen:» s interpretation of acid—base behavior satisfactorily explains reactions of 
protonic (that is, acids that contain ionizable H atoms such as HCI and H»SO,) 
with meta | ydroxides [for example, NaOH and Ba(OH)3]. The acid—base titrations 
discussed Section 3.9 depend on this kind of acid—base behavior. However, al- 
though the ‘se of Arrhenius’s definitions is widespread, they do have serious limita- 
tions. First. ‘.ey apply only to acid—base reactions in aqueous solutions. Second, they 
do not exp’. 1 the fact that substances such as NH3, which do not contain the hydrox- 
ide group. crease the OH~ ion concentration when added to water. 


Brénste:-Lowry Acids and Bases 


A broade | more general definition of acids and bases was provided independently 
by Johanr Brgnsted+ and Thomas Lowry in 1932. According to their theory, an 
acid—re! | to today as a Brgnsted—Lowry acid—is a substance capable of donat- 
ing a pri and a base—or a Brénsted-Lowry base—is a substance capable of 
acceptin; roton. When HCI gas dissolves in water, it acts as an acid, donating a 
proton to solvent H,0: 


HCl(ag) + HO(/) —> H30*(aq) + Cl (aq) 


H30* is « d the hydronium ion. The solvent acts as a base in accepting a proton. 

An extension of the Brénsted—Lowry definition of acids and bases is the concept of 
the conjugate acid-base pair, which can be defined as an acid and its conjugate base 
or a base and its conjugate acid. The conjugate base of a Brdénsted—Lowry acid is the 
Species that remains when a proton has been removed from the acid. Conversely, a 
conjugate acid results from the addition of a proton to a Brg@nsted—Lowry base. Every 
Brgnsted—Lowry acid has a conjugate base, and every Brgnsted—Lowry base has a 
conjugate acid. For example, the chloride ion (CI) is the conjugate base formed from 
the acid HCI, and HO is the conjugate base of the acid H,0*. Similarly, the ioniza- 
tion of acetic acid can be represented as 


Hohannes Nicolaus Brgnsted (1879-1947). Danish chemist. In addition to his theory of acids and bases, 


Brgnsted worked on thermodynamics and the separation of mercury isotopes. 

*Thomas Martin Lowry (1874-1936). English chemist. Although Lowry is often associated with Bronsted 
as a developer of ped theory, he never defined acids and bases explicitly as Bronsted did. ay 
himself admitted that Brgnsted’s view of the anion of an acid as a base was novel. An eminent chemist in 
his own right, Lowry made many important contributions to the study of optical rotation. 


Note that the Broénsted—Lowry 
definitions, unlike the 
Arrhenius definitions, do not 
restrict acid and base behavior 
to water solutions, 


Conjugate means “joined 
together.” 
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The formula of a conjugate 
base always has one less 
hydrogen atom and one more 
negative charge (or one less 
positive charge) than the 
formula of the corresponding 
acid. 
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ae ame is) a ee + _* 

H H H H 

CH,COOH (aq) + H,O(/) = CH,COO “ (4q) +  H,0*,aq) 
acid, base) base, acid, 


The subscripts 1 and 2 designate the two conjugate acid—base pairs. Thus the acetate 

ion (CH;COO_) is the conjugate base of CH;COOH. Both the ionization of HCI | 

(shown earlier) and the ionization of CH3;COOH are examples of brgnsted—Lowry | 

acid—base reactions. Unlike Arrenhius acid—base reactions, Brénsted—Lowry acid- 

base reactions do not produce a salt and water. | 
Strictly speaking, NaOH is not a Brgnsted—Lowry base since it cannot accept a 

proton. However, NaOH is a strong electrolyte that ionizes completely in solution. The 

hydroxide ion (OH) formed by that ionization is a Brgnsted—Lowry base because it 

can accept a proton: | 


H30* (aq) + OH (aq) —> 2H,0(/) 


Thus, when we call NaOH or any other metal hydroxide a base, we are actually 
referring to the OH” species derived from the hydroxide. 

The Brgnsted—Lowry definition also allows us to classify ammonia as a base be- 
cause of its ability to accept a proton: 


+ 


ae a Hi N—F ea —o 7 
H H H 

-NH,(aq) + H,O(/) — = NHf@q + OH (aq) 
base, acid, acid, base » 


In this case, NH@ is the conjugate acid of the base NH;, and OH~ is the conjugate base 
of the acid H2O. Table 15.1 lists a number of common acids and their conjugate bases. 
Example 15.1 shows the conjugate pairs in an acid—base reaction. 


TABLE 15.1 Some Common Acids and Their Conjugate Bases 


Acid Conjugate Base 

Name Formula Name Formula 
Hydrochloric acid HCl Chloride ion Ce 
Nitric acid HNO; Nitrate ion NO; 
Hydrocyanic acid HCN Cyanide ion Sale 
Perchloric acid HClO, Perchlorate ion C104 
Sulfuric acid H,SO,4 Hydrogen sulfate ion HSOs 
Hydrogen sulfate ion HSOg Sulfate ion SO; 
Carbonic acid H,CO, Bicarbonate ion HCO3 
Bicarbonate ion HCO; Carbonate ion COs” 
Ammonium ion NH Ammonia NHs 


EE 


15.3 AUTOIONIZATION OF WATER AND THE PH SCALE 


EXAMPLE 15.1 
Identify the conjugate acid—base pairs in the following reaction: 


NH3(aq) + HF(aq) == NHj(aq) + F-(aq) 


Answer 


The conjegate acid—base pairs are (1) HF (acid) and F~ (base) and (2) NH} (acid) and 
NH; (bas 


Similar problem: 15.9. 


The Hydrated Proton 


The H* ion is hydrated in aqueous solution. The reaction between H* and water is 
usually given as 


H* (aq) + H,O(l) —> H30* (aq) 


However, evidence suggests that the proton may be associated with more than one 
water molecule (Figure 15.1). In practice, a quantitative treatment of acid ionization is 
unaffected by whether we write H* , H;0*, H7O3, or HOF for the proton in water. In 
this book we will write the formula of a proton in aqueous solution either as H* or 
H;0*. The formula H* is less cumbersome in calculations involving hydrogen ion 
concentrations (see next section) and in calculations involving equilibrium constants 
(see Chapter 16), whereas the formula H,O* is more useful when discussing Brénsted— 
Lowry acid—base properties. 


15.3 Auloionization of Water and the pH Scale 


As we know from preceding chapters, water is a unique solvent. One of its special 
Properties is its ability to act both as an acid and as a base. Water functions as a base in 
reactions with acids such as HCl and CH;COOH, and it functions as an acid in reac- 


tions with bases such as NH. In fact, water itself undergoes ionization to a small 


extent: 


H,O(!) == H* (aq) + OH (aq) (=) 


This reaction is sometimes called the autoionization of water. To describe the acid— 

base properties of water in the Brénsted—Lowry framework, it is preferable to express 

the autoionization as 

a on 
Seals O b 


H—0:+H—0: == ee i 


H H H 
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FIGURE 15.1 Probable struc- 
tures for the hydrated H* ion in 
water: H7O} and H Oj. The 
dashes — represent hydrogen 
bonds. 
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Tap water and water from 
underground sources do 
conduct electricity because 
they contain many dissolved 
ions. 


Recall that in pure water, 
[H,0] = 55.5 M (see p. 581). 


To dramatize these 

lagine that 
you could randomly draw out 
and examine ten particles 
(1,0, H*, or OH”) per second 
from a beaker of water, On 
average, it would take you 
nearly two years, working 
nonstop, to find one H* ion! 


Ay increases with temperature 
because the ionization of water 
is endothermic, 
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or 
H,0 tk OF——= H,0* + OH™ 
acid; base acid, base, 


The acid—base conjugate pairs are (1) acid; and base; (HO and OH 
and base» (H3;0* and HO). 


and (2) acid, 


The lon Product of Water 


In the study of acid—base reactions in aqueous solutions, the importan| 
hydrogen ion concentration. (As we will see later, the hydroxide ion 
related to the hydrogen ion concentration, so we need not consider it 
water undergoes autoionization, it is a very weak electrolyte and, t! 
electrical conductor. 

Expressing the hydrated proton as H* rather than HO", we can w! 
rium constant for the autoionization of water, Equation (15.1), as 


antity is the 
entration is 
) Although 
ore, a poor 


the equilib- 


_ {H*][OH"] 
“~ {H,0] 
Since a very small fraction of water molecules are ionized, the concent .on of water, 
that is, [HO], remains virtually unchanged. Therefore 
K{H,0] = Ky = [H*][OH”] (15.2) 


vhich is the 
emperature. 
id found to 
ition (15.2) 


The ‘‘new’’ equilibrium constant, K,,, is called the ion-product constai 
product of the molar concentrations of H* and OH™~ ions at a particula 
In pure water at 25°C, the concentrations of H* and OH” ions are equ: 
be [H*] = 1.0 x 10-7 M and [OH-] = 1.0 x 1077 M. Thus, from Fy 


Ky, = (1.0 X 1077)(1.0 x 1077) = 1.0 x 1074 at 25°C 


Note that whether we have pure water or a solution of dissolved species. 
relation always holds at 25°C: 


e following 


Ky = [H*][OH] = 1.0 x 1074 


Whenever [H*] = [OH™], the aqueous solution is said to be neutral. in an acidic 
solution there is an excess of H* ions, or [H*] > [OH™]. In a basic solution there is 
an excess of hydroxide ions, or [H*] < [OH™]. In practice we can adjust the concen- 
tration of either H* or OH™ ions in solution, but we cannot vary both of them indepen- 
dently. If we adjust the solution so that [H*] = 1.0 x 10~° M, the OH~ concentration 
must change to 


14 
[OH] = Ky = 1.0 x 10 
1.0 x 107° 


(H*] =1.0x10°M 


It is important to remember that, because K,, is an equilibrium constant, its value 
changes with temperature. Thus at 40°C, K,, = 3.8 x 10~'* and Equation (15.2) be- 
comes 


3.8 x 10" = [H*][OH"] = K, 
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Since the solution is still neutral, [H*] = [OH]. Therefore, at this iecpemniine tise 
concentrations are 


(H*] = V3.8 x 10°" = 1.9 x 10-7 M 


and 
[OH] = V3.8 x 10° = 1.9 x 10°77 M 

A neut lution at 40°C will have a higher H* ion concentration (1.9 x 1077 M) 
than a scvtral solution at 25°C (1.0 X 1077 M). Unless otherwise stated, we will 
assume ‘© oll subsequent discussions that the temperature is 25°C. 

An ation of Equation (15.2) is given in Example 15.2. 

EX HE 15.2 

The ntration of OH™ ions in a certain household ammonia cleaning solution is 

0.00. Calculate the concentration of the H* ions. 

Ane 

Rear ug Equation (15.2), we write 

Le 1.0 x 10°'# 
(Ht) = —— = —__ = 40x 10°? M 
[OH] 0.0025 

Since | < [OH7], the solution is basic, as we would expect from the earlier discussion 

of t! iction of ammonia with water. 

Simi “oblem: 15.22. 
pH—\ \iecasure of Acidity 
Because the concentrations of Ht and OH™ ions are frequently very small numbers and 
therefore ‘nconvenient to work with, Soren Sorensen* in 1909 proposed a more practi- 
cal measure called pH. The pH of a solution is defined as 

pH = —log [H*] (15.3) 


Thus we see that the pH of a solution is given by the negative logarithm of the hydrogen 
ion concentration (in mol/L). 

Keep in mind that Equation (15.3) is simply a definition designed to give us conven- 
ient numbers to work with. The definition of pH has no theoretical significance. Fur- 
thermore, the term [H*] in Equation (15.3) pertains only to the numerical part of the 
expression for hydrogen ion concentration, for we cannot take the logarithm of units. 
Thus, like the equilibrium constant, the pH of a solution is a dimensionless quantity. 


+Soren Peer Lauritz Sorensen (1868-1939). Danish biochemist. Sorensen originally wrote the symbol as py 
and called p the ‘‘hydrogen ion exponent”’ (Wasserstoffionexponent); it is the initial letter of Potenz (Ger- 
man), puissance (French), and power (English). It is now customary to write the symbol as pH. 
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In each case the pH has only 
two significant figures. The 
seven in 7.00 serves only to 
locate the decimal point in the 
number 1.00 x 1077. 


\ 
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FIGURE 15.2 A pH meter 
is commonly used in the labo- 
ratory to determine the pH of 
a solution. Although many pH 
meters have scales marked 
with values from | to 14, pH 
values can, in fact, be less 
than I and greater than 14. 


Since pH is simply a way to express hydrogen ion concentration, acidic and basic 
solutions at 25°C can be identified by their pH values, as follows: 


Acidic solutions: [H*] > 1.0 x 107’ M, pH < 7.00 
Basic solutions: | [H*] < 1.0 x 107’ M, pH > 7.00 
Neutral solutions: [H*] = 1.0 x 1077 M, pH = 7.00 


In the laboratory, the pH of a solution is measured with a pH meter (igure 15.2). 
Electrodes attached to the meter are dipped into the test solution, and the pH is read 
directly on the scale. Table 15.2 lists the pHs for a number of common fluids. 

A scale analogous to the pH scale can be devised using the negative logarithm of the 


hydroxide ion concentration. Thus we define pOH as 
pOH = —log [OH™] (15.4) 
Now consider again the ion-product constant for water: 


[H*][(OH~] = K, = 1.0 x 107" 


TABLE 15.2 The pHs of Some Common Fluids 
ee 


Sample pH Value 
__— 

Gastric juice in the stomach 1.0-2.0 
Lemon juice 2.4 
Vinegar 3.0 
Grapefruit juice 32 
Orange juice 3.5 
Urine 4.8-7.5 
Water exposed to air* 5.3. 
Saliva 6.4-6.9 
Milk 6.5 
Pure water 7.0 
Blood 7.35-7.45 
Tears 7.4 
Milk of magnesia 10.6 
Household ammonia 11.5 


*Water exposed to air for a long period of time absorbs atmospheric CO, to form carbonic acid, H2COs- 


15.3 AUTOIONIZATION OF WATER AND THE PH SCALE 


Taking the negative logarithm of both sides, we obtain 
—(log [H*] + log [OH~]) = —log (1.0 x 107"4) 
—log [H*] — log [OH~] = 14.00 
From the definitions of pH and pOH we obtain 
pH + pOH = 14.00 (15.5) 


Equation (15.5) provides us with another way to express the relationship between the 
H* ion concentration and the OH” ion concentration. 
The following examples illustrate the calculation of pH and related quantities. 


LE 15.3 


entration of H* ions in a bottle of table wine was 3.2 x 10~* M right after the 
cork wes removed. Only half of the wine was consumed. The other half, after it had been 
standiug open to the air for a month, was found to have a hydrogen ion concentration 
equal to 1.0 x 10-3 M. Calculate the pH of the wine on these two occasions. 


Answer 


» bottle was first opened, [H*] = 3.2 x 10~* M, which we substitute in Equa- 


pH = —log [H*] 
= log (3.2 x 1074) = 3.49 


On the second occasion, [H*] = 1.0 x 107 M, so that 
pH = —log (1.0 x 107%) = 3.00 


© increase in hydrogen ion concentration (or decrease in pH) is largely the result of the 
sion of some of the alcohol (ethanol) to acetic acid, a reaction that takes place in the 
presence of molecular oxygen. 


Similar problems: 15.23, 15.24, 15.25. 


EXAMPLE 15.4 


The pH of rainwater collected in a certain region of the U.S. Northeast on a particular day 
was 4.82. Calculate the H* ion concentration of the rainwater. 


Answer 


From Equation (15.3) 
4.82 = —log [H*] 
Taking the antilog of both sides of this equation (see Appendix 4) gives 
1.5 X 10° M = [H*] 


Similar problems: 15.23, 15.24, 15.25. | 


621 


622 


The percent ionization refers 
only to the equilibrium 
condition. 
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EXAMPLE 15.5 


In an NaOH solution [OH™] is 2.9 x 10°* M. Calculate the pH of the sc)vtion. 
Answer 


We use Equation (15.4): 
pOH = —log [OH ] 

= —log (2.9 x 1074) 

= 3.54 
Now we use Equation (15.5): 

pH + pOH = 14.00 
pH = 14.00 — pOH 
= 14.00 — 3.54 = 10.46 


Similar problems: 15.23, 15.24, 15.25. 


15.4 Strengths of Acids and Bases 


Depending on the nature of an acid, some or all of its molecules may | e when the 
acid is dissolved in water. The strength of an acid can be measured by fraction of 
molecules that undergo ionization. Quantitatively, acid strength may b« »xpressed in 


terms of percent ionization, which is defined as 


Sales ionized acid concentration at equilibrium : 
percent ionization = : k 


initial concentration of acid 


Suppose we have two aqueous solutions containing acids HA and Hi: at the same 
concentration. Using the Brénsted—Lowry definition, let’s say that H/ a stronger 
acid than HB because it can transfer a proton to water (which acts as « Bronsted- 
Lowry base in this case) more readily than HB can. Consequently the percent joniza- 
tion is greater for HA than for HB. 

HA(aq) + H20(/) == H30*(aq) + A~(aq) 

HB(aq) + H2O(/) == H30*(aq) + B™ (aq) 


At equilibrium, the solution containing HA will have a higher concentration of H* ions 
and a lower pH than the one containing HB. 

Strong acids—hydrochloric acid (HCl), nitric acid (HNO;), perchloric acid 
(HCIO,), and sulfuric acid (H2SO,), for example—are all strong electrolytes. For most 
practical: purposes, they may be assumed to be 100 percent ionized in water: 


HCl(aq) + H,0(/) —> H30*(aq) + Cl (aq) 
HNO;(aq) + H,0(/) —> H30*(aqg) + NOJ(aq) 
HC10,(aq) + H,O() —> H30*(ag) + ClO; (aq) 
H)SO,(aq) + H,O(/) —> H30*(aq) + HSO; (aq) 
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Note that SO, is a diprotic acid; we consider only the first stage of ionization here. 

Most acids, however, are classified as weak acids. Within this category the strength 
of acids can actually vary greatly. For example, both hydrofluoric acid (HF) and 
hydrocya‘iic acid (HCN) are classified as weak acids, yet in 0.10 M solutions the 
percent ionization at 25°C of HF and HCN at equilibrium are 8.4 percent and 0.0070 


percent, © «pectively. Thus HF is a much stronger acid than HCN. The limited ioniza- 
tion of wees acids is related to the equilibrium constant for ionization, a relationship 
we will s'idy in the next chapter. 
Much « what we have said so far about acids also applies to bases. The strength of 
a base re to its ability to accept a proton from a reference acid, which is normally \ reference acid is an acid 
the solve’. Hydroxides of alkali metals and alkaline earth metals, such as NaOH, “!108¢"! Lo Compare Lhe 
KOH, an’ a(OH),, are strong bases. These substances are all strong electrolytes that “StS OF Several bases. 
ionize co! oletely in solution: 
NaOH(aq) —> Na*(aq) + OH (aq) AI alkali metal hydroxides are 
soluble. Of the alkaline earth 
KOH(aq) —> K*(aq) + OH (aq) metal hydroxides, Be(OH)., 
Mg(Ol),, Ca(Ol), are 
Ba(OH)2(aq) —> Ba?*(aq) + 20H (aq) insoluble; Sr(OH), is slightly 
tie soluble; and Ba(OH)» is 
On the © «r hand, ammonia is a weak base. Measurements show that the percent soluble. 
ionizatio \! a 0.10 M NHsg solution at 25°C is only 1.3 percent: Note that NH, does not ionize 
like an acid because il does 
NH,(aq) + H,O(/) = NH#(aq) + OH (aq) not split up to form ions, the 
way, say, HC! does. 
Table | 3 lists some important conjugate acid—base pairs, in order of their relative 
strengths \/e can make several observations in examining this table: 
© If © acid is strong, its conjugate base has no measurable strength. Within a 
seri. of weak acids, the stronger the acid, the weaker its conjugate base, and 
vic rsa. For example, HNO, is a stronger acid than CH;COOH; therefore, 


NO. is a weaker base than CH;COO-. 
TABLE (..3 Relative Strengths of. Conjugate Acid—Base Pairs 


a - a 
Acid Conjugate Base 
Sn ms << e 
iClO4 Clo; 
HI Strong acids. ar 
HBr Assumed to be 100 Br 
HCl percent ionized in lis 
8 H2SO4 aqueous solution. HSO, ey 
Bi HNO; NO; é 
2 4,0 HO g 
Ss  HSO;z soy @ 
= HCOOH Weak acids. HCOO = 
% HNO, At equilibrium, there NO? a 
g HF is a mixture of F- 8 
<  CH;COOH nonionized acid CH,COO 4 
NH? molecules, as well as NH 
HCN the H®* ions and the a 
jugate base. 
H,0 conjugal ae 


NH; 


LL 


*NHy is called the amide ion. 
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A bottle labeled “0.10 MW HCI” 


actually contains 0.10 M H,0*, 


and no molecular HCI at all! 


The amide ion does exist in 
liquid ammonia. 


(b) Ba(OH), is a strong base; each Ba(OH), produces two OH™ ions: 
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@ H,0° is the strongest acid that can exist in aqueous solution. Acids stronger than 


H;O* react with water to produce H,O* and their conjugate bases. Thus HCl, 
which is a stronger acid than H30~, reacts with water completely to form H,0* 
and Cl-: 


HCl(aq) + H,O() —> H30*(aq) + Cl (aq) 


Acids weaker than H3O* react with water to a much smaller extent, producing 
H,0* and their conjugate bases. For example, the following equilibrium lies 
primarily to the left: 


HF(aq) + H,O() = H,0*(aq) + F (aq) 


@ The OH ion is the strongest base that can exist in aqueous solution. Bases 


stronger than OH™ react with water to produce OH™ and their conjugate acids, 
For example, the amide ion (NH; ) is a stronger base than OH, so tt reacts with 
water completely as follows: 


NH) (aq) + H20(/) —> NH3(aq) + OH (aq) 


For this reason the amide ion does not exist in aqueous solutions 
The following example shows calculations of pH for solutions containing a strong 


acid and a strong base. 


EXAMPLE 15.6 


Calculate the pH of (a) a 1.0 x 1073 M HCI solution and (b) a 0.020 M Ba(OH)) solu- 
tion. 


Answer 


(a) Since HCI is a strong acid, it is completely ionized in solution: 
HCl(aq) —> H*(aq) + Cl (aq) 


The concentrations of all the species (HCI, H*, and Cl-) before and after ionization can 
be represented as follows: 


HCl(aq) — H*(aq) + Cl(aq) 


Initial: 1.0 x 10°3M 0.0 M 0.0 M 
Change: —1.0 x 103M +1.0X103°M +1.0x 10° M 
Final: 0.0 M 1.0 x 103M 1.0 x 10°°M 


A positive (+) change represents an increase and a ‘egative (—) change indicates a 
decrease in concentration. Thus 


(H*] = 1.0 x 1073 uw 
pH = —log (1.0 x 1073) 
= 3.00 


Ba(OH)(aq) —> Ba** (aq) + 20H (aq) 
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The changes in the concentrations of all the species can be represented as follows: 
Ba(OH),(aq) —> Ba?*(aq) + 20H (aq) 
Initial: 0.020 M 0.00 M 0.00 M 
Change: —0.020 M +0.020M_ —_+2(0.020) M 
Final: 0.00 M 0.020 M 0.040 M 
Thus 
[OH] = 0.040 M 
pOH = —log 0.040 = 1.40 
Therefore 
pH = 14.00 — pOH 
= 14.00 — 1.40 
= 12.60 
Note (vei in both (a) and (b) we have neglected the contribution of the autoionization of 
water to |H*] and [OH™] because 1.0 X 1077 M is so small compared to 1.0 x 107? M 
and 0.040 M. 
Similar robes 165. | 


The equilibrium position between two weak acids is illustrated in Example 15.7. 


Predict the direction of the following reaction in aqueous solution: 
HNO,(aq) + CN” (aq) == HCN(aq) + NO3 (aq) 
Answer 
From Table 15.3 we see that HNO, is a stronger acid than HCN. Thus CN™ is a stronger 
base than NO. The net reaction will proceed from left to right as written because HNO) 


is a better proton donor than HCN (and CN™ is a better proton acceptor than NO>). 


Similar problem: 15.43. 


The Leveling Effect 


We have seen that one way to compare the strengths of acids is to choose a reference 
base (usually the solvent) and measure the extent to which the acid ak proton to 
the base, However, since the reaction between any acid stronger than H;O0~ and water 
g0es completely to the right, strong acids such as HCIO,, HCI, HNO3, and H,SO, will 
appear to be of equal strength in aqueous solution. Therefore we cannot compare the 
relative strengths of all acids on the basis of their readiness to lose a proton in aqueous 
Solution. The inability of a solvent to differentiate among the relative strengths of all 
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Pure acetic acid is also called 
“glacial acetic acid.” 


This is one of two equivalent 
resonance structures. 
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acids stronger than the solvent’ s conjugate acid is known as the leveling effect because 
the solvent is said to level the strengths of these acids, making them seem identical, 

A simple analogy to the leveling effect is the following. Suppose an «verage adult 
and an Olympic weight lifter want to compare their strengths. First they «‘tempt to lift 
a 15 kg weight. However, since they both can do this with ease, the resv + ‘s inconclu- 
sive. But when they try to lift a 50 kg weight, the Olympic weight lifte: ‘1s it readily 
but the average adult must struggle to do it and may even fail. The \eights here 
correspond to the solvents in which we study the ionization of acids. The | shter weight 
corresponds to water, which exerts the leveling effect that renders com) \son of acid 
strengths inconclusive. 

To compensate for the leveling effect of water we can use a mor ~ cakly basic 
solvent like acetic acid. (This procedure corresponds to the use of a he» r weight to 
compare the relative strengths of the average adult and the Olympic ght lifter.) 
Acetic acid can function as a base by accepting a proton: 


CH;COOH + Ht == CH;COOH} 


The structure of a protonated acetic acid molecule is 


+ 
ye | 
CH,;—C 
Soe 
O—H 
Since acetic acid is a much weaker base than water, it is not as easily pr: ited. Thus 
there are appreciable differences in the extent to which the following reac. as proceed 


from left to right: 
HNO; + CH;COOH == CH,;COOH} + NO; 
HCl + CH;COOH == CH3;COOH} + Cl~ 
HCIO, + CH;COOH == CH;COOH} + ClO; 
H,SO,4 + CH;COOH == CH;COOH} + HSO; 


Measuring the extent of ionization of these and other acids in acetic acid s« ent shows 
that their relative strengths increase as follows: 


HNO; < H)SO,4 < HCl < HBr < HI < HCIO, 


15.5 Molecular Structure and the Strength of Acids 


What makes one acid stronger than another? How can we predict the relative strengths 
of acids in a series of similar compounds? To begin with, we must realize that the 
strength of an acid depends on a number of factors, such as the properties of the 
solvent, the temperature, and, of course, the molecular structure of the acid. When we 
compare the strengths of two acids, we can eliminate some variables by considering 
their properties in the same solvent and at the same temperature. Then we can focus 0n 
the structures of the acids. 

Let us consider a certain acid HX. The factors that determine the strength of the acid 
are the polarity and bond energy of the H—X bond. The more polar the bond, the more 
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e acid ionizes into H* and X~. On the other hand, strong bonds (that is, 
1 high bond energies) are less easily ionized than weaker ones. 

ion we concentrate on two types of acids: binary acids, acids that contain 
‘ferent elements, and ternary acids, acids that contain three different ele- 


Binary ‘ids 


All binar, 2cids contain hydrogen plus another element. The halogens form a particu- 
larly impo. nt series of binary acids called the hydrohalic acids. As we saw earlier, 
the streng\ 1» of the hydrohalic acids increase in the following order: 


HF < HCI < HBr < HI 


Becau { the leveling effect of water, the relative strengths of the strong acids 
HCl, HBr: «1d HI must be studied in some other solvent, such as acetic acid. As Table 
15.4 sho iF has the highest bond dissociation energy of the four hydrogen halides. 
Since mc .ergy is required to break the H—F bond, HF is a weak acid. At the other 
extreme in | ie series, HI has the lowest bond energy, so HI is the strongest acid of the 
group. In \s series of acids the polarity of the bond actually decreases from HF to HI 
because the most electronegative of the halogens (see Figure 8.8). This property 
should ence the acidity of HF relative to the other hydrohalic acids, but its magni- 
tude is n eat enough to break the trend in bond dissociation energies. 

The relvive importance of bond energy versus bond polarity in determining acid 
strength ic :-versed for binary compounds in a particular period of the periodic table. 
Consider binary hydrogen compounds of the second-period elements: CHy, NH3, 
H,0, anc “Ff. Methane (CH4) has no measurable acidic properties whatsoever, 
whereas |) ‘rofluoric acid (HF) is an acid of measurable strength in water. The 
Strengths ©! the compounds as acids increase as follows: 

CH, < NH; < H,0 < HF 
This trend «« the reverse of what we would expect on the basis of bond energy consider- 
ations. (From Table 8.4 we see that the HF molecule has the highest bond energy of the 
four mole: sies.) We can explain the trend by noting the increase in electronegativity as 
We go from © to F. As electronegativity increases, the H—X bond becomes more polar 
(X denotes ‘he C, N, O, or F atom), so the compound has a greater tendency to ionize 
into H i the corresponding anion. 


TABLE 15.4 Bond Dissociation Energies for Hydrogen Halides and Acid 
Strengths for Hydrohalic Acids 


Bond Dissociation Acid Strength 
Bond Energy (kJ/mol) (in water) 
H—F 568.2 weak 
H—Cl 431.9 strong 
H—Br 366.1 strong 


H—I 298.3 strong 
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The sign means “much less 
than,” 


Any molecule containing an H 
atom is potentially an acid. 
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To review the nomenclature of 
inorganic acids see Section 
2.9. 


FIGURE 15.3 Lewis structures 
of some common oxoacids. For 
simplicity, the formal charges 
have been omitted. 
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Ternary Acids 


Most ternary (three-element) acids are oxoacids. Oxoacids, as we learned in Chapter 2, 
contain hydrogen, oxygen, and one other element Z, which occupies a central position. 
The central atom Z is usually B, C, N, P, As, Cl, Br, or I. It may also be a metallic 
element such as Cr or Mn. Figure 15.3 shows the Lewis structures of several common 
oxoacids. As you can see, these acids are characterized by the presence of one or more 
O—H bonds. The strength of an oxoacid depends on the tendency for that O—H bond 
to ionize: 


x Ne ba 
—Z—O—H —>—Z—O + Ht 
/ i 


Any factor that draws the electrons toward the:Z atom strengthens the Z- -O bond and 
weakens the O—H bond. The more readily the O—H bond is broken, the stronger the 
oxoacid is. Factors that favor a strong Z—O bond are high electronegatiy ity and high 
oxidation state of the Z atom, because they both increase the atom’s ability to attract 
electrons. To compare their strengths, it is convenient to divide the oxoacids into two 
groups. 


1. Oxoacids that have different central atoms which are from the same group of the 
periodic table and which have the same oxidation number. Within this group, the 
strengths of the acids increase with increasing electronegativity of the central atom, 
as the following example illustrates: 


20: :0 


08 
H—§—C—O6—H H—6—N—6 H—O—N—O: 


Carbonic acid Nitrous acid Nitric acid 
‘il 20: 
oR ae ell are 
H ne 
H 
Phosphorous acid Phosphoric acid 
303 


nh 
s-——O0——H 


203 


or a a a 3 


Sulfurous acid 


Sulfuric acid 
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i—o—a: H—6—Gi—6: 


Hypochlorous acid (+1) Chlorous acid (+3) 
HOR 


H—O—clI—6: 


Chloric acid (+5) Perchloric acid (+7) 


FIGURE {5.4 Lewis structures of the oxoacids of chlorine. The oxidation number of the Cl 
atom is shown in color, For simplicity, the formal charges have been omitted. 


Cl and Br have the same oxidation number, +7. However, since Cl is more electro- 
negative than Br (see Figure 8.8), the Cl—O bond (in the CI—O—H group) is 
stronger than the Br—O bond (in the BR—O—H group). Consequently, perchloric 
acid has a weaker O—H bond, and the relative acid strengths are 


HCIO, > HBrO4 


2. Oxoucids that have the same central atom but different numbers of attached groups. 
Within this group the acid strength increases as the oxidation number of the central 
atom increases. Consider the oxoacids of chlorine shown in Figure 15.4. The higher 
the oxidation number, the stronger the CI—O bond in the C_-O—H group and, 
therefore, the weaker the O—H bond. Thus HCIO, is the stronger acid, and the acid 
strength decreases as follows: 


HCIO, > HCIO; > HCIO; > HOC! 


The following example compares the strengths of acids based on their molecular 
Structures. 
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Both Nat and Clare spectator 


ions. 


The quantitative 


between weak acids ¢ 


conjugate bases 
next chapter. 


relationship 
heir 
is given in the 
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15.6 Some Typical Acid—Base Reactions 


Having discussed the strengths of acids and bases, we look now at some typical acid— 
base reactions in water solution. Aqueous acid—base reactions are gener::'|y character- 
ized by the following equation: 


acid + base ——> salt + water 


The equilibrium constants for these reactions are very large; therefore all practi- 
cal purposes, they are assumed to go to completion, as indicated by th: gle arrow. 
However, the kind of equation we write for an acid—base reaction depei in whether 
the acid and the base are strong or weak. We will therefore divide these » «ctions into 
four different categories. For simplicity, we will limit our discussion \onoprotic 


acids and to bases such as ammonia and the alkali metal hydroxides. 


Reactions of Strong Acids with Strong Bases 


Strong acids and strong bases are completely ionized in solution. There! the reac- 
tion of a strong acid with a strong base can be represented by the net | equation 


H*(aq) + OH” (aq) —> H,0(1) 


This is the equation for the neutralization of HCl and NaOH, for examp)> ‘NaOH isa 
strong base and ionizes completely in solution. The hydrated Na* ion, N: /), has no 
tendency to accept or donate protons; therefore, it has no effect on ‘) pH of the 
solution. HCl is a strong acid and ionizes completely. The Cl~ ion is ©. extremely 
weak Brgnsted—Lowry base (it is the conjugate base of a strong acid). |” efore, the 
CI” ion has no tendency to accept an H* ion from HO. Consequently, Cl” ions 
also do not affect the pH of the solution. 

A solution prepared by mixing equimolar amounts of a strong monop! acid and 
an alkali metal hydroxide is neutral, with a pH of 7. [The Chemistry \ction on 
pp. 634-635 discusses an interesting strong acid—strong base reaction, between 


HCl and Mg(OH)>.] 


Reactions of Weak Acids with Strong Bases 


Weak acids are largely nonionized in solution, so the ionic equation representing the 
reaction between a weak acid such as CH;COOH and a strong base such as NaOH is 


CH3COOH(aq) + OH (aq) —> CH3;COO~ (aq) + H30(/) 


where the OH” ions are supplied by the base. We noted earlier that conjugate bases of 
strong acids have no measurable base strength. The conjugate bases of weak acids do 
have measurable strength, however, and in general they behave as weak bases. The 
acetate ion (CH3COO_ ) produced in the above reaction is the conjugate base of a weak 
acid; therefore, it reacts to a certain extent with water: 


CH3COO (aq) + H,0(/) —= CH3COOH{(ag) + OH (aq) 
base; acid, acid, base 


Thus the resulting solution is basic as a result of the surplus OH~ ions. The hydrated 
Na” ions are present as spectator ions. 


15.6 SOME TYPICAL ACID-BASE REACTIONS 


Reactions of Strong Acids with Weak Bases 
A typical reaction between a strong acid and a weak base is that of nitric acid (HNO) 
and ammonia (NH3). The ionic equation for this reaction is 

H*(aq) + NH3(aq) —> NH¢(aq) 


where th " ions are supplied by the acid. Since NH} is the weak conjugate acid of 
the weak ase NHs, it reacts with water to a certain extent: 


NHj (aq) + H,0(l) == NH3(aq) + H30*(aq) 


acid, base, base, acid, 
Thus, a s ion prepared by mixing equimolar amounts of HNO; and NH; is acidic. 
(Note th s reaction produces an excess of H* ions.) The NO3 ion is an extremely 
weak coi ite base of the strong acid HNO; and therefore has no tendency to accept 


an H* ic »m HO. 


Reactic'» of Weak Acids with Weak Bases 


Neither \ acids nor weak bases ionize appreciably in solution. The equation repre- 
senting 1 action between a weak acid such as CH;COOH and a weak base such as 
NH; mu erefore be written in molecular form: 


CH3;COOH(aq) + NH3(aq) —> CH3COO (aq) + NH@ (aq) 
In this c both the anion and the cation react with water: 
CH3;COO (aq) + H,O(l) == CH;COOH(aq) + OH (aq) 
NH¢# (aq) + H,O() = NH;(aq) + H30" (aq) 


Whether esulting solution is acidic, basic, or neutral depends on the relative extent 
to which |.» CH;COO™ and NHf¢ ions react with water. We will present a quantitative 
treatment © the reactions between the cation and anion of a salt (CH;COONH, in this 
case) wit! water in the next chapter. 


Acidic, asic, and Amphoteric Oxides 


As we saw in Chapter 7, oxides can be classified as acidic, basic, or amphoteric. 
Therefore, a discussion of acid—base reactions would be incomplete without examining 
the properties of these compounds. . 
Figure 15.5 shows the formulas of a number of binary oxides of the representative 
elements in their highest oxidation states. Note that all alkali metal oxides and all 
alkaline earth metal oxides except BeO are basic. Beryllium oxide and several metallic 
Oxides in Groups 3A and 4A are amphoteric. Nonmetallic oxides in which the oxida- 
tion number of the representative element is high are acidic (for example, N20s, SO3, 
and Cl,O,). Those in which the oxidation number of the representative element is low 
(for example, CO and NO) show no measurable acidic properties. No nonmetallic 


Oxides are known to have basic properties. 
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Basic oxide 


Acidic oxide 


Amphoteric oxide 


FIGURE 15.5 The formulas of a number of oxides of the representative elements in their highest oxidation states 


Note that BeO is also 
amphoteric. Be resembles Al 
because of their diagonal 
relationship in the periodic 
table (p. 288). 


The basic metallic oxides react with water to form metal hydroxides 
Na,O(s) + HzO(/) ——> 2NaOH{(aq) 
BaO(s) + H,O(/) —> Ba(OH) (aq) 


The reactions between acidic oxides and water are as follows: 


CO2(g) + H,0(/) == H2CO3(aq) 
SO3(g) + H,O0(1) == H2SO,(aq) 
N205(g) + H,O(/) == 2HNO;(aq) 
P,O,0(s) + 6H,0(/) == 4H3PO,(aq) 


Cl,07(g) + H,O(/) == 2HCIO,(aq) 


The reaction between CO, and H;0 explains why when pure water is exposed to air 
(which contains CO>) it gradually reaches a pH considerably below 7 (about 5.5). The 
reaction between SO3 and H;0 is partly responsible for the acid rain phenomenon (see 
the Chemistry in Action on pp. 637-640). 

Reactions between acidic oxides and bases and those between basic oxides and 
acids resemble normal acid—base reactions in that the products are a salt and water: 


CO3(8) + 2NaOH(aq) —> Na,CO;(aq) + H,O(/) 
acidic oxide base salt water 


BaO(s) + 2HNO3(aq) — > Ba(NO3).(aq) + H2O(/) 
basic oxide acid salt water 


As Figure 15.5 shows, aluminum oxide (Al,O3) is an amphoteric oxide. Depending 
on the reaction conditions, it can behave either as an acidic oxide or a basic oxide. For 
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example, Al,O3 acts as a base with hydrochloric acid to produce a salt (AICI;) and 
water 


Al,03(s) + 6HCl(aq) —> 2AICI;(aq) + 3H50(/) 
and acts as an acid with sodium hydroxide 
A1,03(s) + 2NaOH(aqg) + 3H,0(/) —> 2NaAl(OH),(aq) 


Note that only a salt, NaAl(OH), [containing the Na* and Al(OH); ions], is formed in 
the latter reaction; no water is produced. Nevertheless, this reaction can still be classi- 
fied as an acid—base reaction because Al,03; neutralizes NaOH. 

Some transition metal oxides in which the metal has a high oxidation number act as 
acidic oxides. Two examples are manganese(VII) oxide (Mn20;7) and chromium(V1I) 
oxide (Cr), both of which react with water to produce acids: 


Mn,0,(/) + H,O() —> 2HMnO,(aq) 
permanganic acid 


CrO3(s) + H,O() —> H,CrO,(aq) 
chromic acid 


Basic and Amphoteric Hydroxides 


We have seen that the alkali and alkaline earth metal hydroxides [except Be(OH),] are 
basic in properties. The following hydroxides -are amphoteric: Be(OH)2, Al(OH)s3, 
Sn(OH),, Pb(OH)>, Cr(OH)3, Ni(OH)2, Cu(OH)2, Zn(OH)2, and Cd(OH)2. For exam- 
ple, aluminum hydroxide reacts with both acids and bases: 


Al(OH),(s) + 3H*(aq) —> Al*(aq) + 3H20() 
AI(OH)3(s) + OH (aq) == Al(OH), (aq) 
It is interesting to note that beryllium hydroxide, like aluminum hydroxide, exhibits 
amphoterism: 
Be(OH)9(s) + 2H*(aq) —> Be?* (aq) + 2H20() 
Be(OH),(s) + 20H (aq) == Be(OH)s (aq) 


This is another example of the diagonal relationship between beryllium and aluminum. 


15.7 Lewis Acids and Bases 


Acid—base properties so far have been discussed in terms of the Brénsted—Lowry 
theory. To behave as a Brgnsted—Lowry base, for example, a substance must be able to 
accept protons. By this definition both the hydroxide ion and ammonia are bases: 


Ht + -:0—H — H—O—H 
i al 

idee — | H-N—H 
I : 
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All amphoteric hydroxides are 
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An average adult produces between 2 and 3 L of gastric 
juice daily. Gastric juice is a thin, acidic digestive fluid 
secreted by glands in the mucous membrane lining the 
stomach. It contains, among other substances, hydro- 
chloric acid. The pH of the gastric juice is about 1.5, 
which corresponds to a hydrochloric acid concentration 
of 0.03 M—a concentration strong enough to dissolve 
zinc metal! What is the purpose of this highly acidic 
medium? Where do the H* ions come from? What hap- 
pens when there is an excess of H* ions present in the 
stomach? 

Figure 15.6 is a simplified diagram of the stomach. 
The inside lining is made up of parietal cells, which are 
fused together, to form tight junctions. The interiors of 
the cells are protected from the surroundings by cell 
membranes. These membranes permit passage of water 
and neutral molecules, but usually block the movement 
of ions such as H*, Na*, K*, and Cl” ions. The H* 
ions come from the carbonic acid (H>CO3) formed as a 
result of the hydration of CO, an end product of me- 
tabolism: 


CO,(g) + H2:0(/) == H2CO3(aq) 
H,CO3(aq) == H* (aq) + HCO}; (aq) 


These reactions take place in the blood plasma bathing 
the cells in the mucosa. By a process known as active 
transport, H* ions move across the membrane into the 
stomach interior. (Active transport processes are 
known to be carried out with the aid of enzymes, but 
the details are not clearly understood at present.) To 
maintain electrical balance, an equal number of Cl~ 
ions also move from the blood plasma into the stom- 
ach. Once in the stomach, most of these ions are pre- 
vented from diffusing back into the blood plasma by 
cell membranes. 

The purpose of the highly acidic medium within the 
stomach is to digest food and to activate certain diges- 
tive enzymes. Eating stimulates H* ion secretion. A 
small fraction of these ions are reabsorbed by the mu- 
cosa, and many tiny hemorrhages result, a normal 
process. About half a million cells are shed every min- 
ute, and a healthy stomach is completely relined every 
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ANTACIDS AND THE pH BALANCE IN YOUR STOMACH 
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i zz, 
three days or so. However, if the acid con is exces- 
sively high, the constant influx of the H” © «s through 
the membrane back to the blood plasma cai suse mus- 
cular contraction, pain, swelling, inflan ion, and 
bleeding. 

One way to temporarily reduce the H* concen- 
tration in the stomach is to take an antacid. se major 
function of antacids is to neutralize excess ~\/! in gas- 
tric juice. Table 15.5 lists the active ing cients of 
some popular antacids. The reactions by ch these 
antacids neutralize stomach acid are as fo Ss! 
NaHCO;(aq) + HCl(aq) —> 

NaCl(aq) + HQ... + CO2(g) 

CaCO;(s) + 2HCl(aq) —> 
CaCl(aq) + H2O\ CO2(g) 

MgCO;(s) + 2HCl(aq) —> 
MgClo(aq) + HO} CO2(g) 


Mg(OH).(s) + 2HCl(aq) —> MgCl.(aq) + 2 !) 


Al(OH) 2NaCO3(s) + 4HCl(aq) —> 
AICl;(aq) + NaCl(aq) + 3H20\ 


mbrane 


HCl(aq) 


Blood plasma 
To intestines 
Cl Ht (active transport) 


FIGURE 15.6 A simplified diagram of the human stomach. 
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» released by most of these reactions increases TABLE 15.5 Some Common Commercial Antacid Prepara- 
ressure in the stomach, causing the person to _—ens 
€ fizzing that takes place when an Alka-Selt- Commercial Name Active Ingredients 
zer tab'c! dissolves in water is caused by carbon diox- 
ide, which is released by the reaction between citric  A!ka-2 Calcium carbonate 
acid an. sodium bicarbonate: Alka-Seltzer Aspirin, sodium bicarbonate, 
citric acid 
CyH7O;)' OOH)(aq) + NaHCO3(aq) —> Bufferin Aspirin, magnesium carbonate, 
cit.» acid aluminum glycinate 
C4H7OsCOONa(aq) + H,O(1) + CO3(g) Buffered aspirin Aspirin, magnesium carbonate, 
sodium citrate aluminum hydroxide-glycine 
Milk of magnesia Magnesium hydroxide 
Th cosa is also damaged by the action of aspi- _Rolaids Dihydroxy aluminum sodium 
rin. A® vin, or acetylsalicylic acid, is itself a moder- carbonate 
ately < acid: Tums Calcium carbonate 
rf 9 Once an acetylsalicylic acid molecule enters such a 
OC 2) Behe eS pocket, it ionizes into H* and acetylsalicylate ions. 
| = = +H* — These ionic species then become trapped in the interior 
oe —OH c—o : j . ; 
| regions of the membrane. The continued buildup of 
fo) ions in this fashion weakens the structure of the mem- 
acetylsalicylic acid acetylsalicylate ion brane, and eventually causes bleeding. Approximately 
2 mL of blood is usually lost for every aspirin tablet 
In the cence of the high concentration of H* ions in . taken, an amount not generally considered harmful. 
the sti h, this acid remains largely unionized. Ace- However, the action of aspirin can result in severe 
tylsalic, \¢ acid is a relatively nonpolar molecule and, _ bleeding for some individuals. It is interesting to note 
as such). lias the ability to penetrate membrane barriers _ that the presence of alcohol makes acetylsalicylic acid 
that a so made up of nonpolar molecules. However, even more soluble in the membrane, and so further pro- 
insidk membrane are many small water pockets. motes the bleeding. 
In each . the atom to which the proton becomes attached possesses at least one 
unshare.’ ~»ir of electrons. This characteristic property of the OH” ion, of NHs, and of 
other Br-»sted—Lowry bases suggests a more general definition of acids and bases. 


The Ancrican chemist G. N. Lewis formulated such a definition. According to 
‘inition, a base is a substance that can donate a pair of electrons, and an 
ubstance that can accept a pair of electrons. For example, in the protonation 


Lewis’s « 
acid is @ 


Lewis presented his theory of 
acids and bases in 1932, the 
same year thal Bronsted and 
Lowry introduced theirs, 


of ammonia, NH; acts as a Lewis base because it donates a pair of electrons to the 


proton H 


_ which acts as a Lewis acid by accepting the pair of electrons. A Lewis 


acid—base reaction, therefore, is one that involves the donation of a pair of electrons 
from one species to another. As we will see below, such a reaction does not produce a 


Salt and water. 


The significance of the Lewis concept is that it is much more general than other 
definitions; it includes as acid—base reactions many reactions that do not involve 
Brdnsted—Lowry acids. Consider, for example, the reaction between boron trifluoride 
(BF3) and ammonia: r OH F H 

| 


| 
sn +:N—H — "aie 


Lak FoH 


All Bronsted—Lowry bases are 
Lewis bases. 


A coordinate covalent bond 
(see p. 330) is always formed 
in a Lewis acid—base reaction. 
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In Section 9.5 we saw that the B atom in BF; is sp?-hybridized. The vacant, unhybrid- 
ized 2p orbital accepts the pair of electrons from NH3. So we see that BF; functions as 
an acid according to the Lewis definition, even though it does not contain an ionizable 
proton. 

Another Lewis acid containing boron is boric acid. Boric acid (a weak acid used in 
eyewash) is an oxoacid with the following structure: 


H 


| 
pO 
a lM oe 
H—oO—B—0O—H 
boric acid 


However, unlike the oxoacids shown in Figure 15.3, boric acid does not ionize in 
water to produce an H* ion. Instead, its reaction with water is 


B(OH)3(aq) + H,O(/) == B(OH); (aq) + H* (aq) 


In this Lewis acid—base reaction, boric acid accepts a pair of electrons trom the hy- 
droxide ion that is derived from the HO molecule. 
The hydration of carbon dioxide to produce carbonic acid 


CO2(g) + H,0() == H2CO3(aq) 


can be understood in the Lewis framework as follows: The first step involves donation 
of a lone pair on the oxygen atom in H,O to the carbon atom in CO). An orbital is 
vacated on the C atom to accommodate the lone pair by removal of the electron pair in 
the C—O pi bond. These shifts of electrons are indicated by the curved arrows. 


: 1 


a sen e 

ng emia mo me 

bal | ll 
10: 


H :0O: 


H 


Therefore, HO is a Lewis base and CO) is a Lewis acid, Next, a proton is transferred 
onto the O atom bearing a negative charge to form H>CO3. 


Piet Or |p fe) . 
capa 
nO If ey Cac 
laa les ol 
H :0: H :0: 
Other examples of Lewis acid—base reactions are 


Ag*(aq) + 2NH3(aq) == Ag(NH;)3 (aq) 
acid base 
Cd?* (aq) + 4I-(aq) == Cdl}-(aq) 
acid base 


Ni(s) + 4CO(g) == Ni(CO)4(g) 
acid base 
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It is important to note that the hydration of metal ions in solution is in itself a Lewis 
acid—base reaction. Thus, when copper(II) sulfate (CuSO,) dissolves in water, each 
Cu’* ion is associated with six water molecules as Cu(H30)@". In this case, the Cu2* 


ion acts as the acid and the H,O molecules act as the base. 
h the Lewis definition of acids and bases is of greater significance because 
erality, we normally speak of ‘‘an acid’’ and ‘‘a base’’ in terms of the 


of its ge 


Brgénsted—Lowry definition. The term ‘‘Lewis acid’’ usually is reserved for substances 
that can accept a pair of electrons but do not contain ionizable hydrogen atoms. 


Classification of Lewis acids and bases is demonstrated in the following example. 
I 
EXAMPLE 15.9 


Identify 


(a) SoCly(s) + 2CI(aq) == SnClz (aq) 
(b) Pg?" (ag) + 4CN“ (aq) === Hg(CN)x (aq) 
(c) Co’ (ag) + 6NH3(aq) == Co(NH3)8* (aq) 


wis acid and CN™ is the Lewis base. 


Simiii problem: 15.55. 


the Lewis acid and Lewis base in each of the following reactions: 


Answer 
(a) In tais reaction, SnCly accepts two pairs of electrons from the Cl” ions. Therefore 
Sn}, is the Lewis acid and Cl” is the Lewis base. ‘ 


‘ore the Hg?* ion accepts four pairs of electrons from the CN” ions. Therefore Hg?* 


(c) In this reaction, the Co** ion accepts six pairs of electrons from the NH; molecules. 
There ‘ore, Co3* is the Lewis acid and NH; is the Lewis base. 


Both sulfur dioxide (SO>) and sulfur trioxide (SO3) are 
highly toxic substances. Acidic oxides, they react with 
water to give the corresponding acids sulfurous acid 
(H,SO3) and sulfuric acid (H2SO,). The increasing 
concentration of these molecules in the atmosphere has 
posed a serious environmental problem in recent years— 
acid rain. Precipitation in the northeastern United 
States, for example, has an average pH of about 4. 
Since atmospheric CO, in equilibrium with rainwater 
would not be expected to result in a pH less than 5.5, 
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SO, and to a less extent nitrogen oxides from auto 
emissions are responsible for the high acidity. The 
problem is not unique to the United States; any region 
with a high density of industrial installations also has 
precipitation with a pH of 4 or lower. 

There are several sources of SO,. Nature itself is 
responsible for much SO, emission in the form of vol- 
canic eruptions. Also, many metals exist in the com- 
bined form with sulfur in nature. The first step in refin- 
ing these ores is often smelting or roasting, the process 
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| of heating the metal sulfide in air to form the metal 
oxide: 


2ZnS(s) + 302(g) —> 2ZnO(s) + 2SOr(g) 


The oxide can be more easily reduced (by a more reac- 
tive metal or in some cases by carbon) to the free metal. 
Although this is an important source of SO,, burning 
fossil fuels (natural gas, oil, and coal) in industry, in 
power plants of electrical generating stations, and in 
homes accounts for most of the SO, emitted to the at- 
mosphere (Figure 15.7). The sulfur content of coal 
ranges from 0.5 to 5 percent by mass, depending on the 
source of the coal. The sulfur content of other fossil 
fuels is similarly variable. Oil from the Middle East is 
low in sulfur, and that from Venezuela high. All in all, 
some 50 to 60 million tons of SO, are released to the 
atmosphere each year! 

Some of the SO) in air is oxidized to SO; by any of 
several pathways. For example, it may react with 
ozone as follows: 


SO2(g) + O3(g) —+ SO3x(g) + O2(g) 
An SO, molecule may be photoexcited by sunlight 
SO2(g) + hv —> S03(g) 
and then undergo the reactions 
SO3(g) + Ox(g) —> SOx(g) 
SO4(g) + SO2(g) —> 2S0(g) 


FIGURE 15.7 Sulfur dioxide 
and other air pollutants being 
released into the atmosphere 
from a coal-burning power 
plant. 
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where the SO, species is a reactive inter 
another reaction sequence, dust or other s 
present in the atmosphere can act as hetero 
alysts for the reaction 


2SO2(g) + O2(g) —> 2SO3(g 


Both SO, and SO; are converted to t 
rainwater. The resulting acids can corro: 
made of limestone and marble (CaCO3;). 
action is 


CaCO;(s) + H,SO4(aq) —> 
CaSO,4(s) + H»K 


Sulfur dioxide can also attack calcium « 
rectly: 


2CaCO;(s) + 2SO2(g) + O2(g) —> 
2CaSO,4( 


Every year, acid rain causes hundreds o! 
dollars’ worth of damage to buildings and 
term ‘‘stone leprosy’’ is used by some en 
chemists to describe the corrosion of ston 
acid rain (Figure 15.8). Acid rain is als 
harmful to vegetation and aquatic life. 
documented cases show dramatically how : 
destroyed agricultural and forest lands and } 
lakes (Figure 15.9). 

There are two ways to minimize the eff 
pollution. The most direct approach is to re 


ediate. In 
| particles 
1eOUS Cat- 


icids by 
uildings 
ical re- 


CO,(g) 


vate di- 


1CO3(g) 


ions of 
s. The 
mental 
ised by 
remely 

well- 
1in has 
fish in 


of SO, 
sulfur 


from 

logic: 
less € 
exam 
into { 
(Figur 
deco: 


| fuels before combustion, but this is techno- The quicklime reacts with SO, produced by combus- 
ifficult to accomplish. A cheaper (although tion to form calcium sulfite and some calcium sulfate: 
nt) way is to remove SO; as it is formed. For 
1 one process powdered limestone is injected 
»wer plant boiler or furnace along with coal 


5.10). At high temperatures the following To remove any remaining unreacted SO2, an aqueous 


tion occurs: 


CaCO3(s) —» CaO(s) + CO2(g) 


limestone 


quicklime 


CHEMISTRY IN ACTION/ACID RAIN 639 


FIGURE 15.8 Photos of a 
statue, taken about sixty years 
apart (in 1908 and 1969), show 
the damaging effects of air pol- 
lutants such as sulfur dioxide. 


CaO(s) + SO.(g) ——> CaSO,(s) 
2CaO(s) + 2SO2(g) + O(g) —> 2CaSO,(s) 


suspension of quicklime is injected into a purification 
chamber prior to the gases’ escape through the smoke- 
stack. 


FIGURE 15.9 A forest dam- 
aged by acid rain. 
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a -| 
23? 


C3 ___ Mostly CO, 
a and air 


Purification 
chamber 


Furnace 


Aqueous 
suspension of 


S +0) +802 
CaCO; + CaO + COz 
CaO + SO, > CaSO3 


FIGURE 15.10 Common procedure for removing sulfur dioxide from burning fossil fuel. Powdered limestone decomposes into 
CaO, which reacts with SO to form CaSO3. The remaining SO2 then enters a chamber where it reacts with an aqueous 
suspension of CaO to form CaSO3. 


Finally we note that some metal ore refining sites sis (see p. 124). This is a very sensible wey to tum 
have installed a sulfuric acid plant nearby. The SO, what is a pollutant in one process into a useiul starting 
produced in the process of roasting the metal sulfides is material for another process! 
captured for use in the first step of sulfuric acid synthe- 


SUMMARY 


1. Arrhenius acids increase hydrogen ion concentration in aqueous solution, and 
Arrhenius bases increase hydroxide ion concentration in aqueous solution. 

2. Brgnsted—Lowry acids donate protons, and Brgénsted—Lowry bases accept pro- 
tons. This is the definition that normally underlies the use of the terms ‘‘acid’’ and 
““‘base.’” 

3. The acidity of an aqueous solution is expressed as its pH, which is defined as the 
negative logarithm of the hydrogen ion concentration (in mol/L). 

4. At 25°C, an acidic solution has pH < 7, a basic solution has pH > 7, anda neutral 
solution has pH = 7. 

5. The strength of an acid or a base is measured by the extent of its ionization in 
solution. 

6. The solvent plays an important role in determining the strength of an acid. The 
leveling effect is the inability of a solvent to differentiate among the relative 
strengths of all acids stronger than its conjugate acid. 


. Lev 


EXERCISES 


. In aqueous solution, the following are classified as strong acids: HC1O,4, HI, HBr, 


HCl, H2SO,4 (first stage of ionization), and HNO}. The following are classified as 
strong bases in aqueous solution: hydroxides of alkali metals and of alkaline earth 
metals (except beryllium). ? 


. The relative strengths of acids can be explained qualitatively in terms of their 


molecular structures. 


. Most oxides can be classified as acidic, basic, or amphoteric. Metal hydroxides 


are either basic or amphoteric. 

acids accept pairs of electrons and Lewis bases donate pairs of electrons. 
The term ‘Lewis acid’’ is generally reserved for substances that can accept elec- 
tron pairs but do not contain ionizable hydrogen atoms. 
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Binary acid, p. 627 
Brgnsted—l_owry acid, p. 615 
Brgnsted—Lowry base, p. 615 
Conjugate acid—base pair, p. 615 


EXER('SES+ 
GENEK: PROPERTIES OF ACIDS AND BASES 
REVIEW QUESTIONS 


Ion-product constant, p. 618 
Leveling effect, p. 626 
Lewis acid, p. 635 
Lewis base, p. 635 


Percent ionization, p. 622 
pH, p. 619 
Ternary acid, p. 627 


H30*, (d) NH3, (e) NH, (f) NH2, (g) NOs, (h) 
C03", (i) HBr, (j) HCN. 


15.8 What are the names and formulas of the conjugate bases 
15.1 List some general properties of acids. of the following acids? (a) HNO2, (b) H2SOq, (c) H28, 
15.2 List some general properties of bases. (d) HCN, (e) HCOOH (formic acid) . 
15.3 Name the following acids, and identify them as inor- 15.9 Identify the acid—base conjugate pairs in each of the 
sare weet following reactions: 
ganic or organic: (a) HBr, (b) HNO2, (c) CH3;COOH, 2 ie 
(d) H,PO,, (e) H»CO3, (f) HCOOH, (g) HCIO,, (h) (a) CH3COO™ + HCN LE tee + CN 
HC10;, (i) HF. (The nomenclature of inorganic acids is (b) NH + NH peer es 2 
discussed in Section 2.9.) (c) HF + NH; —= NH; a 
(d) HCO; + HCO; == HCO; + CO3 
BRONS.D—LOWRY ACIDS AND BASES (e) HoPO; + NH; == HPO} + NH? 
misty i (f) HOC] + CH;NH; = CH3NH? + ClO~ 
REVIEW QUESTIONS (g) CO} + HO —= HCO; + OH 
15.4 Define Brgénsted—Lowry acids and bases. How do the (h) Zn(OH) + 20H” == ZnO3” + 2H,0 - 
Brgnsted—Lowry definitions differ from Arrhenius’s (i) CH3;COO™ + H,0 === CH;COOH + OH 
definitions of acids and bases? 15.10 Give the conjugate acid of each of the following bases: 
‘ ? hi ‘ ag Mm aS 
15.5 In order for a species to act as a Bronsted—Lowry base, (a) na (b) HCOs , (c) CO} 39 HPO, , (¢) HPOs", 
an atom in the species must possess a lone pair. Explain (f) POs, (g) HSO4, (h) S04”, (i) HSO3, Gj) SO3". 
why this is so 15.11 Give the conjugate base of each of the following acids: 
15.6 Give : : jugate pair in an acid—base (a) CH,CICOOH, (b) HIO4, (c) H3PO4, (d) H2POz4 , (e) 
Bie Ae eine HPO}, (f) H2SO,, (g) HSOj , (h) Hs, (i) HSO5, (j) 
NH#, (k) HS, (1) HS~, (m) HOCI. 
PROBLEMS 15.12 Oxalic acid (C,H2O,) has the following structure: 
15.7 Classify each of the following species as a Bronsted— o=¢—0—H 
Lowry acid or base, or both: (a) H,0, (b) OH”, (©) | 
Oo=C—O—H 


tUnless otherwise stated, the temperature is assumed to be 25°C for all 


problems. 


An oxalic acid solution contains the following species in 
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varying concentrations: C2H O04, C2HO; , C037, and 
H™. (a) Draw Lewis structures of C)HO4 and Go; 
(b) Which of the above four species can act only as 
acids, which can act only as bases, and which can act 
both as acids and bases? 


pH AND pOH CALCULATIONS 
REVIEW QUESTIONS 


15.13 What is the ion-product constant for water? 

15.14 Write an equation relating [H*] and [OH] in solution 
geese, 

15.15 The ion-product constant for water is 1.0 x 10°'* at 
25°C and 3.8 x 107'* at 40°C. Is the process 


H,O(/) —> H*(aq) + OH (aq) 


endothermic or exothermic? 

15.16 Define pH. Why do chemists normally choose to dis- 
cuss the acidity of a solution in terms of pH rather than 
hydrogen ion concentration, {H*]? 

15.17 Complete the following table for a solution: 


pH [H*] Solution is 


Ea 


| <1.0 x 10°7M 


| Neutral 


15.18 The pH of a solution is 6.7. From this statement alone, 
can you conclude that the solution is acidic? If not, what 
additional information would you need? 

15.19 Define pOH. Write an equation relating pH and pOH. 

15.20 Calculate the pH of a 0.26 M HNO; solution. 

15.21 Can the pH of a solution be zero or negative? If so, give 
examples to illustrate these values. 


PROBLEMS 


15.22 Indicate whether the following solutions are acidic, 
basic, or neutral: (a) 0.62 M NaOH, (b) 1.4 x 10-7 M 
HCI, (c) 2.5 x 107!! M Ht, (d) 3.3 x 10°'!° MOH”. 

15.23 Calculate the hydrogen ion concentration for solutions 
with the following pH values: (a) 2.42, (b) 11.21, (c) 
6.96, (d) 15.00. 

15.24 Calculate the hydrogen ion concentration in mol/L for 
each of the following solutions: (a) a solution whose pH 
is 5.20, (b) a solution whose pH is 16.00, (c) a solution 
whose hydroxide concentration is 3.7 x 10-° M. 

15.25 Calculate the pH of each of the following solutions: (a) 
0.0010 M HCI, (b) 0.76 M KOH, (c) 2.8 x 104M 
Ba(OH)p, (d) 5.2 x 10°* M HNO3. 


: GENERAL PROPERTIES 


15.26 Calculate the pH of water at 40°C, given that Ky is 
3.8 x 107!4 at this temperature. 
15.27 Fill in the word acidic, basic, or neutra! ‘or the follow- 
ing solutions: 
(a) pOH > 7; solution is 
(b) pOH = 7; solution is 
(c) pOH <7; solution is —____— 
15.28 The pOH of a solution is 9.40. Calcul: 
ion concentration of the solution. 


‘he hydrogen 


15.29 A solution is made by dissolving 18. » of HCI in 
662 mL of water. Calculate the pH of ti) .olution. (As- 
sume that the volume of the solution |. «so 662 mL.) 

15.30 How much NaOH (in grams) is ne: to. prepare 
546 mL of solution with a pH of 10.‘ 

15.31 Calculate the number of moles of KOH 50 mL ofa 
0.360 M KOH solution. What is the p( © of the solu- 
tion? 

STRENGTHS OF ACIDS 

REVIEW QUESTIONS 

15.32 Explain what is meant by the strength in acid. 

15.33 Without referring to the text, write the tulas of four 


strong acids and four weak acids. 
15.34 What are the strongest acid and strong: 
exist in water? 


ise that can 


15.35 H2SO, is a strong acid but HSO, is a k acid. Ac- 
count for the difference in strength of ( two related 
species. 

15.36 Explain the leveling effect and its influc »n the study 
of the strength of acids. 

15.37 Give two examples of a strong oxoacic two exam- 
ples of a weak oxoacid. 

PROBLEMS 

15.38 Classify each of the following species a weak or 
strong acid: (a) HNO, (b) HF, (c) H2SO.. (d) HSO4, 


(e) H:COs, (f) HCO;, (g) HCI, (h) HON, (i) HNO2. 

15.39 Classify each of the following species as a weak of 
strong base: (a) LiOH, (b) CN~, (c) H2O, (d) C104, (©) 
NH;. 

15.40 You are given two aqueous solutions containing a strong 
acid (HA) and a weak acid (HB), respectively. Describe 
how you would compare the strengths of these two acids 
by (a) pH measurement, (b) electrical conductance 
measurement, (c) studying the rate of hydrogen gas eV0- 
lution when these solutions are reacted with an active 
metal such as Mg or Zn. 

15.41 Which of the following statements is/are true regarding 
a 0.10 M solution of a weak acid HA? 

(a) The pH is 1.00. 
(b) [H*] > [A7] 


(c) [H*] = [A7] 
(cd) The pH is less than 1. 
15.42 Which of the following statements is/are true regarding 
a |.0 M solution of a strong acid HA? 
(a) {A7] > (H*] 
The pH is 0.00. 
¢} [Ht] = 1.0M 
(J, (HA) = 1.0M 
15.43 FP ‘ct the direction that predominates in this reaction: 


FP’ (aq) + H,O0(l) == HF(aqg) + OH (aq) 


15.44 \ is the strongest acid that can exist in (a) water, (b) 
1! acetic acid, (c) liquid ammonia? What is the 
vest base that can exist in (a) water, (b) liquid 

‘ nia? 
15.45 | ‘| whether the following reaction will proceed 
f left to right to any measurable extent: 


CH3;COOH(aq) + Cl (aq) —> 


vare the strengths of the following pairs of oxo- 

(a) H2SO4 and H,SeO,, (b) H2SO3 and H2SeO;, 

( PO, and H3AsQx4, (d) HBrO, and HIO,. 

15.47 | ct the acid strengths of the following compounds: 
i HS, and H2Se. 

15.48 . of the following acids is the stronger: CH;COOH 
f ,CICOOH? Explain your choice. 

der the following compounds: 


43 


( \ O—H CH,—O—H 


phenol methanol 


rimentally phenol is found to be a stronger acid 
methanol. Explain this difference in terms of the 
tures of the conjugate bases. (Hint: A more stable 
igate base favors ionization. Only one of the conju- 
bases can be stabilized by resonance.) 


ACID—BASE REACTIONS 
REVIEW QUESTIONS 


15.50 Write balanced ionic equations for the following: (a) 
NaOH solution reacts with NH,Cl to form H,0 and the 
conjugate base of NH7. (b) HCI solution reacts with 
CH;COONa to form the conjugate acid of CH;COO™. 

15.51 Write balanced net ionic equations for the reactions 
when solutions of the following substances are mixed: 
(a) perchloric acid and ammonia; (b) carbonic acid and 
potassium hydroxide; (c) barium hydroxide and acetic 
acid; (d) nitric acid and sodium carbonate. 
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LEWIS ACIDS AND BASES 
REVIEW QUESTIONS 


15.52 What are the Lewis definitions of an acid and a base? In 
what way are they more general than the Brénsted— 
Lowry definitions? 

15.53 In terms of orbitals and electron arrangements, what 
must be present for a molecule or an ion to act as a 
Lewis acid (use H* and BF; as examples)? What must 
be present for a molecule or ion to act as a Lewis base 
(use OH™ and NH; as examples)? 


PROBLEMS 


15.54 Classify each of the following species as a Lewis acid or 
a Lewis base: (a) CO2, (b) H20, (c) I”, (d) SOs, (e) 
NH3, (f) OH, (g) H*, (h) BCI. 

15.55 Describe the following reaction according to the Lewis 
theory of acids and bases: 


AICI;(s) + Cl” (aq) —— AICI, (aq) 


15.56 Which would be considered a stronger Lewis acid: (a) 
BF; or BCl3, (b) Fe?* or Fe**? Explain. 

15.57 Describe the hydration of SO, as a Lewis acid—base 
reaction. (Hint: Follow the procedure for the hydration 
of CO, on p. 636.) 

15.58 All Brénsted—Lowry acids are Lewis acids but the re- 
verse is not true. Give two examples of Lewis acids that 
are not Brgénsted—Lowry acids. 


MISCELLANEOUS PROBLEMS 


15.59 Write balanced molecular and ionic equations for the 
following neutralization reactions: (a) KOH + H3PO,, 
(b) NH; + H2SO4, (c) Mg(OH), + HCIO,4, (d) 
NaOH + HCO. 

15.60 Use the ionization of HCN in water as an example to 
illustrate the meaning of dynamic equilibrium. 

15.61 Give an example of (a) a weak acid that contains oxygen 
atoms, (b) a weak acid that does not contain oxygen 
atoms, (c) a neutral molecule that acts as a Lewis acid, 
(d) a neutral molecule that acts as a Lewis base, (e) a 
weak acid that contains two ionizable H atoms, (f) a 
conjugate acid—base pair, both of which react with HCl 
to give carbon dioxide gas. 

15.62 A typical reaction between an antacid and the hydro- 
chloric acid in gastric juice is 


NaHCO;(aq) + HCl(aq) —~> 
NaCl(aq) + H,O(/) + CO,(g) 


Calculate the volume (in L) of CO, generated from 
0.350 g of NaHCO; and excess gastric juice at 1.00 atm 
and 37.0°C. 
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15.64 


15.65 
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Explain why metal oxides tend to be basic if the oxida- 
tion number of the metal is low and acidic if the oxida- 
tion number of the metal is high. (Hint: Metallic com- 
pounds with low oxidation numbers of the metals are 
more ionic than those in which the oxidation numbers of 
the metals are high.) 

Arrange the oxides in each of the following groups in 
order of increasing basicity: (a) K20, AlsO3, BaO, (b) 
CrO3, CrO, Cr203. 

Zn(OH)> is an amphoteric hydroxide. Write balanced 
ionic equations to show its reaction with (a) HCl and (b) 
NaOH [the product is Zn(OH)j- ]. 


15.66 Al(OH); is an insoluble compound. It dissolves in ex- 
cess NaOH in solution. Write a balanced ionic equation 
for this reaction. What type of reaction is this? 

15.67 Classify the following oxides as — basic, ampho- 
teric, or neutral: (a) CO2, (b) K,0, (c) CaO, (d) N30, 
(e) CO, (f) NO, (g) SnOp, (h) SO3, (i) A Als Os, (j) BaO, 

15.68 Which of the following is the strong 
NH3? (Hint: F is more electronegative tha 

15.69 Which of the following is the stronger base: NHy or 
PH;? (Hint: The N—H bond is stronger ‘han the P—H 
bond.) 


hum 
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the cells of gastric glands, monitored by using a fluorescent dye. Although local changes in pH occur all the time in the 
vody, the overall pH in various regions is maintained by one or more buffer systems. 


WEAK ACIDS AND ACID IONIZATION 
CONSTANTS 

*ercent Ionization 

WEAK BASES AND BASE IONIZATION 
CONSTANTS 

THE RELATIONSHIP BETWEEN 
CONJUGATE ACID—BASE IONIZATION 
CONSTANTS 

DIPROTIC AND POLYPROTIC ACIDS 


ACID—BASE PROPERTIES OF SALTS 
Salts that Produce Neutral Solutions / Salts 
that Produce Basic Solutions / Salts that 
Produce Acidic Solutions / Salts in Which Both 
the Cation and the Anion Hydrolyze 


16.6 


16.7 


16.8 


16.9 


THE COMMON ION EFFECT 


BUFFER SOLUTIONS 

Distribution Curves / Preparing a Buffer 
Solution with a Specific pH 

CHEMISTRY IN ACTION / MAINTAINING THE pH 
OF BLOOD 


A CLOSER LOOK AT ACID—BASE 
TITRATIONS 

Titrations Involving a Strong Acid and a 
Strong Base / Titrations Involving a Weak Acid 
and a Strong Base / Titrations Involving a 
Strong Acid and a Weak Base 


ACID—BASE INDICATORS 
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hapter 15 described the general properties of acids and bases. This chapter deals 
quantitatively with acid and base ionization in water. Our discussion here is based on 
a single concept—chemical equilibria in solution. 


All concentrations in this 
equation are equilibrium 
concentrations. 


Before 
ionization At equilibrium 
HA H* A~ 


(a) 


FIGURE 16.1. The extent of 
ionization of (a) a strong acid 
that undergoes 100 percent ioni- 
zation, (b) a weak acid, and (c) a 
very weak acid. 


16.1 Weak Acids and Acid Ionization Constants 
Consider a weak monoprotic acid HA. Its ionization in water is repre. ted by 
HA(aq) + H,O(l) == H30*(aq) + A (aq) 
or simply 
HA(aq) == H*(aq) + A (aq) 


The equilibrium constant for this acid ionization, which we call the « ionization 
constant, K,, is given by 


a [H*][A7] 
*“ [HA] 
At a given temperature, the strength of the acid HA is measured quanti. vely by the 
magnitude of K,. The larger K,, the stronger the acid—that is, the grea‘, ie concen- 
tration of H* ions at equilibrium due to its ionization. 

In Chapter 15 we saw that the strongest acid that can exist in water 1,0*. Itis 
therefore useful to calculate its ionization constant because this value be used to 
distinguish between strong and weak acids. The ionization of H3;O given by 

H30* (aq) + H,0(/) == H0(1) + H30* (aq) 
Since the HO on the left of the equation represents the solvent (which « s not enter 


into the equilibrium constant expression) and that on the right represents ‘he product 
(which does enter into the equilibrium constant expression), we can w K, as 


_ (H,0)[H,044 
[H30*1 


Recall that [H20] = 55.5 M (see p. 581). Acids such as HCI, HNOs, and HSOx (see 
Table 15.3) are assumed to be completely ionized in solution. This means that their Ky 
values are much larger than 55.5. 

Acids with K, less than 55.5 are considered weak acids in aqueous solutions. Be- 
cause the ionization of weak acids is never complete, all species (the nonionized acid, 
the H* ions, and the A~ ions) are present at equilibrium (Figure 16.1). Table 16.1 lists 
a number of weak acids and their K, values in order of decreasing acid strength. Note 
that these values are all considerably less than 55.5, so we would expect that at equilib- 
rium the predominant species in solution (other than the solvent) is the nonionized 
acid. This is indeed the case. Although these are all weak acids, within the group there 
is great variation in acid strength. For example, K, for HF (7.1  10~*) is about 1.5 
million times that for HCN (4.9 x 107!°), 

We can calculate K, from the initial concentration of the acid and the pH of the 
solution, and we can use K, and the initial concentration of the acid to calculate 


K, = [H,0] = 55.5 
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TABLE 10.1 Lonization Constants of Some Weak Acids at 25°C 
—S eS 
Name 0; Acid Formula Structure K, Conjugate Base K, 
mE 
Hydroflusric acid HF H—F Tax 10 F i x 10" 
Nitrous ac! HNO, O=N—O—H 45% 40" NOZ 
99° 10°" 
fe) 
I 
Acetylsalicylic acid CoH,0, ae oe 3.0 x 10  C,H,O7 3.3 x 107" 
(aspiri Oo—C— CH, 
I 
oO 
fe) 
I ri 
Formic acs HCOOH H—C€—o—H 1.7 x 10 HCOO™ 5.9 x 107"! 
H—O. OH 
X i 
H c—C 
A . XS a Ss —5 sas —10. 
Ascorbic 2vid* CHO, pee eT? 8.0 x 10 C.H,05 1.3 x 10 
CHOH ~o 
| 
CH,OH 
1 
Benzoic acd C,H;COOH C)-c-0-# 657% 10° C,H;,COO™ 1:5 « 107° 
1 
Acetic 2 CH,COOH CH,—C—O—H US ocO= CH,COO™ 5.6 x 107" 
Hydrocye:.° acid HCN H—C=N 49x 10° ¢N7 2.0 x 10-5 
Phenol C,H,OH C)-o-# 13x 107 — C,H;07 ae 1Or 


be 
*For ascorbic acid it is the upper left hydroxyl group that is associated with this ionization constant. 


equilibrium concentrations of all the species and pH of solution. In calculating the 
equilibrium concentrations in a weak acid, we follow essentially the same procedure 
outlined in Section 14.5; the systems may be different, but the calculations are based 
on the same principle, the law of mass action [Equation (14.2)]. The three basic steps 
are: 


1. Express the equilibrium concentrations of all species in terms of the initial concen- 
trations and a single unknown, which we call x. 
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See Appendix 4 for a 
discussion of the quadratic 
equation. 


The sign > means 
“approximately equal to.” 
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_ Write the acid ionization constant in terms of the equilibrium concentrations, 


Knowing the value of K,, we can solve for x. 


. Having solved for x, calculate the equilibrium concentrations of all species and/or 


the pH of the solution. 


Unless otherwise stated, we will assume that the temperature is 25°C for all such 
calculations. 


The following three examples illustrate the calculations using the above procedure, 


EXAMPLE 16.1 


Calculate the concentrations of the nonionized acid and of the ions of a 0.1) M formic 
acid (HCOOH) solution at equilibrium. 


Answer 

Step 1 

Table 16.1 shows that HCOOH is a weak acid. Since it is monoprotic, HCOOH 
molecule ionizes to give one H* ion and one HCOO™ ion. Let x be the equilibrium 
concentration of H* and HCOO™ ions in mol/L. Then the equilibrium concentration of 


HCOOH must be (0.100 — x) mol/L or (0.100 — x) M. We can now susimarize the 
changes in concentrations as follows: 


HCOOH(aq) == H*(aq) + HCOO (ag 


Initial: 0.100 M 0.000 M 0.000 M 
Change: —xM +x M +x M 
Equilibrium: (0.100 — x) M xM xM 
Step 2 
According to Table 16.1 
H*][HCOO~ 
K,= TEES Taga 105° 
[HCOOH] 
ef OT 
0.100 — x Bee 


This equation can be rewritten as 
+17 10-4 -— 1.7 x 10-5 =0 


which fits the quadratic equation ax* + bx + c = 0. 

To avoid solving a quadratic equation we can often apply a simplifying approximation 
to this type of problem. Since HCOOH is a weak acid, the extent of its ionization must be 
small. Therefore x is small compared to 0.100. As a general rule, if the quantity x that is 
subtracted from the original concentration of the acid (0.100 M in this case) is equal to or 
less than 5 percent of the original concentration, we can assume 0.100 — x ~ 0.100. This 
removes x from the denominator of the equilibrium constant expression and we avoid a 
quadratic equation. If x is more than 5 percent of the original value, then we must solve 


_ the quadratic equation. Normally we can apply the approximation in cases where Ka is 


small (equal to or less than 1 X 1074) and the initial concentration of the acid is high 
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(equal to or greater than 0.1 M). In case of doubt, we can always solve for x by the 
approximate method and then check the validity of our approximation. Assuming that 
0,100 - x = 0.100, then 


ea ic 
O100=% Ono 


Y=17x 10% 
Taking the square root of both sides, we obtain 
x=4.1x 103M 


Step 3 


At equilibrium, therefore 
(H*] =4.1 x 10°3M 
{HCOO7] = 4.1 x 10-3 M 
[HCOOH] = (0.100 — 0.0041) M 
= 0.096 M 


To chee the validity of our approximation 


0.0041 M 


——— 100% = 4.1% 
0.100 M 


This siiows that the quantity x is less than 5 percent of the original concentration of the 
acid. Yhus our approximation was justified. 

Note that we omitted the contribution to [H*] by water. Except in very dilute acid 
solutions. this omission is always valid, because the hydrogen ion concentration due to 
water is egligibly small compared to that due to the acid. 


Similar problem: 16.6. 


EXAMPLE 16.2 
Calculate the pH of a 0.050 M nitrous acid (HNO;) solution. 


Answer 


Step 1 
From Table 16.1 we see that HNO> is a weak acid. Letting x be the equilibrium concentra- 
tion of H* and NOz ions in mol/L, we summarize: 


HNO,(aqg) == H*(aq) + NO> (aq) 
Initial: 0.050 M 0.00M 0.00 M 
Change: —xM +x M +x M 


Equilibrium: (0.050 — x) M xM xM 
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For this kind of problem, one 
of the solutions is always 
physically impossible. 
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Step 2 
From Table 16.1, 
H*][NOz 
ga aio 
[HNO,] 
xe 4 
———— = 4:5'x 10 
0.050 — x 


Applying the approximation 0.050 — x = 0.050, we obtain 
ae ae 
———_ = —— = 45x 10% 
0.050-x 0.050 


ei 2:3:x 107> 


Taking the square root of both sides gives 
x=4.8x 107M 


To test the approximation 


0.0048 M 
—— 100% = 9.6% 
0.050 M 
This shows that x is more than 5 percent of the original concentration. Thus approxi- 
mation is not valid, and we must solve the quadratic equation in step 2 follows: 


AIS MS 10s te —23.x 10> = 0 


Using the quadratic formula, 


_ —b + Vb? = 4ac 
a nae 
_ —4.5 x 1074 + V45 x 10 — 4(1(—2.3 x 107) 
= 2(1) ' 
Thus 
x=46X10°M 9 or = -5.0x 10° M 


The second solution is physically impossible, since the concentrations of ions produced as 
a result of ionization cannot be negative. Therefore, the solution to the quadratic equation 
is given by the positive root—that is, x = 4.6 x 1073 My. 


Step 3 
At equilibrium 

{H*] = 4.6 x 1073 mM 
and 


pH = —log (4.6 x 1073) 
= 2.34 


Similar problem: 16.6. 
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pm 
EXAMPLE 16.3 
p! of a 0.100 M solution of a weak monoprotic acid HA is 2.85. What is the K, of 
facia? 
Ans 
In th © we are given the pH, from which we can obtain the equilibrium concentra- 
tions we are asked to calculate the acid ionization constant. We can follow the same 
basix 
Step 
First» need to calculate the hydrogen ion concentration from the pH value. 
pH = —log (H*] 
2.85 = —log [H*] 
Takin ‘© antilog of both sides, we get 
(H*] = 1.4 x 10°3M 
Nex! summarize the changes: 
HA(aq) == H%(aq) + A (aq) 

nitial: 0.100 M : 0.000 M 0.000 M 

hange: —0.0014 M +0.0014M_ __+0.0014 M 

guilibrium: (0.100 — 0.0014) M 0.0014 M 0.0014 M 
Step 
The » « :onization constant is given by 

= (H*][A7] _ (0.0014)(0.0014) 
f [HA] (0.100 — 0.0014) 
= 2.0% 105° 

Similar voblems: 16.7, 16.10. 


Percent {onization 


In Chapter 15 we saw that the percent ionization can also be used to compare the 
Strengths of acids. For monoprotic acids, the concentration of acid that undergoes 
ionization is equal to the concentration of the H* ions and the concentration of the 
conjugate base at equilibrium. Therefore, we can write the percent ionization of a 
monoprotic acid as: 
hydrogen ion concentration at eualbene 100% 

initial concentration of acid 
equilibrium concentration of conus base 100% 

initial concentration of acid 


% ionization = 
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Example 16.4 compares the percent ionization of two weak monoprotic acids. 


a 


EXAMPLE 16.4 


Calculate the percent ionization of (a) a 0.60 M hydrofluoric acid (HF) solution and of 
(b) a 0.60 M hydrocyanic acid (HCN) solution. 


Answer 
(a) HF 
Step 1 
Let x be the concentrations of H* and F™ ions at equilibrium in mol/L. \\ immarize: 
HF(aq) == H*(aq) + F (aq) 
Initial: 0.60 M 0.00M 0.00 M 
Change: —xM +xM +xM 
Equilibrium: (0.60 — x) M xM xM 
Step 2 


From Table 16.1 


_ UF) 


Ky 
[HF] 


= 7.110" * 


Assuming that 0.60 — x = 0.60, then 


er ea, 1074 
0.60-x 0.60 — 

= 43 x 10-4 
x=0.021M 


Because HF is monoprotic, the concentration of hydrogen ions produced by the acid at 
equilibrium is equal to that of the F~ ions. Thus 


: 2 
% ionization = fed 


x 100% 
= 3.5% 
(b) HCN 


Step 1 


Let x be the concentrations of H* and CN™ ions at equilibrium in mol/L. We summarize: 


: HCN(aq) == H*(aq) + CN (aq) 
Tnitial: 0.60 M 0.00 M 0.00 M 
Change: —xM +x M +xM 
Equilibrium: (0.60 — x) M xM xM 


Step 2 


Like HI 


Thus, 2 
Note ¢ 

tion ws¢ 
simplify 


We asst 


5 percent 


Similar problems: 16.11, 16.13. 
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Referring to Table 16.1, we obtain 


(H*}[CN7] 
Kee 49 x 1057 
“ [HCN] 
——— = 4.9 x 10-9 
0.60 — x 


me that 0.60 — x = 0.60: 


a 4.9 x 10°" 
0.60—-x 0.60 
i 12 Oral Qo 
=1.7x10°M 


HCN is monoprotic. Therefore 


GRE 1.7x 10° M 
% ionization = ——————— X 100% 
0.60 M 


= 0.0028% 


the same concentration, HF ionizes to a much greater extent than does HCN. 


1 the form of the percent ionization calculation is exactly the same as the calcula- 
! to check the approximation that avoids a quadratic equation solution. Since the 


ng assumption is regarded as valid for acids whose percent ionization is less than 


both calculations in Example 16.4 qualify. 


f 


The extent to which a weak acid ionizes depends on the initial concentration of the 
acid. The more dilute the solution, the greater the percent ionization (Figure 16.2). In 
qualitative terms, when an acid is diluted, initially the number of particles (nonionized 
acid molecules plus ions) per unit volume is reduced. According to Le Chatelier’s 
principle (see Section 14.6), to counteract this “stress’’ (that is, the dilution), the 
equilibrium shifts from unionized acid to H* and its conjugate base to produce more 


particles (ions). 


The following example shows that the percent ionization, unlike the equilibrium 


constant, depends on the initial acid concentration. 


EXAMPLE 16.5 
Compare the percent ionization of HF at 0.60 M and at 0.00060 M. 


Answer 


In Example 16.4 we found the percent ionization at 0.60 M HF to be 3.5 percent. In order 
to compare we must find the percent ionization of 0.00060 M HF. 
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Strong acid 


5 
3 
P| 
= 
BS 
a 
& 
x 


Weak acid 


Initial concentration of acid 


FIGURE 16.2 Dependence of 
percent ionization on initial con- 
centration of acid. Note that at 
very low concentrations all acids 
(weak and strong) are almost 
completely ionized. 
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Step 1 


Let x be the concentration in mol/L of H* and F~ at equilibrium. We 


changes: 


Step 2 


Therefore 


HF(aq) == H*(aq) + F (aq) 


Initial: 0.00060 M 0.00M 0.00 M@ 
Change: —xM +x M +xM 
Equilibrium: (0.00060 — x) M xM xM 
x —4 
———— =7.1 x 10 
0.00060 — x 


Since the concentration of the acid is very low and the ionization constan\ 
the approximation method is not applicable. We express the equation in 
and then substitute in the quadratic formula: 


xe +7.1 x 1074x — 4.3 x 10°77 =0 


x= 
2(1) 
x=3.9x 104M 
Peo. 3.9x 104M 
% ionization = —————— xX 100% 
0.00060 M 
= 65% 


The large percent ionization here shows clearly that the approximati 


x = 0.00060 would not be valid. It also confirms our prediction that the . 


ionization increases with dilution. 


Similar problem: 16.12. 


16.2 Weak Bases and Base Ionization Constants 


iimarize the 


~7.1 x 1074 + V7.1 x 10-42 — 4(1(—4.3 X 10°”) 


irly large, 
ratic form 


00060 — 
it of acid 


Strong bases such as the hydroxides of alkali metals and of the alkaline earth metals 
other than beryllium are completely ionized in water: 


NaOH(aq) —> Na*(aq) + OH (aq) 
KOH(aq) —> K*(aq) + OH (aq) 
Ba(OH)2(aq) —> Ba?* (aq) + 20H” (aq) 


Recall that OH” is the strongest base that can exist in aqueous solutions. 


Weak bases are treated like weak acids. When ammonia dissolves in water, it 
undergoes the reaction 


NH;,(aq) + H,O(/) == NHf (aq) + OH (aq) 


16.2 WEAK BASES AND BASE IONIZATION CONSTANTS 


The prod 
solution 
Becaus 


ction of hydroxide ions in this base ionization reaction means that, in this 
25°C, [OH™] > [H*], and therefore pH > 7. 
, compared to the total concentration of water, very few water molecules 


are consi: nied by the reaction, we can treat [HO] as a constant. Thus we can write the 
equilibrium constant as 

a Ki 

K(H,0] = x, = NBAOH 
[NH3] 
=1.8 x 10> 
where A. ‘he equilibrium constant for base ionization, is called the base ionization 
constam'. ‘able 16.2 lists a number of common weak bases and their ionization con- 
stants. that the basicity of all these compounds is attributable to the lone pair of 
electrons 1 the nitrogen atom. 
The vation of a weak base is treated in the following example. 


LE 16.6 


EXA 
Wha' 1e pH of a 0.400 M ammonia solution? 
Ans‘\ 
The | lure is essentially the same as the one we use for weak acids. 
Step 
Let.x rhe concentration in mol/L of NH{ and OH™ ions at equilibrium. Next we 
sump — 
NH,(aq) + H,O(/) == NH#(aq) + OH (aq) 
fnitial: 0.400 M 0.000 M 0.000 M 
Change: —x M +x M +x M 
Equilibrium: (0.400 — x) M xM * M 
Step 2 


Using the base ionization constant listed in Table 16.2, we write 

_ [NH{]OH] 
[NBG] 
ee 

0.400 — x 


—5 
‘ = 1.8 x 10 


= 1.8 x 10° 


Applying the approximation 0.400 — x = 0.400 gives 
ae 


pba 8 fees 1S ex One 
0.400-—x 0.400 
2 =7.2X 10% 


x=2.7X10°M 
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Strictly speaking, NI, does not 
solution the way an 
Nevertheless, we 
use the term “ionization 
constant” to describe the 
reaction between NIL, and 1,0 
to produce NH, and OW ions. 


The ability of the lone pair to 
accept a H" ion makes these 
substances Bronsted—Lowry 
bases. 


You should confirm the validity 
of this approximation. 
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Step 3 
At equilibrium, [OH™] = 2.7 x 10° M. Thus 


pOH = —log (2.7 x 107) 
= 2.57 


pH = 14.00 — 2.57 
= 11.43 


Note that we omitted the contribution to [OH] from water. 


Similar problems: 16.18, 16.19. 
bien, Nl ee 


TABLE 16.2 lonization Constants of Some Common Weak Bases at 25°C 


ns a 
Name of Base Formula Structure K;* Conjugate Acid K 
cain 
= zs 
Ethylamine C,H;NH, CH,—CH,—N—H 5.6 x 10~* C,H;NH, 1.8% 10m 
| 
H 
Ke fs 
Methylamine CH,NH, CH,—N—H 44 x 107 CH,NH, 2.3 x 10% 
| 
H 
(e) 
ae I CH, 
Bea Se-N 
: +. 
Caffeine CsHoN,0, | a Se 4.1 x 10% C,H,,N,0, 2.4 x 107" 
Va SyoOoN 
2 | 
CH; 
Ammonia NH, Goa 1.8 x 107° NHt 5.6 x 10°" 
H 


Pyridine C;H;N (Cw: 17 x 1079 C.H.NH 59 x 107° 
Aniline CHsNH, (C)-i-# eae: as nee 


‘ eg ae 4 r: 
Urea N,H,CO H—N—¢ —N—H 1.5 x 107" H,NCONH, 0.67 


*The nitrogen atom with the lone pair accounts for each compound's basicity. In the case of urea, K, can be associated with either nitrogen atom. 


16.3. THE RELATIONSHIP BETWEEN CONJUGATE Ka AND Ky 


16.3 The Relationship Between Conjugate Acid—Base 
ionization Constants 


An important relationship between the acid ionization constant and the ionization con- 
stant of iis conjugate base can be derived as follows, using acetic acid as an example: 
CH;COOH(aq) == H*(ag) + CH3;COO~(aq) 


({H*][CH;COO"} 
[CH3;COOH] 


a 


The conjugate base, CH;COO , reacts with water according to the equation 
CH;COO (aq) + H,O(/) === CH3;COOH(aq) + OH (aq) 
and we can write the base ionization constant as 


_ [CH;COOH][OH™] 
» [CH,COO7] 
The product of these two ionization constants is given by 


[{H*][CH;COO™] ¥ [CH;COOH][OH ] 


K.Kp = = 
[CH;COOH] [CH;COO "} 
= [H*][OH"] 
= Ky 
This result may seem strange at first, but it can be understood by realizing that the sum 
of reactions (1) and (2) below is simply the autoionization of water. 
(1) CH;COOH(aq) == H* (aq) + CH3COO~(aq)— Ka 
2) CH,COO>(aq) + HOW) == CHsCOOH(aq) + OH"(aq) Ky 
GB H,O(/) = H*(aq) + OH (aq) Ky 


This example illustrates one of the rules we learned about chemical equilibria: When 
two reactions are added to give a third reaction, the equilibrium constant for the third 
reaction is the product of the equilibrium constants for the two added reactions (see 
Section 14.3). Thus, for any conjugate acid—base pair it is always true that 


K,Ky = Kw (16.1) 


Expressing Equation (16.1) in the following ways 


enables us to draw an important conclusion: The stronger the acid (the larger K,), the 
weaker its conjugate base (the smaller Ky), and vice versa (see Tables 16.1 and 16.2). 

We can use Equation (16.1) to calculate the K;, of the conjugate base (CH3;COO ) of 
CH;COOH as follows. We find the K, value of CH;COOH in Table 16.1 and write 


K ae 

Do K, 
1.0 x 10°* 
WESC IO" 
=5.6x 10° 
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16.4 Diprotic and Polyprotic Acids 


The treatment of diprotic and polyprotic acids is more involved than that 
acids because these substances may yield more than one hydrogen ion 
These acids ionize in a stepwise manner; that is, they lose one proton 
ionization constant expression can be written for each step of ioni 
quently, two or more equilibrium constant expressions must often be u 
the concentrations of species in the acid solution. For example, for 1 


fH*][HC 

H,CO3(aq) == H*(aq) + HCO3(aq) Ka, = (H CO 
HCO};(aq) —= H*(a Nee CO}-(a ) pee [H*}[CO 
SDE sie ® ~~ THCO 


Note that the conjugate base in the first step of ionization becomes 
second step of ionization. 

Table 16.3 (p. 661) shows the ionization constants of several dipr: 
polyprotic acid. For a given acid, the first ionization constant is much 
second ionization constant, and so on. This trend seems logical when \ 
is easier to remove an H* ion from a neutral molecule than to remove ai 
a negatively charged ion derived from the molecule. 

As the following examples show, calculation involving ionizatio 
diprotic or polyprotic acids is more complex than the calculation for a» 
because it involves more than one stage of ionization. 


EXAMPLE 16.7 
Calculate the pH of a 0.010 M H,SO, solution. 


Answer 


We note that H2SO, is a strong acid for the first stage of ionization and tha 


weak acid. We summarize the changes in the first stage of ionization: 


H2SO,(aq) —> H*(aqg) + HSO; (aq) 


Initial: 0.010 M 0.00 M 0.00 M 
Change: —0.010 M +0.010M _+0.010 M 
Final: 0.00 M 0.010 M 0.010 M 


For the second stage of ionization, we proceed as for a weak monoprotic acid. 


Step 1 


Let x be the concentration in mol/L of H* and SO} produced by the ionization of HSO4. 
The total concentration of the H* ions at equilibrium must be the sum of H* ion concen- 


trations due to both stages of ionization, that is, (0.010 + x) M. 


HSOs;(aqq) = = H*(aq) + SO} (aq) 


Initial: 0.010 M 0.010 M 0.00 M 
Change: —xM +x M +x M 


Equilibrium: (0.010 — x) M (0.010 + x) M xM 


‘f monoprotic 
per molecule, 


a time. An 


ion. Conse- 


to calculate 


“‘O3 we write 


acid in the 


icids and a 
er than the 
lize that it 
er H* from 


onstants of 
yprotic acid 


304 isa 
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From Table 16.3 we write 
(H*][SO77] 
oS eS 0? 
TSF] ‘ 
(0.010 + x)x 
See lO 
0.010 — x . 
Since: “,, of HSO4 is quite large, we must solve the quadratic equation, which simpli- 
fies 
x + 0.023x — 1.3 x 10° =0 
—0.023 + V (0.023)? — 4(1)(—1.3 x 10-4) 
pe ee 
2(1) 
=4.7x 103M 
The ‘{” ion concentration at equilibrium is the sum of the concentrations due to both 
stage »nization (0.010 + 4.7 x 1073) M, or 0.015 M. Finally 
pH = —log [H"] 
= —log 0.015 
= 1.82 


Simi blem: 16.24. 


ae 
EXA i 16.8 
Oxa!« wid is a poisonous substance used chiefly as a bleaching and cleansing agent (for 
exalr 10 remove bathtub rings). Calculate the concentrations of all the species present 
at eq ‘um in a solution of concentration 0.10 M. 
Ans 
Oxai id is a diprotic acid (see Table 16.3). We begin with the first stage of ionization. 
Step / 
CH204(aq) == H*(aq) + C2HO; (aq) 
Initial: 0.10 M 0.00 M 0.00 M 
Change!) ee ieee ee 
Equilibrium: (0.10 — x) M xM xM 
Step 2 
With the ionization constant from Table 16.3, we write 
2 ut 
_ _ BICHON 6's x 107 
: [C,H204] 
Be 6.5 x 107 


0.10 =x. 
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Since the ionization constant is fairly large, we cannot apply the approximation 0.10 = 
x = 0.10. Instead, we must solve the quadratic equation 


+65 X 10x - 6.5 x 107 =0 
The solution gives x = 0.054 M. 


Step 3 
When the equilibrium for the first stage of ionization is reached, the concentrations are 


[H*] = 0.054 M 
[CyHO; ] = 0.054 M 
[C,H20,] = (0.10 — 0.054) M = 0.046 M 
Next we consider the second stage of ionization. 


Step 1 


Let y be the equilibrium concentration of C:0q” in mol/L. Thus the equilib: on concen- 
tration of C,HO, must be (0.054 — y) M. We have 


C,HO;(aqq) == Ht(aqg) + C07 (aq) 


Initial: 0.054 M 0.054 M 0.00 M@ 
Change: ~yM ty M +yM 
Equilibrium: (0.054 — y) M (0.054 + y) M yM 


Step 2 


Using the ionization constant in Table 16.3, we write 


_ (H*IC,0F7) 


2, =6.1 x 1075 
: [C,HO, | 
(0.054 + 
pi biet LF 6.1 x 1075 
(0.054 — y) 


Because the ionization constant is small, we can make the following approximations: 
0.054 + y = 0.054 
0.054 — y = 0.054 
Next we substitute them in the equation, which reduces to 
y=61x10°M 
Step 3 
At equilibrium, therefore 
[C,H204] = 0.046 M 
[C:HO;] = 0.054 M 
(H*] = 0.054 M@ 
[C,07-] = 6.1 x 105M 
[OH™] = 1.0 x 107'4/0.054 = 1.9 x 10-8 yy 


Similar problems: 16.25, 16.26. 


TABLE 16.3 lonization Constants of Some Common Diprotic and Polyprotic Acids in Water at 25°C 
ea SSNS 9S SS 


Name of Acid Formula Structure K, Conjugate Base Ky 


Sulfuric acid H,SO, 3 0h — 1 —O—H very large HSO; very small 
O 
oO 
Ht I 
Bisulfate ion HSO; a 1 aaa 1.3 x 10° SO2- Ty x LOT 
10) 
Q FO 
I ll 
Oxalic acid C,H,0, nO — C— C—O —H 6.5 x 107 C,HO, 1.Si $e: LOFe 
Oo oO 
I ll 
Hydrogen CHO; H=—O—C—C— Or 6.1 x 1075 c,02- 1.6 x 107" 
oxalate ion 
ne 
i 
Sulfurous acid H,SO, 0s — 0 —u 13 x 107 HSOy 17 x 10-8 
1 
Bisulfite ion HSO; H—oO—s—0- Oo x LO SOz- 136: x 1O=! 
A 
1 
Carbonic acid H,CO, H—O—C—0—H ae KPO HCO,” 24% 10% 
oO 
| 
Bicarbonate ion HCO; HOC — 05 4.8 x 107! CcO3- 2:1 % 10 
in Ee 
Hydrosulfuric acid H,S HH 9.5 x 10% HS~ LA 3% 107" 
Bisulfide ion* HSS H—S_ to< 10-2 Se- I x 10° 
eee 
oO 
I s : 7 
Phosphoric acid H,PO, eee, 7.5\% 107 H,PO, 15 & yore 
O 
| 
H 
1 
Dihydrogen HPO; H—O—P—O 6.2 x 10-* HPO; 1.6 x 1077 
phosphate ion | 
oO 
| 
H 
i 
Uwe HPO? ee ope On 4.8 x 10-8 PO}- 21 x 107 
phosphate ion bs 


*The ionization constant of HS~ is very low and difficult to measure. The value listed here is only an estimate. 
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Example 16.8 shows that for diprotic acids if K,,> K,,, then the concentration of the 
H* ions at equilibrium may be assumed to result only from the first stage of ionization, 


Phosphoric acid is responsible Phosphoric acid (H3PO,) is an important polyprotic acid with three ionizable hydro- 
for much of the “tangy” flavor gen atoms: 
of popular cola drinks. 


H;PO. Hn + HPO; (aq) K, ae OH 3x 1073 
3PO4(aq) == H™(aq) + HoPOs4 (aq ay [HPO] < 
H,PO;z Ht ) + HPO? (a ) K,. = (H*][HPOs") = x 1078 
2POs4 (aq) == H" (aq 4 (aq a (H,POs ] 
[H*}[PO3] 
a= ena + PO}- K,, = ———— = 4 1073 
HPO; (aq) == H"(aq) 4 (aq) » THPOF | 
We see that phosphoric acid is a weak polyprotic acid and that its ion! ’n constants 
decrease rapidly. Thus we can predict that, in a solution containing | »horic acid, 
the concentration of the nonionized acid is the highest and the on! her species 
present in significant concentrations are H* and H2PO; ions. 
16.5 Acid—Base Properties of Salts 
As defined earlier, a salt is an ionic compound formed by the reaction bo \yeen an acid 
and a base. Salts are strong electrolytes that completely dissociate in wor. The term 
“Hydrolysis” is derived from salt hydrolysis describes the reaction of an anion or a cation of a sa! both, with 
the Greek words hydro, water. Salt hydrolysis usually affects the pH of a solution. In this sect)» we discuss 


meaning “water,” and lysis, A ‘ 
meaning “to split apart.” various types of salt hydrolysis. 


Salts that Produce Neutral Solutions 


When NaNOs, formed by the reaction between NaOH and HNO;, dissol\_. in water, it 
dissociates as follows: 


NaNO,(aq) +225 Na*(aq) + NO3(aq) 


As we saw in Section 15.6, the hydrated Na* ion neither donates nor acc. «ts H* ions. 
The NO3 ion is the conjugate base of the strong acid HNO3, and it has no affinity for 
H* ions. Consequently, a solution containing Na* and NO} is neutral, wit! a pH of 7. 
It is generally true that salts containing an alkali metal ion or alkaline ear'h metal ion 
(except Be**) and the conjugate base of a strong acid (for example, C! , Br, and 
NO; ) do not undergo hydrolysis, and their solutions are also neutral. 


Salts that Produce Basic Solutions 


The dissociation of sodium acetate (CH3COONa) in water is given by 


CH3COONa(s) 42°, Na*(ag) + CHyCOO~(aq) 


The hydrated Na” ion has no acidic or basic properties. The acetate ion CH3COO + 
however, is the conjugate base of the weak acid CH;COOH and therefore has 40 
appreciable affinity for H* ions. The hydrolysis reaction is given by 


16.5 ACID—BASE PROPERTIES OF SALTS 


CH3COO (aq) + H,O(/) == CH;COOH(aq) + OH (aq) 


Because this reaction produces OH” ions, the sodium acetate solution will be basic. 
The equilibrium constant for this hydrolysis reaction is identical to the base ionization 


constant 


The val 


where 

Sin 
of OH 
We ca 


Step 1 


We ca 
Lowry 


expression for CH;COO™, so we write 


FF [CH;COOH][OH ] 
a [CH;COO-] 
of Ky can be obtained from Equation (16.1): 


x ey see Bal 15210 
= — = ———- =56xX 
Oe OS tei 
s the acid ionization of CH;COOH. 
ch CH3COO™ ion that hydrolyzes produces one OH” ion, the concentration 
quilibrium is the same as the concentration of CH;COO that hydrolyzed. 
fine the percent hydrolysis as 
[CH3COO “ Jnydrotyzed 
[CH3COO™ Jinitiat 
= [OH Jequitibrium x 100% 
[CH3COO™ Jinitiat 
)ONa example shows that the solution of a salt derived from a strong base 
k acid is basic. 
(ation based on the hydrolysis of CH3COONa is illustrated in Example 16.9. 


% hydrolysis = x 100% 


PLE 16.9 


the pH of a 0.15 M solution of sodium acetate (CH;COONa). What is the 
hydrolysis? 


that CH;COONa is the salt formed from a weak acid (CH;COOH) and a strong 
(OH). Consequently, only the anion (CH3COO_ ) will hydrolyze. The initial dis- 


ivson of the salt is 


CH;COONa(s) #22; CH,;COO™ (aq) + Na*(aq) 
0.15 M 0.15 M 


now treat the hydrolysis of CH3COO™ . The acetate ion acts as a weak Brgnsted— 


base. 


Let x be the equilibrium concentration of CH;COOH and OH ions in mol/L. We summa- 
Tize the changes: 


Equilibrium: (0.15 — x) M 


CH;COO~(aq) + H,O(l) == CH3;COOH(aq) + OH (aq) 
0.00 M : 


Initial: 0.15 M 0.00 vs 
Change: —x M +xM +x 
xM xM 
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Step 2 
a [CH3;COOH][OH] _ 56% 10-" 
[CH3;COO J 

SS og 5.6 x 107° 

QS =. 
Since Ky, is very small and the initial concentration of the base is large, we can apply the 
approximation 0.15 — x = 0.15: 

zt ae = 5.6 x 107" 
OMS) ORS 
x=9.2x10°°M 

Step 3 


At equilibrium 
[OH~] = 9.2 x 10°° M 
pOH = —log (9.2 x 10°) 


= 5.04 
pH = 14.00 — 5.04 
= 8.96 
Thus the solution is basic, as we would expect. The percent hydrolysis is given by 
OD Des M 
% hydrolysis = ——————— X 100% 
0.15 M 

= 0.0061% 


The result shows that only a very small portion of the anion undergoes hydrolysis. The 
small percent hydrolysis also justifies the approximation that 0.15 — x = 0.!5. 


Similar problem: 16.36. 


Salts that Produce Acidic Solutions 


When a salt derived from a strong acid and a weak base dissolves in water, the solution 
becomes acidic. For example, consider the process 


NH,Cl(s) ato, NHj (aq) + Cl (aq) 


The Cl” ion has no affinity for H*. The ammonium ion NH¢ is the weak conjugate 
acid of the weak base NH; and ionizes as follows 


NHj (aq) + H,O(/) == NH;(ag) + H,O* (aq) 
or simply 


NHj (aq) == NHs(aq) + H*(aq) 


16.5 ACID—BASE PROPERTIES OF SALTS 


Since this reaction produces H* ions, the pH of the solution decreases. As you can see, 
the hydrolysis of the NHZ ion is the same as the ionization of the NH? acid. The 
equilibrium constant (or ionization constant) for this process is given by 


(NH3][H*] _ Ky 1.0 x 1074 
[NHz] Ky, = eS? 
The following example deals with the pH change and percent hydrolysis of a NH4Cl 
solution 
2 
EXAMPLE 16.10 
What are the pH and percent hydrolysis of a 0.10 M NH,Cl solution? 


5.6 x 107° 


a 


Answer 


We note that NH,Cl is the salt formed from a strong acid (HCl) and a weak base (NH3). 


Consequently, only the cation (NH{) of the salt will hydrolyze. The initial dissociation of 
the i 
H,0 ae ie 
NH,Cl(s) —*—» NHj (aq) + Cl (aq) 
0.10M 0.10M 
We can now treat the hydrolysis of the cation as the ionization of the acid. 
Step ! 


present the hydrolysis of the cation NHf,, and let x be the equilibrium concentration 
of Nii, and H* ions in mol/L: 


NH (aq) == NH;(aq) + H*(aq) 


Initial: 0.10 M 0.00M 0.00M 
Change: —xM +x M +x M 
Equilibrium: (0.10 — x) M x M xM 


Step 2 
From Table 16.2 we obtain the K, for NHZ: 
Ht 
5S us = 5.6 x 107° 
[NH¢ ] 
oe 
0.10 — x 


=56x 10° 


Applying the approximation 0.10 — x = 0.10, we get 


BEBE ee 5.6 x 10°'° 
0.10-x 0.10 
x=7.5X 10 °M 


Thus the pH is given by 
pH = —log (7.5 x 10°°) 
= 5.12 
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By coincidence, K, of NHj has 
the same numerical value as 
K, of CH,COO~. 


The Cl ion is an extremely 
weak Brensted—Lowry base. 
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The percent hydrolysis is 


7.5 x 107° M 
lysis = ——————— X 100% 
% hydrolysis 010M 


= 0.0075% 


We see that the extent of hydrolysis is very small in a 0. 10 Mammonium ch) ‘e solution 
and that the approximation 0.10 — x =~ 0.10 was justified. 


Similar problem: 16.37. 


Salts that contain small, highly charged metal cations (for examp! \I°*, Cr**, 
Fe3*, Bi?*, and Be?*) and the conjugate bases of strong acids also pi e an acidic 
solution. For example, when aluminum chloride (AICl3) dissolves in \ r, the AB* 
ions take the hydrated form Al(H,0)2* (Figure 16.3). Let’s consid ie bond be- 
tween the metal ion and the oxygen atom of one of the six wate: olecules in 
AI(H,0)2*: 

H 
aks 
H 
The positively charged Al* ion draws electron density toward itse!. making the 
O—H bond more polar. Consequently, the H atoms have a greater ten y to ionize 
than those in water molecules not involved in hydration. The resu! ionization 


process can be written as 


Note that the hydrated AIs* AI(H,0)8* (aq) + H2O(J) == Al(OH)(H20)3* (aq) + H30* (ce 
ion qualifies as a proton donor i 

and thus a Brensted—Lowry 

acid in this reaction. 


__ 
OH, OH OH? 
OH, OH OH) 
OH, OH, — Al OH 4. H3,0* 
H,0 H,0 H,0 
OH, 16—H--—-=06—H hres 
| 
H H H 
Al(H20)8* + H,0 —— > AI(OH)(H20)2' + —-H30* 
(a) (b) 


FIGURE 16.3 (a) The Al(H20)g* ion. The six HO molecules surround the AB* ion octahedrally. (b) The attraction of the small 
AB* ion for the lone pairs on the oxygen atoms is so great that the O—H bonds in an H>O molecule attached to the metal cation are 
weakened, allowing the loss of a proton (H*) to an incoming HzO molecule. This metal cation hydrolysis makes the solution acidic. 


16.5 ACID—BASE PROPERTIES OF SALTS 


or simply 
AI(H0)6* (aq) == Al(OH)(H,0)3*(aq) + H*(aq) 
The equi!ibrium constant for the metal cation hydrolysis is given by 


x, — LAMOH)H:0)3* 10H) 
‘ [AI(H,0)8*] 


ist 


Note tha: the Al(OH)(H,0)2+ species can undergo further ionization as 
Al(OH)(H20)3* (aq) == Al(OH),(H;0)} (aq) + H* (aq) 


and so ‘lowever, generally it is sufficient to consider only the first step of hydroly- 
sis. 

The vot of hydrolysis is greatest for the smallest and most highly charged ions 
becaus: compact’’ highly charged ion is more effective in polarizing the O—H 
bond « cilitating ionization. This is the reason that relatively large ions of low 
charg 1 as Na* and K* do not undergo hydrolysis. 

The owing example shows the calculation of the pH of an AICI; solution. 


[ee _———__— EEE! 
EXS“)2LE 16.11 


Cal = the pH of a 0.020 M AICI, solution. 
Ans 
Sine Cly is a strong electrolyte, the initial dissociation is 


AICI,(s) #225 AP*(ag) + 3CI-(aq) 
0.020M 0.060 M 


Only ©.< Al’* ion will hydrolyze. As in the case of NH}, we can treat the hydrolysis of 
Al’ => the ionization of its hydrated ion. 
Step 
Let » be the equilibrium concentration of Al(OH)(H20)3* and of H* in mol/L: 
Al(H20)a*(aq) == AI(OH)(H20)5* (aq) + H* (aq) 
Initial: 0.020 M 0.00 M 0.00 M 
Change: —xM +x M +xM 
Equilibrium: (0.020 — x) M xM xM 
Step 2 


The equilibrium constant for the ionization is 


x, — LAOHGORTIHTT _ 13 x 10-8 
2 [AI(H20)6"] 


xe 
0.020 — x 


=1.3x 10° 
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Note that Al(H,0)* is roughly 


as strong an acid as 


11,COOH. 


668 


16 / ACID—BASE EQUILIBRIA 


Applying the approximation 0.020 — x = 0.020, we have 
a 13 310-5 
x=5.1x 104M 
Thus the pH of the solution is 
pH = —log (5.1 x 1074) = 3.29 


Similar problem: 16.39. 


Salts in Which Both the Cation and the Anion Hydrolyze 


So far we have considered salts in which only one ion undergoes hydrolysis. For salts 
derived from a weak acid and a weak base, both the cation and the anion hydrolyze. 
However, whether a solution containing such a salt is acidic, basic, or neutral depends 
on the relative strengths of the weak acid and the weak base. Since the mathematics 
associated with this type of system is rather involved, we limit ourselves to making 
qualitative predictions about these solutions. We consider three situations: 


@ K, > K,,. If K, for the anion is greater than K, for the cation, then the solution 
must be basic because the anion will hydrolyze to a greater extent than the cation. 
At equilibrium, there will be more OH™~ ions than H* ions. 

@ K,<K,. Conversely, if K, of the anion is smaller than K,, of the cation, the 
solution will be acidic because cation hydrolysis will be more extensive than 
anion hydrolysis. 

© K, ~ K,. If K, is approximately equal to Ky, the solution will be nearly neutral. 


Table 16.4 summarizes the behavior in aqueous solution of the salts discussed in this 
section. 


TABLE 16.4 Acid—Base Properties of Salts 


EE 


Type of Salt 
Cation from strong base; anion from strong acid 
Cation from strong base; anion from weak acid 


Cation from weak base; anion from strong acid 
Cation from weak base; anion from weak acid 


Small, highly charged cation; anion from strong acid 


Tons that 
Undergo pH of 
Examples Hydrolysis Solution 
NaCl, KI, KNO3, RbBr, None 7 
BaCl, 
CH3COONa, KNO; Anion >7 
NH.Cl, NH,NO; Cation <7 
NH4NO2, CH;COONH,, Anion and cation <7 if Ky <Ka 
NH,CN ~7 if Ky ~Ka 
>7 if Kp > Ka 
AICl, Fe(NO;)3 Hydrated cation <7 


16.6 THE COMMON ION EFFECT 


16.6 The Common Ion Effect 


Our discussion of acid—base ionization and salt hydrolysis so far has been limited to 
solutions containing a single solute. What happens when two different compounds are 
dissolved? If both sodium acetate and acetic acid are in solution, they both dissociate 
and ionize to produce CH;COO™ ions: 


CH;COONa(s) 12° CH,;COO~(aq) + Na*(aq) 
CH;COOH(aq) === CH3;COO™(aq) + H*(aq) 


CH,COONa is a strong electrolyte, so it dissociates completely in solution, but 
CH,COOH, a weak acid, ionizes only slightly. According to Le Chatelier’s principle, 
the addition of CH3;COO~ ions from CH3COONa to a solution of CH;COOH will 
suppress the ionization of CH;COOH (that is, shift the equilibrium from right to left), 
thereby decreasing the hydrogen ion concentration. Thus a solution containing both 
CH,COOH and CH;COONa will be Jess acidic than a solution containing only 
CH,COOH at the same concentration. The shift in equilibrium of the acetic acid 
ionization is caused by the additional acetate ions from the salt. The CH;COO™ ion is 
called the common ion because it is supplied by both CH;COOH and CH3COONa. 

The shift in equilibrium caused by the addition of a compound having an ion in 
common with the dissolved substances is called the common ion effect. The common 
ion e plays an important role in determining the pH of a solution and the solubility 
of a slightly soluble salt. We will deal with the latter in Chapter 17. Here we will study 
the common ion effect as it relates to the pH of a solution. Keep in mind that despite its 
distinctive name, the common ion effect is simply a special case of Le Chatelier’s 
principie 

Let us consider the pH of a solution containing a weak acid HA and a soluble salt of 
the weak acid, such as NaA. We start by writing 


HA(aq) + H,0(2) == H30*(aq) + A (aq) 
or simply 
HA(aq) == H*(aq) + A (aq) 


The ionization constant K, is given by 


rR 
A) ties 
[HA] 
Rearranging Equation (16.2) gives 
K,{HA 
{H*] = — 
[A"] 
Taking the negative logarithm of both sides, we obtain 
log [H*] = —log K, — lo uA 
log [H™] = —log K, — log [Aq] 


or 


[ 
- +] = —log K, +1 
log [H"] og Ka + 108 Ay 
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pK, is related to K, as pH is 
related to [H*]. Remember 
that the stronger the acid 
(that is, the larger the K,), the 
smaller the pK,. 
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So 
H = pK, + lo; be 16 
Pp. PA, 8 [HA] (16.3) 
where 
pK, = —log Ka (16.4) 
Equation (16.3) is called the Henderson—Hasselbalch equation. In « re general 
form it can be expressed as 
conjugate base] 
pH = pK, + log Ms ee al : (16.5) 
[acid] 
In our example, HA is the acid and A~ is the conjugate base. Thus, if v ow K, and 
the concentrations of the acid and the salt of the acid, we can calculat: pH of the 
solution. 

It is important to remember that the Henderson—Hasselbalch equat) © is derived 
from the equilibrium constant expression. It is valid regardless of the © urce of the 
conjugate base (that is, whether it comes from the acid alone or is supplic.| oy both the 
acid and its salt). 

In solving problems that involve the common ion effect, we are usu given the 
starting concentrations of a weak acid HA and of its salt, such as NaA. ong as the 
concentrations of these species are reasonably high (=0.1 M), we ca. neglect the 
ionization of the acid and the hydrolysis of the salt. Thus we can us: ‘he starting 
concentrations as the equilibrium concentrations in Equation (16.2) or Eq. ion (16.5). 

The following example deals with calculation of the pH of a solution ontaining a 
common ion. 

EXAMPLE 16.12 

(a) Calculate the pH of a solution containing 0.20 MCH,C 1 and 

0.30 M CH3COONa. (b) What would be the pH of a 0.20 M CH;COOH so! ‘on if no 


salt were present? 
Answer 
(a) Sodium acetate is a strong electrolyte, so it dissociates completely in so! 


CH3COONa(s) 2°, CH,COO™(aq) + Na*(aq) 
0.30 M 0.30 M 


the same as the starting concentrations; that is 
i} 


[CH3COOH] = 0.20M — and [CH3;COO"] = 0.30 M 


ion 


The equilibrium concentrations of both the acid and the conjugate base are assumed to be 


This is a valid assumption because (1) CH3;COOH is a weak acid and the extent of 
hydrolysis of the CH;COO7 ion‘is very small (see Example 16.9); and (2) the presence of 
CH;COO™ ions further suppresses the ionization of CH;COOH, and the presence of 
CH3COOH further suppresses the hydrolysis of the CH;COO~ ions. From Equation 
(16.2) we have 
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_ K,HA\ 
[A°] 
_ (1.8 x 10°}(0.20) 
0.30 
=1.2x10-9M 


{H*] 


Thus 
pH = —log [H*] 
= —log (1.2 x 1075) 
= 4.92 


Altes. vely, we can calculate the pH of the solution by using the Henderson— 
Hass ch equation. In this case we need to calculate pK, of the acid first [see Equation 


pK, = —log Ka 
= —log (1.8 x 1075) 
= 4.74 
We ilculate the pH of the solution by substituting the value of pK, and the concentra- 
tions ot the acid and its conjugate base in Equation (16.5): 
[CH3COO "| 
© [CH,COOH] 
0.30 M 
0.20 M 


pH = pK, + lo 


= 4.74 + log 


= 4.92 


(b) alculate the pH of a weak acid, we follow the procedure used in Section 16.1. 


Let. the equilibrium concentration of H* and CH;COO™ in mol/L. We summarize as 


CH;COOH(aqg) == H*(aq) + CH3COO (aq) 
Initial: 0.20 M 0.00 M 0.00 M 
Change: —xM +x M +xM 


Equilibrium: (0.20 — x) M xM xM 
Step 2 
[{H*][CH;COO™ J 
[CH;COOH] 
Ba 
0.20 — x 


=1.8x 10% 


=1.8x 10° 


Assuming that 0.20 — x ~ 0.20, we obtain 
xe xe 


iets SAN A KS 
0.20-x 0.20 
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x=1.9xX 103M 
Step 3 
At equilibrium, therefore 
(H*] = 1.9 x 10°°M 
pH = —log (1.9 x 1074) 


= 2.72 
Thus, without the common ion effect, the pH of a 0.20 M CH;COOH solution is 2.72, 
considerably lower than 4.92, the pH in the presence of CH;COONa, as ca'culated in (a), 
The presence of the common ion CH;COO™ clearly suppresses the ionizatio.: of the acid 


CH3COOH. 


Similar problem: 16.44. 


The common ion effect also operates in a solution containing a weak base (for 
example, NH) and a salt of the base (for example, NH4Cl). At equilibrium 
NHj (aq) == NH;(aq) + H*(aq) 
__INH,)[H"] 
“ [NHZ] 
We can derive the Henderson—Hasselbalch equation for this system as follows. Rear- 
ranging the above equation we obtain 
K,[NH; ] 
[NHs3] 


Taking the negative logarithm of both sides gives 


ema 


NH? 
—log [H*] = —log K, — log INHG] 
[NH3] 
log [H*] = —log K, + log rel 
[NHq] 
or 
NH 
pH = pK, + log : al 
[NHZ] 


A solution containing both NH; and its salt NH4Cl is less basic than a solution contain- 
ing only NH; at the same concentration. The common ion NHj suppresses the joniza- 
tion of NHg in the solution containing both the base and the salt. 


16.7 Buffer Solutions 


A buffer solution is a solution of (1) a weak acid or base and (2) its salt; both 
components must be present. The solution has the ability to resist changes in pH upo" 
the addition of small amounts of either acid or base. Buffers are very important 10 
chemical and biological systems. The pH in the human body varies greatly from one 


16.7 BUFFER SOLUTIONS 


fluid to another; for example, the pH of blood is about 7.4, whereas the gastric juice in 
our stomachs has a pH of about 1.5. These pH values, which are crucial for the proper 
functioning of enzymes and the balance of osmotic pressure, are maintained by buffers 
in most cases. 

A buffer solution must contain an acid to react with any OH” ions that may be 
added to it and a base to react with any added H* ions. Furthermore, the acid and the 
base components of the buffer must not consume each other in a neutralization reac- 
tion. These requirements are satisfied by an acid—base conjugate pair (a weak acid and 
its conjugate base or a weak base and its conjugate acid). 

One of the simplest buffers is the acetic acid—sodium acetate system. A solution 
containing these two substances has the ability to neutralize either added acid or added 
base ae follows. If a base is added to the buffer system, the OH” ions will be neutral- 
ized by the acid in the buffer 


CH3;COOH(aq) + OH™ (aq) —> CH;COO™ (aq) + H20(/) 


If an acid is added, the H* ions will be consumed by the conjugate base in the buffer, 
according to the equation 


CH,COO~ (aq) + H* (ag) —> CH;COOH(aq) 


Here the acetate ions are provided by the dissociation of the sodium acetate: 


CH;COONa(s) #223 CH3COO~ (ag) + Na* (aq) 


As you can see, the two reactions that characterize this buffer system are identical to 
those for the common ion effect described in Example 16.12. In general, a buffer 
system can be represented as salt/acid or conjugate base/acid. Thus the sodium acetate— 
acetic acid buffer system can be written as CH3,COONa/CH;COOH or CH;COO / 
CH,COOH. Figure 16.4 shows the buffer system in action. 


(a) (b) (c) (d) 


FIGURE 16.4. The acid-base indicator bromophenol blue (added to all solutions) is used to 
illustrate buffer action. The indicator’ color is pink above pH 4.6 and changes to yellow below 
pH 3.0. (a) A buffer solution made up of 50 mL of 0.1 M CH;COOH and 50 mL of 0.1M 
CH;COONa. The solution has a pH of 4.7 and turns the indicator pink. (b) After the addition of 
40 mL of 0.1 M HCL solution to the solution in (a), the color remains pink. (c) A 100 mL 
CH;COOH solution whose pH is 4.7. (d) After the addition of six drops (about 0.3 mL) of 0.1 M 
HCI solution, the color turns yellow. Without buffer action, the pH of the solution decreases 
rapidly to below 3.0 upon the addition of 0.1 M HCl. 
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EXAMPLE 16.13 
Which of the following solutions are buffer systems? (a) KH)PO4/H3PO,, (' 
HCIO,, (c) CsHsNHCI/CsH5N (CsHsN is pyridine; its Ki, is given in Table |: 
your answer. 


Answer 


(a) H3PO,g is a weak acid and its conjugate base, H>PO} , is a weak base (se: 
Therefore, this is a buffer system. 

(b) Because HCIO, is a strong acid, its conjugate base, ClO, , is an extrem: 
This means that the ClO; ion will not combine with a H* ion in solution t 
Thus the system cannot act as a buffer system. 

(c) As Table 16.2 shows, CsHsN is a weak base and its conjugate acid 
cation of the salt CsHs;NHCI), is a weak acid. Therefore, this is a buffe 


Similar problem: 16.53. 


‘). Explain 


idle 16.3). 


) NaClo,/ 


eak base. 
» HCIO,. 


NH (the 
em. 


The action of a buffer solution is demonstrated by the following 


EXAMPLE 16.14 


(a) Calculate the pH of a buffer system containing 1.0 M CH;COO 
CH;COONa. (b) What is the pH of the buffer system after the addition o 


gaseous HCI to | liter of the solution? Assume that the volume of the solu 


change when the HCI is added. 
Answer 


(a) The pH of the buffer system before the addition of HCI can be calculate 


the procedure described in Example 16.12. Assuming negligible ionization 


acid and hydrolysis of the acetate ions, we have, at equilibrium 
[CH;COOH] = 1.0M and [CH,;COO7] = 1.0 M@ 


fe eS aig x 107° 
e (CHCOOnIN Ea 


pu) = KslCH:COOH] 
[CH;COO7] 
[CH;COO7] 
(1.8 X 107>)(1.0) 
(1.0) 
1.8x 10M 


pH = —log (1.8 x 107) 
= 4.74 


iple . 


d 1.0M 
: mole of 
does not 


ording to 
the acetic 
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Thus when the concentrations of the acid and the conjugate base are the same, the pH of 
the su ’ler is equal to the pK, of the acid. 
(b) “ ter the addition of HCl, complete ionization of HCI acid occurs: 


HCl(aq) —> H*(ag) + Cl (aq) 
0.10 mol 0.10 mol 0.10 mol 


Orig y, there were 1.0 mol CH3;COOH and 1.0 mol CH;COO™ present in | liter of 
the ion. After neutralization of the HCl acid by CH;COO~, which we write as 
CH;COO (aq) + H*(aq) —~» CH,;COOH(aq) 

0.10 mol 0.10 mol 0.10 mol 

the ver of moles of acetic acid and acetate ions present are 


CH3COOH: (1.0 + 0.1) mol = 1.1 mol 
CH;COO™: (1.0 — 0.1) mol = 0.90 mol 


Ne calculate the hydrogen ion concentration: 
may = KlCHsCOOH] 
[CH,;COO } 
_ 8 x 10-5(1.1) 
0.90 
=22x 10° M 
The vf the solution becomes 
pH = —log (2.2 x 10°°) 
= 4.66 
Not since the volume of the solution is the same for both species, we replaced the 
rati eir molar concentrations by the ratio of the number of moles present, that is, 
(1.3 L)/(0.90 mol/L) = (1.1 mol/0.90 mol). 
Sim! roblem: 16.60. 
MBG eee 
We seo that in this buffer solution there is a decrease in pH of 0.08 (becoming more 
acidic) es a result of the addition of HCl. We can also compare the change in H™ ion 
concentrations as follows: 


Before addition of HCl: [H*] = 1.8 x 107° M 
After addition of HCl: [Ht] = 2.2 x 10°°M 


Thus the H* ion concentration increases by a factor of 
DE eOe Mow 
1.8 x 10°M 


OONa/CH3COOH buffer, let us find out 
and compare it to 


1.2 


To appreciate the effectiveness of the CH3C | 
what would happen if 0.10 mol HCI were added to 1 liter of water, 
the result in the preceding example. In this case 


—7 
Before addition of HCI: (Ht] = 1.0 x 10°'M 


After addition of HCI: (H*] = 0.10 M 
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Thus, as a result of the addition of HCI, the H* ion concentration increases by a factor 
of 


0.10 M 


= 010° 
1.0 x 10°7M 


amounting to a millionfold increase! This comparison shows that a properly chosen 
buffer solution can maintain a fairly constant H* ion concentration, or pH. 


Distribution Curves 


The relationship between pH and the amount of either the acid or the conjugate base 
present is best understood by studying the distribution curve shown in Figure 16.5. In 
this case, the distribution curve gives the fraction of acetic acid and of acetate ion 
present in solution as a function of pH. At low pH the concentration of CH;COOH is 
much greater than the concentration of CH;COO™ ion, because the presence of Ht 
ions drives the equilibrium from right to left (Le Chatelier’s principle) 


CH;COOH(aq) == H*(aq) + CH3COO (aq) 


Thus, the species present are mostly nonionized acetic acid molecules. The opposite 
effect occurs at high pH. Here, the hydroxide ions deplete the concentration of the 
acid, so the concentration of the acetate ion increases: 


CH;COOH(aq) + OH (aq) === CH3COO (aq) + H,O(/) 


pH = pK, =4.74 


J CH,C0O- 


Fraction of species present 


= 


FIGURE 16.5 Distribution curves for acetic acid and acetate ion as a function of pH. The 
fraction of species present is given by the ratio of the concentration of either CH3C OOH or 
CH;COO “to the total concentration of CHxCOOH plus CH;COO~ in solution. Thus at very 
low pH (very acidic media), most of the species present in solution are CH;COOH molecules, 
and the concentration of CH;COO~ is very low. The reverse holds true for very high pH (very 
basic media). The shaded region is the pH range over which the CH;COO /C. HC OOH buffer 
system functions most effectively. When [CH;COO] = [CH;COOH], or when the fraction is 
0.5, the pH of the solution is numerically equal to the pK, of the acid (4.74). 
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Now there are many more CH;COO™ ions present than CH;COOH molecules. In 
order for the buffer to function properly, it must contain comparable amounts of the 
acid and its conjugate base. There is a rather limited range (the shaded region in Figure 
16.5) over which the buffer is most effective. The range is often called the buffer 
range, that is, the pH range in which a buffer is effective, and is defined by the 
following expression: 


pH range = pK, + 1.00 (16.6) 


Since pX, for acetic acid is 4.74, the buffer range for the CH;COO /CH;COOH 
system is given by pH = 3.74 to 5.74. 

Note that the buffer functions best at pH = 4.74, that is, when [CH;COOH] = 
[CH,COO }. An additional requirement for a buffer system to function effectively is 
that the concentrations of the weak acid and its conjugate base should be high enough 
that the buffer can neutralize an appreciable amount of added H* or OH™ ions without 
significantly changing pH. 

The CH,COO~/CH3COOH buffer system has no physiological importance. On the 
other hand, the bicarbonate—carbonic acid (HCO3/H>CO3;) buffer plays an important 
role in many biological systems. Because H,CO; is diprotic, there are actually two 
different buffer systems, that is, HCO3/H2CO3 and C03 /HCO;. Bicarbonate ion 
HCO; acts as the conjugate base of the first system and the acid of the second. From 
Table 16.3 we can calculate the buffer ranges as follows: 


HCO3/H,CO; — pH = pK,, + 1.00 = 6.38 + 1.00 
Buffer range: pH = 5.38 to 7.38 

COz/HCO; pH = pKa, + 1.00 = 10.32 + 1.00 
Buffer range: pH = 9.32 to 11.32 


Figure 16.6 shows the distribution curves for these two buffers. They clearly function 
over quite different pH regions. 


pH = pKa, = 6.38 pH =pK,, = 10.32 


Fraction of species present 


FIGURE 16.6 Distribution curves for carbonic acid and bicarbonate ion as a function of pH. 


At any pH, there are only two predominant species (HCO; and HCO}, or HCO; and C03") 
present in solution. When [H3CO3] = [HCO3], we find that pH = pKa, = 6.38. When 
[HCO;] = [CO3"], we find that pH = pKa, = 10.32. 
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Preparing a Buffer Solution with a Specific pH 


Now a question arises: How do we prepare a buffer solution with a specific pH? 
Equation (16.5) indicates that if the molar concentrations of the acid and its conjugate 
base are approximately equal, then 


[conjugate base] ty 


[acid] 
or, 
pH = pK, 
Thus, to prepare a buffer solution, we choose a weak acid whose p/ equal to or 
close to the desired pH. This choice not only gives the correct pH val f the buffer 
system, but also ensures that we have comparable amounts of the acid « 5 conjugate 
base present; both are prerequisites for the buffer system to func! ffectively. 


MTT ————— TLL... E I 
EXAMPLE 16.15 
Describe how you would prepare a ‘‘phosphate buffer’’ at a pH of abou' ). 


Answer 

We write three stages of ionization of phosphoric acid as follows. The alues are 

obtained from Table 16.3 and the pK, values are found by applying Eq n (16.4). 
H;PO,(aq) == H*(aq) + HoPO3(aq) Ka, = 7.5 X 10~°; pK, 12 
HPO; (aq) == H*(aq) + HPO? (aq) Ky, = 6.2 X 10°*; pKa, > 21 


HPOZ (aq) == H*(aq) + PO} (aq) Rete ah 10: 5 pK,, = 12.32 
The most suitable of the three buffer systems is HPO} /H2POj , because (°K, of the 


acid H»POj is closest to the desired pH. From the Henderson—Hasselbale:) uation we 
write 
jugate b: 
Heed los [conjugate base] 
[acid] 
HPO; 
7.40 = 7.21 + log nee 
{H2PO4 ] 
HPOZ 
log NPOe | = 0.19 
[H2PO; ] 
Taking the antilog, we obtain 
[HPO}] _ 
[H2POz4 ] 


Thus, one way to prepare a phosphate buffer with a pH of 7.40 is to dissolve disodium 
hydrogen phosphate (NaJHPO,) and sodium dihydrogen phosphate (NaH>PO,) in molat 
ratio of 1.5:1.0 in water. For example, we could dissolve 1.5 mole of Na,HPO, and 1.0 
mole of NaH2PO, in enough water to make up a | liter solution. ‘ 


Similar problem: 16.62. 


CHEMISTRY IN ACTION/MAINTAINING THE PH OF BLOOD 
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The following Chemistry in Action illustrates the importance of buffer systems in 


the human body. 
MAINTAINING THE pH OF BLOOD 
pe a 
All ' eher animals need a circulatory system with | (HHbO3), formed by the combination of oxygen with 
wh ) fuel their life processes and remove wastes. In hemoglobin, is a stronger acid than HHb: 
the an body this vital exchange takes place in the ee ss 
vel fluid known as blood, of which there are about BE ea) — Eta) Oa og) 
5 li 9 pints) in an average adult. Blood circulating As Figure 16.7(a) shows, carbon dioxide produced 
dee ihe tissues carries oxygen and nutrients to keep by metabolic processes diffuses into the erythrocyte, 
ce live, and removes carbon dioxide and other where it is rapidly converted to H,CO; by carbonic 
waste materials. Using several buffer systems, nature anhydrase: 
has ided an extremely efficient method for the de- 
: Co. + H,O(/) == H,CO 
livery of oxygen and the removal of carbon dioxide. nea on aCOsKa) 
» ood is an enormously complex system, but for our The ionization of the carbonic acid 
pureoces we need look at only two essential compo- H,CO,(aq) —— H*(aq) + HCO} (aq) 
nent blood plasma and red blood cells, or erythro- 
cyies. Blood plasma contains many compounds, in- _ has two important consequences. First, the bicarbonate 
clud’ 2 proteins, metal ions, and inorganic phosphates. ion diffuses out of the erythrocyte and is carried by the 
The ocythrocytes contain hemoglobin molecules, as blood plasma to the lungs. This is the major mechanism 
well es the enzyme carbonic anhydrase, which cata- for removing carbon dioxide. Second, the H* ions pro- 
lyzes both the formation of carbonic acid (HCO3) and duced now shift the equilibrium in favor of the nonion- 
its mposition: ized oxyhemoglobin molecule: 


CO,(aq) + H,O(l) == H2CO3(aq) 


The svbstances inside the erythrocyte are protected 


from extracellular fluid (blood plasma) by a cell mem- 
brane that allows only certain molecules to diffuse 
through it. 


The pH of blood plasma is maintained at about 7.40 
by several buffer systems, the most important of which 
is the HCO3/H,CO; system. In the erythrocyte, where 
the pH is 7.25, the principal buffer systems are 
HCO;/H,CO; and hemoglobin. The hemoglobin mol- 
ecule is a complex protein molecule (molar mass 
65,000 g) that contains a number of ionizable protons. 
As a very rough approximation, we can treat it as a 
monoprotic acid of the form HHb: 


HHb(aqg) == H*(aq) + Hb (aq) 


where HHb represents the hemoglobin molecule and 
Hb~ the conjugate base of HHb. Oxyhemoglobin 


H* (aq) + HbOz (aq) —> HHbO,(aq) 


Since HHbO) releases oxygen more readily than does 
its conjugate base (HbO} ), the formation of the acid 
promotes the following reaction from left to right: 


HHbO,(aq) === HHb(aq) + 02(aq) 


The O, molecules diffuse out of the erythrocyte and are 
taken up by other cells to carry out metabolism. 

When the venous blood returns to the lungs, the 
above processes are reversed [see Figure 16.7(b)]. The 
bicarbonate ions now diffuse into the erythrocyte, 
where they react with hemoglobin to form carbonic 
acid: 

HHb(aq) + HCO3 (ag) —= Hb~ (aq) + HCO;(aq) 


Most of the acid is then converted to CO, by carbonic 
anhydrase: 


H,CO;(aq) == H,O(/) + CO,(aq) 
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Capillary 


Capillary 


——— 


Tissues 


Erythrocyte Erythrocyte 


FIGURE 16.7 Oxygen—carbon dioxide transport and release by blood. (a) The partial pressure of CO» is higher in the 
metabolizing tissues than in the plasma. Thus, it diffuses into the blood capillaries and then into erythrocytes. There it is 
converted to carbonic acid by the enzyme carbonic anhydrase (CA). The protons provided by the carbonic acid then combine 
with the HbO} anions to form HHbO>, which eventually dissociates into HHb and O>. Because the partial pressure of Oz is 
higher in the erythrocytes than in the tissues, oxygen molecules diffuse out of the erythrocytes and then into the tissues. The 
bicarbonate ions also diffuse out of the erythrocytes and are carried by the plasma to the lungs. (b) In the lungs, she processes 
are exactly reversed. Oxygen molecules diffuse from the lungs, where they have a higher partial pressure, into the erythrocytes. 
There they combine with HHb to form HHbO). The protons provided by HHbO2 combine with the bicarbonate ions diffused into 
the erythrocytes from the plasma to form carbonic acid. In the presence of carbonic anhydrase, carbonic acid is converted to 
H>0 and CO>. The CO> then diffuses out of the erythrocytes and into the lungs, where it is exhaled. 


The carbon dioxide diffuses to the lungs and is eventu- because Hb~ has a greater affinity for oxygen than does 
ally exhaled. The formation of the Hb™ ions (due tothe — HHb. 

reaction between HHb and HCO; shown above) also When the arterial blood flows back to the body tis- 
favors the uptake of oxygen at the lungs sues, the entire cycle is repeated. 


Hb (aq) + Oo(aq) == HbO; (aq) 
fe ee ema es ee! 


16.8 A Closer Look at Acid—Base Titrations 


Having discussed salt hydrolysis and buffer solutions, we can now look in more detail 
at the quantitative aspects of acid—base reactions as reflected in titrations (see Section 
3.9). A question of particular importance is: How does the pH of the solution change 
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during the course of a titration? We will consider three types of reactions: (1) titrations 
involving a strong acid and a strong base, (2) titrations involving a weak acid and a 
strong base, and (3) titrations involving a strong acid and a weak base. Titrations 
involving a weak acid and a weak base are more complicated because of the hydrolysis 
of both the cation and the anion of the salt formed. These titrations will not be dealt 
with here. The reactions we will study are similar to those discussed in Section 15.6. 


Titrations Involving a Strong Acid and a Strong Base 


The reaction between a strong acid (say, HCl) and a strong base (say, NaOH) is 
represented by 


HCl(aq) + NaOH(aq) —> NaCl(aq) + H,0(/) 
or in terms of a net ionic equation by 
H*(aq) + OH (aq) —> H,0(/) 


Consider the addition of a 0.100 M NaOH solution (from a buret) to an Erlenmeyer 
flask containing 25.0 mL of 0.100 M HCl. Figure 16.8 shows the pH profile of the 

on (also known as the titration curve). Before the addition of NaOH, the pH of For convenience we will use 
| is given by —log (0.100), or 1.00. When NaOH is added, the pH of the oly three significant figures 
- fi Near th uivalence point the pH begins to rise for titration calculations and 

increases slowly at first. Near the eq! nce poi ) gi ri two significant figures (two 

id, at the equivalence point (that is, the point at which equimolar amounts of decimal places) for pH values. 
yase have reacted), the curve rises almost vertically. In a strong acid—strong 
ion both the hydrogen ion and hydroxide ion concentrations are very small at 
alence point; consequently, the addition of a single drop of the base can cause 
increase in [OH™] and hence the pH of the solution. Beyond the equivalence 
he pH again increases slowly with the addition of NaOH. 


—_ 
0 10 20 30 40 50 
Volume of NaOH added (mL) 


L_. EEE aa 


FIGURE 16.8 pH profile of a strong acid—strong base titration. A 0.100 M NaOH solution is 
added from a buret to 25.0 mL of a 0.100 M HCI solution in an Erlenmeyer flask (see Figure 


3.19). This curve is sometimes referred to as a titration curve. 
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It is possible to calculate the pH of the solution at every stage of titration. Here are 
three sample calculations: 


1. After the addition of 10.0 mL of 0.100 M NaOH to 25.0 mL of 0.100 M HCl. 
The total volume of the solution is 35.0 mL. The number of moles of NaOH in 
10.0 mL is 
0.100 mol NaOH 1L 


10.0 mL x x = 1.00 x 107? mol 
1 L NaOH 1000 mL 


The number of moles of HCl originally present in 25.0 mL of sol'‘on is 
0.100 mol HCl LL 


25.0 mL X x = 2.50 x 107? mo 
1 L HCl 1000 mL 
Keep in mind that 1 mol Thus, the amount of HCl left after partial neutralization is (2.50 x 1074) - 
NaOH = 1 mol HCI. (1.00 x 1073), or 1.50 X 1073 mol. Next, the concentration of H* ions in 


35.0 mL of solution is found as follows: 


1.50 x 1073 mol HCl 4 1000 mL 
35.0 mL 1L 


= 0.0429 mol HCI/I 


= 0.0429 M HCl 
Thus [H*] = 0.0429 M, and the pH of the solution is 
pH = —log 0.0429 = 1.37 


2. After the addition of 25.0 mL of 0.100 M NaOH to 25.0 mL of 00 M HCl. 
Neither Na* nor Cl- undergoes This is a simple calculation, because it involves a complete neu‘: zation reac- 
hydrolysis. tion. At the equivalence point, [H*] = [OH™] and the pH of the so’ tion is 7.00. 
3. After the addition of 35.0 mL of 0.100 M NaOH to 25.0 mL of 0.100 M HCl. 
The total volume of the solution is 60.0 mL. The number of moics of NaOH 
added is : 
0.100 mol NaOH 1b 


35.0 mL x x 50 X 10°? m 
1 L NaOH mae 


The number of moles of HCI in 25.0 mL solution is 2.50 x 107°. 4 ‘ter complete 
neutralization of HCl, the number of moles of NaOH left is (3.50 x 1074) - 


(2.50 X 1073), or 1.00 x 1073 mol. The concentration of NaOH in 60.0 mL of 
solution is 


1.00 x 10°? mol NaOH — 1000 mL 
60.0 mL 


= 0.0167 mol NaOH/L 


= 0.0167 M NaOH 
Thus [OH~] = 0.0167 M and pOH = —log 0.0167 = 1.78. Hence, the pH of the 
solution is 
pH = 14.00 — pOH 
= 14.00 — 1.78 
= 12.22 


Table 16.5 shows a more complete set of data for the titration. 
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TABLE 16.5 Titration Data for HCl versus NaOH* 


I eel 
Volume of Total 
NaOH Added Volume Mole Excess of pH of 
(mi) (mL) Acid or Base Solution 
25.0 2.50 x 1073 H* 1.00 
10.0 35.0 1.50 x 1073 1.37 
2( 45.0 5.00 x 1074 1.95 
2 49.0 1.00 x 1074 2.69 
2 49.5 5.00 x 1075 3.00 
25 50.0 0.00 7.00 
2s 50.5 5.00 x 10-> OH™ 11.00 
51.0 1.00 x 1074 11.29 
55.0 5.00 x 1074 11.96 
65.0 1.50 x 1073 12.36 
75.0 2.50 x 1073 12.52 
aime a a a ET 
*The n is carried out by slowly adding 0.100 M NaOH solution from a buret to 25.0 mL of 20.100 M 
HCl so n in an Erlenmeyer flask. 


Titra’ ons Involving a Weak Acid and a Strong Base 
Cons the neutralization reaction between acetic acid (a weak acid) and sodium 
hydrox de (a strong base): 
CH,COOH(aq) + NaOH(aqg) —> CH3COONa(aq) + H20(/) 

This eauation can be simplified to 

CH,COOH(aq) + OH~ (ag) —> CH3COO™ (aq) + H20(!) 
The ecctate ion undergoes hydrolysis as follows: 

CH;COO (aq) + H20() == CH;COOH(aq) + OH (aq) 


, at the equivalence point the pH will be greater than 7 as a result of the 
OH” ions formed [Figure 16.9(a)]. 


EXAMPLE 16.16 
Calculate the pH in the titration of 25.0 mL of 0.100 M acetic acid by sodium hydroxide 


after the addition to the acid solution of (a) 10.0 mL of 0.100 M NaOH, (b) 25.0 mL of 
0.100 M NaOH, (c) 35.0 mL of 0.100 M NaOH. 


Answer 


The neutralization reaction is 
CH;COOH(aq) + NaOH(aq) —> CH3COONa(aq) + H,0(/) 
For each of the three stages of the titration we first calculate the number of moles of 
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13 
12 
11 
10 
9 F 
Siecle aaa a Equivalence 
; point 
pH f 
‘ | 
| 
3 | 
| 
| 
1 
0 a2 ae ee 
10 20 30 40 50 


Volume of base added (mL) 
(a) 


Volume of base added (mI 
(b) 


FIGURE 16.9 Titration curves. (a) Weak acid versus strong base. (b) Strong acid versus weak base. In each case, «0.100 M base 
solution is added from a buret to 25.0 mL of a 0.100 M acid solution in an Erlenmeyer flask. As a result of salt hydrolysis, the pH 
at the equivalence point is greater than 7 for (a) and less than 7 for (b). 


Since the volume of the 
solution is the same for 
CH,COOH and CH,C00~, the 
ratio of the number of moles 
present is equal to the ratio of 
their molar concentrations. 


NaOH added to the acetic acid solution. Next, we calculate the number of moles of the 
acid (or the base) left over after neutralization. Then we determine the pH of ‘ic solution. 


(a) The number of moles of NaOH in 10.0 mL is 


0.100 mol NaOH 
1 L NaOH soln 


1L 


10.0 mL x eee 
1000 mL 


= 1.00 x 107-3 mo! 


The number of moles of CH;COOH originally present in 25.0 mL of soluvion is 


0.100 mol CH;COOH 1L 
1 L CH;COOH soln 1000 mL 


Thus, the amount of CH;COOH left after all added base has been neutralized is 


25.0 mL x = 2.50 x 10°? 


mol 


(2.50 x 1073 — 1.00 x 107%) mol = 1.50 x 1073 mol 
The amount of CH;COONa formed is 1.00 x 1073 mole: 


CH;COOH(aq) + 


NaOH(ag) —» CH;COONa(aqg) + H,0(/) 
1.00 x 1073 mol 


1.00 x 1073 mol 1.00 x 1073 mol 


At this stage we have a buffer system made up of CH;COONa and CH;COOH. To 
calculate the pH of this solution we write 
[CH;COOH]K, 
[CH;COO"] 
_ (1.50 x 1074)(1.8 x 1075) 
E 1.00 x 10-3 
=2.7x 10M 


{H*] = 
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pH 


—log (2.7 x 1075) 
= 4,57 


(b) These quantities (that is, 25.0 mL of 0.100 M NaOH reacting with 25.0 mL of 
0.100 ‘4 CH3COOR) correspond to the equivalence point. The number of moles of both 
NaOH and CH3;COOH in 25.0 mL is 2.50 x 107? mol, so the number of moles of the salt 
forme is 


(CH3COOH(aq) +  NaOH(ag) —>+ CH;COONa(aq) + H20(/) 
2.50 x 1073 mol 2.50 x 1077 mol 2.50 X 107? mol 


The . 0! volume is 50.0 mL, so the concentration of the salt is 


2.50 x 107? mol e 1000 mL 
50.0 mL 1L 
= 0.0500 mol/L = 0.0500 M 


[CH3;COONa] = 


The next step is to calculate the pH of the solution that results from the hydrolysis of the 
CH 90> ions. Following the procedure described in Example 16.9, we find that the pH 
of the solution at the equivalence point is 8.72. 

(c) Aer the addition of 35.0 mL of NaOH the solution is well past the equivalence point. 
At this stage we have two species that are responsible for making the solution basic: 


I > and OH~. However, since OH™ is a much stronger base than CH3COO , we 
can solely neglect the CH3COO7 ions and calculate the pH of the solution using only the 
conceseration of the OH™ ions. Only 25.0 mL of NaOH is needed for complete neutrali- 
zation. so the number of moles of NaOH left after neutralization is 


0.100 mol NaOH i IL 
1 L NaOH soln 1000 mL 


35.0 — 25.0) mL x = 1.00 x 1073 mol 


4s (cial volume of the combined solutions is now 60.0 mL, so we calculate OH” con- 
centration as follows: 


1.00 x 10°? mol 5 1000 mL 


60.0 mL 1L 
= 0.0167 mol/L = 0.0167 M 


[OH™] = 


pOH = —log 0.0167 


= 1.78 

pH = 14.00 — pOH 
= 14.00 - 1.78 
= 12.22 


Similar problem: 16.68. 


Titrations Involving a Strong Acid and a Weak Base 


Consider the titration of hydrochloric acid (a strong acid) and ammonia (a weak base): 


HCl(aq) + NH3(aq) —> NH4Cl(aq) 
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or simply 


H* (aq) + NH3(aq) —> NHG (aq) 


The pH at the equivalence point is less than 7 as a result of salt hy¢ 


16.9(b)): 
NHj (aq) + H,0() —> NHs(aq) + H30* (aq) 


or simply 


NH? (aq) —> NH3(aq) + H* (aq) 


EXAMPLE 16.17 


Calculate the pH in the titration of hydrochloric acid by ammonia 


(a) 10.0 mL of 0.100 M NH3, (b) 25.0 mL of 0.100 M NH3, and (c) 35.0 m 


NH; to 25.0 mL of 0.100 M HCl. 
Answer 


The neutralization reaction is 


HCl(aq) + NH3(aq) —> NH,Cl(aq) 


At each stage of the titration we first calculate the number of moles o! 
the hydrochloric acid solution. Next, we calculate the number of moles of t! 


(a) The number of moles of NH; in 10.0 mL of 0.100 M NH; is 


0.100 mol NH3 1L 


10.0 mL x x ——_ 
1 L NH; soln 1000 mL 


0.100 mol HCl je, 
25.0 mL x —————_—_ x ——_- 

1 L HCI soln 1000 mL 
Thus, the amount of HCI left after all added base has been neutralized is 


(2.50 X 1073 — 1.00 x 1074) mol = 1.50 x 1073 mol 


1.50 x 10-3 mol 1000 mL 

——— eee x eee 
35.0 mL LU. 

= 0.0429 mol/L = 0.0429 M 


{HCl} = 


Thus the pH of the solution is 


pH = —log 0.0429 
Sales 


base) left over after neutralization. Then we determine the pH of the solu 


= 1,00 x 107? mo! 
The number of moles of HCl originally present in 25.0 mL of solution is 


= 2.50 x 107? mol 


At this stage, two types of species in solution act to decrease the pH of the solution: The 
NH} ions hydrolyze to produce H* ions and the HCI ionizes to yield H* ions. Since the 
percent hydrolysis of NH{ is small (see Example 16.10) and HCl is a strong acid, the pH 
of the solution is largely determined by the remaining acid, whose concentration is 


lysis [Figure 


added to 
id (or the 
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(b) These quantities (that is, 25.0 mL of 0.100 M NH; reacting with 25.0 mL of 0.100 M 
HC)}) correspond to the equivalence point. The amount of the salt formed is 


HCl(aq) +  NH;(aq) —>»  NH4,Cli(aq) 
2.50 X 10°? mol 2.50 x 1073 mol 2.50 x 107? mol 
The «i volume is 50.0 mL, so the concentration of NH,Cl is 
2.50 x 107? mol mL 
ERE Cr ea 1000. a 
50.0 mL i 0; 
= 0.0500 mol/L = 0.0500 M 
Fe g the procedure described in Example 16.10, we find that the pH of the solution 
du © the hydrolysis of NHf ions is 5.28. 
(« - 35.0 mL of NH; are added, all of the HCI will be neutralized and the solution 
W w contain NH, and NH, which are the ingredients for a buffer system. Since 
25.. jal. of NH is consumed in reacting with HCI, the amount of NH; left over is that « 
pre ‘1 10.0 mL of the solution, which is 1.00 x 107? mol [see part (a)]. From part (b) 
we 4 that the number of moles of NH? present is 2.50 x 107°. Therefore the H* 
comeosmtration is 
wen [NH 1K, 
(NH3] 
_ @.50 Xx 1073)(5.6 x 107 !°) 
a 1.00 x 10°? 
= 14x 107° mol/L = 1.4 x 10° M 
Tho. ‘ae pH of the solution is 
pH = —log (1.4 x 10°) 
= 8.85 
Siu dior problem: 16.69. 


16.9 Acid—Base Indicators 


The end point or equivalence point in an acid—base titration is often signaled by a 
change in the color of an acid—base indicator. You will recall from Chapter 3 that an 
indicator is usually a weak organic acid or base that has distinctly different colors in its 
nonionized and ionized forms. These two forms are related to the pH of the solution in 
which the indicator is dissolved, as we will soon see. A change in the color of an 
indicator can be used to follow the progress of a titration. 

Indicators do not all change color at the same pH, so the choice of indicator for a 
particular titration depends on the nature of acid and base used (that is, whether they 
are strong or weak). Let us consider a weak monoprotic acid, HIn, which acts as an 


indicator. In solution 


HIn(aq) == H*(aq) + In (aq) 


If the indicator is in a sufficiently acidic medium, the equilibrium, according to Le 
Chatelier’s principle, shifts to the left and the predominant color of the indicator is that 
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Since the volume of the 
solution is the same for NHq 
and NH, the ratio of the 
number of moles present is 
equal to the ratio of their 
molar concentrations. 


We assume that Hin and In 
have different colors. 
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of the nonionized form (HIn). On the other hand, in a basic medium the equilibrium 
shifts to the right and the color of the conjugate base (In”) predominates. Roughly 
speaking, we can use the following ratios of concentrations to predict the perceived 
color of the indicator: 


(HIn] ut 
{In7] 
{In ] 
[HIn] 


10 color of acid (HIn) predominates 


=> 10 color of conjugate base (In) predominates 


If [HIn] ~ [In7] then the indicator color is a combination of the colors or HIn and In”, 

In Section 3.9 we mentioned that phenolphthalein is a suitable indicator for the 
titration of NaOH and HCI. Phenolphthalein is colorless in acidic and neviral solutions, 
but reddish pink in basic solutions. Measurements show that at pH < 8.° the indicator 
is colorless but that it begins to turn reddish pink when the pH exceeds 8.3. Because of 
the steepness of the pH curve, near the equivalence point in Figure 16.5, the addition 
of a very small quantity of NaOH (say, 0.05 mL, which is about the volume of a drop 
from the buret) brings about a large increase in the pH of the solution. What is impor- 
tant, however, is the fact that the steep portion of the pH profile includes the range over 
which phenolphthalein changes from colorless to reddish pink. Whenever such a 
matching occurs, the indicator can be used to locate the equivalence point of the 
titration. 

Many acid—base indicators are plant pigments. For example, by boiling chopped 
red cabbage in water we can extract pigments that exhibit many different colors at 
various pHs (Figure 16.10). 


FIGURE 16.10 Solutions containing extracts of red cabbage (obtained by boiling the cabbage 


in water) develop different colors when treated with an acid and a base. The pH of the solutions 
increases from left to right. 


SUMMARY 
TABLE 16.6 Some Common Acid—Base Indicators 
is 
Color 

Indicator In Acid In Base pH Range* 
Ps ne Lhe 
Thymo! blue Red Yellow 1.2-2.8 
Bromophenol blue Yellow Blue 3.0-4.6 
Methyl orange Orange Yellow 3.1-4.4 
Methyl! red Red Yellow 4.2-6.3 
Chlorophenol blue Yellow Red 4.8-6.4 
Bromothymol blue Yellow Blue 6.0-7.6 
Cresoi red Yellow Red 7.2-8.8 
Phenolphthalein Colorless Reddish pink 8.3-10.0 


mou rr 
The pH range is defined as the range over which the indicator changes from the acid color to the base color. 


Table 16.6 lists a number of indicators commonly used in acid—base titrations. The 
choice of indicator depends on the strengths of the acid and base in a particular titra- 
tion. as discussed in Section 16.8. The criterion for choosing an appropriate indicator 
for a given titration, therefore, is whether the pH range over which the indicator 
changes color corresponds with the steep portion of the titration curves shown in 
Figures 16.8 and 16.9. If this criterion is not met, then the indicator will not accurately 
identify the equivalence point. 

Phe choice of indicators for acid—base titrations is discussed in Example 16.18. 


EXAMPLE 16.18 


h indicator or indicators listed in Table 16.6 would you use for the acid—base titra- 
ions shown in (a) Figure 16.8, (b) Figure 16.9(a), and (c) Figure 16.9(b)? 


Answer 


(a) Near the equivalence point, the pH of the solution changes abruptly from 4 to 10. 
‘Therefore all the indicators except thymol blue, bromophenol blue, and methyl! orange are 
svitable for use in the titration. (b) Here the steep portion covers the pH range between 7 
and 10; therefore, the suitable indicators are cresol red and phenolphthalein. (c) Here the 
steep portion of the pH curve covers the pH range between 3 and 7; therefore, the suitable 
indicators are bromophenol blue, methyl orange, methyl red, and chlorophenol blue. 


Similar problem: 16.77. 


SUMMARY 


1. The acid ionization constant K, is larger for stronger acids and smaller for weaker 
acids. K, similarly expresses the strengths of bases. 
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. Most salts are strong electrolytes and dissociate completely into ion 


. Small, highly charged metal ions such as Al°* and Fe** hydrolyz: 
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. Percent ionization is another measure of the strength of acids. The more dilute a 


solution of a weak acid, the greater the percent ionization of the acid. 


. The product of the ionization constant of an acid and the ionization constant of its 


conjugate base is equal to the ion-product constant of water; that is, K,Ky = Ky. 
: in solution, 
The reaction of these ions with water, called salt hydrolysis, can !°.d to acidic or 
basic solutions. In salt hydrolysis, the conjugate bases of weak ac.s yield basic 
solutions, and the conjugate acids of weak bases yield acidic sol ns. 

yield acidic 


solutions. 

. The common ion effect tends to suppress the ionization of a weak | id or a weak 
base. Its action can be explained by Le Chatelier’s principle. 

. A buffer solution is a combination of a weak acid and its weak cor ite base; the 
solution reacts with small amounts of added acid or base in such a » «) that the pH 
of the solution remains nearly constant. Buffer systems play an | rtant role in 
maintaining the pH of body fluids. 

. The pH at the equivalence point of an acid—base titration depends 0») ‘1c hydrolysis 
of the salt formed in the neutralization reaction. For strong acid—st\« \2 base titra- 
tions, the pH at the equivalence point is 7; for weak acid—strong bas: | ‘rations, the 


pH at the equivalence point is greater than 7; for strong acid—weak se titrations, 


the pH at the equivalence point is less than 7. 


. Acid—base indicators are weak organic acids or bases that can be usc. to detect the 
equivalence point in an acid—base neutralization reaction. 
KEY WORDS 
Acid ionization constant, p. 646 Buffer range, p. 677 Common ion effect 69 
Base ionization constant, p. 655 Buffer solution, p. 672 Salt hydrolysis, p. 6 
EXERCISES; 
WEAK ACID IONIZATION CONSTANTS 16.6 The K, for benzoic acid is 6.5 x 10° Calculate the 
concentrations of all the species (CsHsCOOH, 
REMEW QUESTIONS CeHsCOO~, H*, and OH~) in a 0.10)" benzoic acid 
16.1 What does the ionization constant tell us about the solution. 
strength of an acid? 16.7 The pH of a 0.060 M weak monoprotic acid is 3.44. 


16.2 List the factors on which the K, of a weak acid depends. 


16.3 


16.4 


Why do we normally not quote K, values for strong 
acids such as HCl and HNO;? 

Why is it necessary to specify temperature when giving 
K, values? 


PROBLEMS 


16.5 


Following the procedure for calculating the K, for H;0* 
(p. 646), calculate (a) the K, of H,O and (b) the K, of 
OH. 


+Unless otherwise stated, the temperature is assumed to be 25°C for all 
problems. 


16.8 


16.9 


16.10 


16.11 


16.12 


Calculate the K, of the acid. 

The pH of an HF solution is 6.2. Calculate the ratio 
[conjugate base}/[acid] for this acid at this pH. : 
A 0.0560 g quantity of acetic acid is dissolved in 
enough water to make 50.0 mL of solution. Calculate 
the concentrations of Ht, CH;COO~, and CHyCOOH 
at equilibrium. (K, for acetic acid = 1.8 x 10°) 
What is the original molarity of a solution of formic acid 
(HCOOH) whose pH is 3.26 at equilibrium? 
Calculate the percent ionization of benzoic acid at the 
following concentrations: (a) 0.20 M, (b) 0.00020 M- 
Calculate the percent ionization of hydrofluoric acid at 
the following concentrations: (a) 1.00 M, (b) 0.60 M, 
(c) 0.080 M, (d) 0.0046 M, and (e) 0.00028 M. Com 
ment on the trends. 


16.13 A 0.040 M solution of a monoprotic acid in water is 14 
percent ionized. Calculate the ionization constant of the 
acid. 

Calculate the percent ionization of a 0.20 M solution 

e monoprotic acetylsalicylic acid (aspirin). (Ky = 

< 10~*) (b) The pH of gastric juice in the stomach 

ertain individual is 1.00. After a few aspirin tablets 

,eve been swallowed, the concentration of acetylsali- 

ic acid in the stomach is 0.20 M. Calculate the per- 
ionization of the acid under these conditions. What 
eet does the nonionized acid have on the membranes 
\g the stomach? (Hint: See the Chemistry in Action 

p. 634-635.) 


16.14 ( 


WE \SE IONIZATION CONSTANTS; K,-Ky, 
REL“) ONSHIP 


REVIEY QUESTIONS 


16.15 ‘se NH to illustrate what we mean by the strength of a 
16.16 Write the equation relating K, for a weak acid and K, for 
conjugate base. 
16.17 \Jse NH and its conjugate acid NH{ to derive the rela- 
jonship between K, and Ky. 
PROBLEMS 
16.18 Calculate the pH for each of the following solutions: 
9.10 M NH, (b) 0.050 M pyridine, (c) 0.260 M 
thylamine. 
16.19 —he pH of a 0.30 M solution of a weak base is 10.66. 
Vihat is the Ky of the base? 
16.20 hat is the original molarity of a solution of ammonia 
vose pH is 11.22? 
16.21 in a 0.080 M NH; solution, what percent of the NH; is 


present as NH{? 
DIPLOvEC AND POLYPROTIC ACIDS 
REVIEW QUESTIONS 


16.22 Malonic acid is a diprotic acid. Explain what that 


means. 
Oo=C—OH 
CH, 
| 
O=C—OH 


16.23 Write all the species (except water) that are present in a 
phosphoric acid solution. Indicate which species can act 
as a Brgnsted—Lowry acid, which as a Brgnsted—Lowry 
base, and which as both a Brgnsted—Lowry acid and a 
Brgnsted—Lowry base. 


EXERCISES 691 


PROBLEMS 


16.24 What are the concentrations of HSOy , SO”, and H* in 
a 0.20 M KHSO, solution? (Hint: H2SOq, is a strong 
acid; K, for HSO; = 1.3 X 107”). 

16.25 Oxalic acid (C)H>O,) is a diprotic acid (see Table 16.3). 
Calculate the concentrations of C,H04, C2HO,, 
C,07°, and H* in a 0.20 M oxalic acid solution. 

16.26 Calculate the concentrations of Ht, HCO;, and CO}~ 
in a 0.025 M H,CO; solution. 

16.27 Calculate the concentrations of all species in a 0.100 M 
H3PO, solution. 


ACID—BASE PROPERTIES OF SALT SOLUTIONS 
REVIEW QUESTIONS 


16.28 Define salt hydrolysis. Categorize salts according to 
how they affect the pH of a solution. 

16.29 Explain why small, highly charged metal ions are able 
to undergo hydrolysis. 

16.30 Al3* is not a Brgnsted—Lowry acid but Al(H,0)@* is. 
Explain. 

16.31 Specify which of the following salts will undergo hy- 
drolysis: KF, NaNO3, NHsNO2, MgSO,, KCN, 
CsHsCOONa, RbI, NaxCO3, CaCl, HCOOK. 

16.32 Predict the pH (>7, <7, or ~7) of the aqueous solu- 
tions containing the following salts: (a) KBr, 
(b) Al(NO3)3, (c) BaCh, (d) Bi(NO3)3. 

16.33 Which ion of the alkaline earth metals is most likely to 
undergo hydrolysis? 


PROBLEMS 


16.34 A certain salt, MX (containing the M* and X~ ions), is 
dissolved in water and the pH of the resulting solution is 
7.0. Can you say anything about the strengths of the 
acid and the base from which the salt is derived? 

16.35 In a certain experiment a student finds the pHs of 
0.10 M solutions of three salts KX, KY, and KZ are 
7.0, 9.0, and 11.0, respectively. Arrange the acids HX, 
HY, and HZ in the order of increasing acid strength. 

16.36 Calculate the pH of a 0.36 M CH,;COONa solution. 

16.37 Calculate the pH of a 0.42 M NH,Cl solution. 

16.38 Calculate the pH of a 0.20M ammonium acetate 
(CH;COONH,) solution. 

16.39 What is the pH of a 0.050 M AICI, solution? 

16.40 How many grams of NaCN would you need to dissolve 
in enough water to make up an exactly 250 mL solution 
whose pH is 10.00? 

16.41 Predict whether a solution containing the salt KJHPO, 
will be acidic, neutral, or basic. (Hint: You need to con- 
sider both the ionization and hydrolysis of HPO3".) 
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THE COMMON ION EFFECT 
REVIEW QUESTIONS 


16.42 Define the term ‘‘common ion effect.’’ Explain the 
common ion effect in terms of Le Chatelier’s principle. 
16.43 Describe the change in pH (increase, decrease, or no 
change) that results from each of the following addi- 
tions: (a) potassium acetate to an acetic acid solution; 
(b) ammonium nitrate to an ammonia solution; (c) so- 
dium formate (HCOONa) to a formic acid (HCOOH) 
solution; (d) potassium chloride to a hydrochloric acid 
solution; (e) barium iodide to a hydroidic acid solution. 


PROBLEMS 


16.44 Determine the pH of (a) a 0.40 M CH3COOH solution 
and of (b) a solution that is 0.40 M in CH;COOH and 
0.20 M in CH3COONa. 

16.45 Determine the pH of (a) a 0.20 M NH; solution and of 
(b) a solution that is 0.20 M in NH; and 0.30 M in 
NH,Cl. 

16.46 Determine the hydrogen ion and acetate ion concentra- 
tions in (a) a 0.100 M CH3COOH solution and (b) the 
concentrations of the same ions in a solution that is 
0.100 M in both CH;COOH and HCl. 


BUFFER SOLUTIONS 
REVIEW QUESTIONS 


16.47 Define buffer solution. What constitutes a buffer solu- 
tion? 

16.48 Define buffer range. 

16.49 Define pK, for a weak acid. What is the relationship 
between the value of the pX, and the strength of the 
acid? Do the same for a weak base. 

16.50 The pK,s of two monoprotic acids HA and HB are 5.9 
and 8.1, respectively. Which of the two is the stronger 
acid? 

16.51 The pKjs for the bases X~, Y~, and Z~ are 2.72, 8.66, 
and 4.57, respectively. Arrange the following acids in 
order of increasing strength: HX, HY, HZ. 

16.52 Calculate the pH of the following two buffer solutions: 
(a) 2.0M CH3;COONa/2.0M CH;COOH and 
(b) 0.20 M CH3;COONa/0.20 M CH3;COOH. Which is 
the more effective buffer? Why? 


PROBLEMS 


16.53 Specify which of the following systems can be classified 
as a buffer system: (a) KCI/HCI, (b) NH3/NH4NO3, 
(c) NagHPO4/NaH2PO,, (d) KNO2/HNO2, (ec) KHSO,/ 
H2SO,, (f) HCOOK/HCOOH. 

16.54 Calculate the pH of the buffer system 0.15 M NH;/ 
0.35 M NH,Cl. 


16.55 The pH of a sodium acetate/acetic acid buffer is 4,50, 
Calculate the rato [CH;COO]/[CH;COOH}, 

16.56 The pH of blood plasma is 7.40. Assuring the principal 
buffer system is HCO3/H,CO3, calculate the ratio 
(HCO; ]/[H2CO3]. Is this buffer more effective against 
an added acid or an added base? 

16.57 The pH of a bicarbonate-carbonic aci buffer is 8.00, 
Calculate the rato of the concentration of carbonic acid 
to that of the bicarbonate ion. 

16.58 What is the pH of the buffer 0.10 M@ Na,HPOW0.15 M 
KH,PO,? 

16.59 Calculate the pH of a buffer solution prepared by adding 
20.5 g of CH;COOH and 17.8 g of CH,;COONa to 
enough water to make 5.00 x 10? ml. of solution. 

16.60 Calculate the pH of 1.00L of the buffer 1.00M 
CH3;COONa/1.00 M CH3;COOH befor: and after the 
addition of (a) 0.080 mol NaOH and (! 12 mol HCl, 
(Assume that there is no change in volume.) 

16.61 Calculate the pH of the 0.20 M NH,0.20 M NHAC 
buffer. What is the pH of the buffer after the addition of 
10.0 mL of 0.10 M HCI to 65.0 mL of the buffer? 

16.62 A diprotic acid, H2A, has the following ionization con- 


stants: K,,= 1.1 1073 and K,,= 2.5 x 10°%. In 
order to make up a buffer solution of pi 5.80, which 
combination would you choose: NaHA/H.A or NajA/ 


NaHA? 

16.63 A student wishes to prepare a buffer solution at pH = 
8.60. Which of the following weak acids should she 
choose and why? HA (K, = 2.7 x 10 -), HB (K.= 
4.4 x 10~°), or HC (K, = 2.6 x 10°°) 


ACID—BASE TITRATIONS 
PROBLEMS 


16.64 A 12.5 mL volume of 0.500 M H,S0, neutralizes 
50.0 mL of NaOH. What is the concentration of the 
NaOH solution? 

16.65 A 0.2688 g sample of a monoprotic acid neutralizes 
16.4 mL of 0.08133 M KOH solution. Calculate the 
molar mass of the acid. 

16.66 A5.00 g quantity of a diprotic acid is dissolved in water 
and made up to exactly 250 mL. Calculate the molar 
mass of the acid if 25.0 mL of this solution required 
11.1 mL of 1.00 M KOH for neutralization. Assume 
that both protons of the acid are titrated. 

16.67 Calculate the pH at the equivalence point for the follow- 
ing titrations: (a) 0.10M HCl vs. 0.10M NHs, 
(b) 0.10 M CH;COOH vs. 0.10 M NaOH. ’ 

16.68 Exactly 100 mL of 0.100 M nitrous acid solution is t- 
trated against a 0.100 M NaOH solution. Compute the 
PH for (a) the initial solution, (b) the point when 
80.0 mL of the base has been added, (c) the equivalence 


point, (d) the point at which 105 mL of the base has 
been added. 
16.69 Calculate the pH at the following points in the titration 
of 50.0 mL of 0.100 M methylamine (CH3NH2), K, = 
4.4 x 1074, with a 0.200 M HCI solution: (a) before 
any acid has been added, (b) after adding 15.0 mL of 
HCl solution, (c) at the equivalence point. 
16.70 A sample of 0.1276 g of an unknown monoprotic acid 
dissolved in 25.0 mL of water and titrated with 
0.0633 M NaOH solution. The volume of base required 
to reach the equivalence point was 18.4 mL. (a) Calcu- 
late the molar mass of the acid. (b) After 10.0 mL of 
base had been added in the titration, the pH was deter- 
mined to be 5.87. What is the K, of the unknown acid? 
16.71 A solution is made by mixing exactly 500 mL of 
0.167 M NaOH with exactly 500mL 0.100 M 
CH,COOH. Calculate the equilibrium concentrations of 
H*, CH;COOH, CH;COO~, OH™, and Na*. 
16.72 Sketch titration curves for the following acid—base titra- 
: (a) HCl vs. NaOH, (b) HCl vs. NH3, 
(c) CH;COOH vs. NaOH. In each case, the acid is 
added to the base in an Erlenmeyer flask. Your graphs 
should show pH as the y axis and volume of acid added 
as the x axis. 


ACh \SE INDICATORS 
IEW QUESTIONS 


tk 
tic 


i 
16.73 Explain how an acid—base indicator works in a titration. 
16.74 What are the criteria for choosing an indicator for a par- 
ticular acid—base titration? 
16.75 The amount of indicator used in an acid—base titration 
must be small. Why? 
16.76 A student carried out an acid—base titration by adding 
NaOH solution fom a buret to an Erlenmeyer flask con- 
iaining HCI solution and using phenolphthalein as indi- 
cator. At the equivalence point, she observed a faint 
reddish pink color. However, after a few minutes, the 
solution gradually turned colorless. What do you sup- 
pose happened? 


PROBLEMS 


16.77 Referring to Table 16.6, specify which indicator or indi- 
cators you would use for the following titrations: 
(a) HCOOH vs. NaOH, (b) HCl vs. KOH, (c) HNO; vs. 
NH3. 

16.78 The ionization constant K, of an indicator HIn is 1.0 x 
10°. The color of the nonionized form is red and that 
of the ionized form is yellow. What is the color of this 
indicator in a solution whose pH is 4.00? (Hint: The 
color of an indicator can be estimated by considering the 
ratio [HIn]/[In7]. If the ratio is equal to or greater than 
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10, the color will be that of the nonionized form. If the 
ratio is equal to or smaller than 0.1, the color will be 
that of the ionized form.) 

16.79 The K, of a certain indicator is 2.0 10~°. The color of 
HIn is green, and that of In~ is red. A few drops of the 
indicator are added to an HCl solution, which is then 
titrated against an NaOH solution. At what pH will the 
indicator change color? 


MISCELLANEOUS PROBLEMS 


16.80 Compare the pH of a 0.040 M HCI solution with that of 
a 0.040 M H,SO, solution. 

16.81 The first and second ionization constants of a diprotic 
acid H)A are K,, and Ky, ata certain temperature. Under 
what conditions will [A?~] = Ka,? 

16.82 The K, of formic acid is 1.7 x 10~4 at 25°C. Will the 
acid become stronger or weaker at 40°C? Explain. 
(Hint: Consider the dependence of K, on temperature.) 

16.83 Use the data in Table 16.1 to calculate the equilibrium 
constant for the following reaction: 


CH;COOH(aq) + NOx (aq) == 
CH3COO (aq) + HNO,(aq) 


(Hint: You need to apply the rule of multiple equilibria. 
Break the above equation into two separate equations 
for the ionizations of CH3COOH and HNO3.) 

16.84 Sketch a distribution curve for oxalic acid (C4H20,) 
such as those shown in Figures 16.5 and 16.6. 

16.85 Cacodylic acid is (CH3)2AsO2H. Its ionization constant 
is 6.4 X 1077. (a) Calculate the pH of 50.0 mL of a 
0.10 M solution of the acid. (b) Calculate the pH of 
25.0 mL of 0.15 M (CH3)2AsO2Na. (c) Mix the solu- 
tions in part (a) and part (b). Calculate the pH of the 
resulting solution. 

16.86 A quantity of 0.560 g of KOH is added to 25.0 mL of 
1.00 M HCl. Excess Na2CO; is then added to the solu- 
tion. What mass (in grams) of CO is formed? 

16.87 Calculate x, the number of molecules of water in oxalic 
acid hydrate H)C,0,:xH,O, from the following data: 
5.00 g of the compound is made up to exactly 250 mL 
solution and 25.0 mL of this solution requires 15.9 mL 
of 0.500 M sodium hydroxide solution for neutraliza- 
tion. 

16.88 A volume of 25.0 mL of 0.100 M HCl is titrated against 
a0.100 M NH; solution added to it from a buret. Calcu- 
late the pH values of the solution (a) after 10.0 mL of 
NH; solution has been added, (b) after 25.0 mL of NH3 
solution has been added, (c) after 35.0 mL of NH3 solu- 
tion has been added. 

16.89 The pK, of butyric acid (HBut) is 4.7. Calculate K, for 
the butyrate ion (But). 
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17.3 


17.4 


subtidal stromatolites in a tidal channel in the Bahamas. Stromatolite: 
re composed of pelletal carbonate sand, microbes, and carbonate cement. Calcium and magnesium carbonates are insoluble in 


er, accounting for their precipitation as components of the stromatolites. 


SOLUBILITY AND SOLUBILITY 17.5 


PRODUCT 

Solubility Product / Solubility Equilibria for 

Sulfides / Molar Solubility and Solubility / 

Predicting Precipitation Reactions 17.6 
SEPARATION OF IONS BY 


FRACTIONAL PRECIPITATION 
THE COMMON ION EFFECT AND 
SOLUBILITY 


pH AND SOLUBILITY 
CHEMISTRY IN ACTION / pH, SOLUBILITY, AND 
TOOTH DECAY 


s are the oldest macrofossils of the earliest forms of life. 


COMPLEX ION EQUILIBRIA AND 
SOLUBILITY 


APPLICATION OF THE SOLUBILITY 
PRODUCT PRINCIPLE TO 


QUALITATIVE ANALYSIS 

CHEMISTRY IN ACTION / SOLUBILITY 
EQUILIBRIA AND THE FORMATION OF : 
SINKHOLES, STALAGMITES, AND STALACTITES 
CHEMISTRY IN ACTION / THE SOLVAY 
PROCESS FOR THE PREPARATION OF SODIUM 


CARBONATE 
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Table 16.3 shows that K,, for 
HS” == H*+S?> is very 
small (1 x 10~'), 


The O?~ and S*> ions exist in 
the solid lattice, but not in 
aqueous solution. 


17 / SOLUBILITY EQUILIBRIA 


Consider an aqueous solution containing Ag* and Cl7 ions at 25°C. Any one of the 
following conditions may exist: (1) the solution is unsaturated, (2) the solution is 
saturated, or (3) the solution is supersaturated. Following the procedure in Section 14,4 
we use Q, called the ion product, to represent the product of the mola oncentrations 
of the ions raised to the power of their stoichiometric coefficients: 


Q = [Ag*][CI“], 


The subscript , reminds us that these are initial concentrations and d. { necessarily 
correspond to those at equilibrium. The possible relationships betwee and Ky are 
OK, Unsaturated solution 
[Ag*]o[CI7], < 1.6 x 107! 
O=K, Saturated solution 
[Ag*][CI-] = 1.6 x 10719 
Q>Ks Supersaturated solution; AgCl will pr (ate out until 
[Ag*].[Cl7], > 1.6 x 10719 the product of the ionic concentration jual to 1.6 x 
10s 9. 


Solubility Equilibria for Sulfides 


From the ongoing discussion and Table 17.1 we might expect the solubi!\:y equilibrium 
for cadmium sulfide (CdS) to be written as 


CdS(s) == Cd?* (aq) + S?-(aq) 


where 

Kyp = [(Cd?*][S?-] = 8.0 x 10728 
However, studies show that the S2- ion is a strong Brgnsted—Lowry ba.~ and, like the 
O*~ ion, is extensively hydrolyzed in solution. For this reason the sol lity equilib- 


rium for CdS is correctly written as 
CdS(s) == Cd?*(ag) + $?-(aq) 
S*"(aq) + H,O(1) —= HS~(aq) + OH™(aq) a 
Overall: CdS(s) +-S?=¢agy + H,O(/) —= Cd?* (ag) +-S2=¢agy + HS~ (ae) + OH” (aq) 
or simply 


CdS(s) + HOW) —— Cd?* (aq) + HS~(aq) + OH (ag) 


Thus the solubility product expression for CdS, which is the equilibrium constant for 
the overall reaction, is given by 


Ky = [Cd?*][HS~][OH~] = 8.0 x 10-28 


The important point is that the S2~ ion is never a principal species in normal aqueous 
solutions and terms such as [S?] should not appear in equilibrium product expres- 
sions. 

Note that anions such as F~, CO3~, and PO3~ also hydrolyze in water but to a much 
lesser extent than S?~. Thus we write the solubility product expressions for salts 


Containing these anions [for example, CaF » AgoCO3, Mg;(PO,)] in the manner 
shown on p. 696. 
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FIGUY V7.1 Sequence of steps (a) for calculating Ks from solubility data and (b) for calculating solubility from Ks, data. 


Mole» Solubility and Solubility 


As we eve seen, the value of K,, indicates how soluble an ionic compound is in water; 
the lorser the Kp, the more soluble the compound. There are two other quantities that 
express © substance’s solubility: molar solubility, that is, the number of moles of solute 
in | } er of a saturated solution (mol/L), and solubility, that is, the number of grams of 
solute «| liter of a saturated solution (g/L). Note that all of these expressions refer to 


the ©opcentration of saturated solutions at some given temperature (usually 25°C). 
lar solubility and solubility are convenient quantities to use in the laboratory. 
“ying solubility equilibria, we need to become familiar with the conversions 
sp, molar solubility, and solubility. In Examples 17.1 and 17.2 we will see 
calculate K,p from molar solubility and solubility data. The steps involved in 
solving such problems are shown in Figure 17.1(a). 


EXAMPLE 17.1 
The molar solubility of silver sulfate is 1.5 x 10-2 mol/L. Calculate the solubility prod- 
uct of the salt. 


Answer 


First we write the solubility equilibrium equation: 
AgSO,4(s) == 2Ag*(aq) + SOZ (aq) 


From the stoichiometry we see that 1 mole of Ag»SO, produces 2 moles of Ag* and 1 
mole of SOZ” in solution. Therefore, when 1.5 x 10? mol Ag2SO, is dissolved in 1 liter 


of solution, the concentrations are 
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[Ag*] = 2(1.5 x 107? M) = 3.0 x 10-2 mM 
([SO3"] = 1.5 x 10-2 M 
Now we can calculate the solubility product constant: 


Ky = [Ag* P[SO7] 
= (3.0 x 10-*)°(1.5 x 107?) 
= 1.4x 1075 
Similar problem: 17.8. 


EXAMPLE 17.2 


It is found experimentally that the solubility of calcium sulfate is 0.67 g/ iculate the 
value of K,, for calcium sulfate. 


Answer 
First we calculate the number of moles of CaSO, dissolved in 1 liter of suJution: 


0.67 g CaSO, 1 mol CaSO, 
1L soln 136.2 g CaSO, 


In the solubility equilibrium 


= 4.9 x 1073 mol/L 


CaSO,(s) == Ca?*(ag) + S03 (aq) 


we see that for every mole of CaSO, that dissolves, 1 mole of Ca2+ and | mole of SO}- 
are produced. Thus, at equilibrium 


(Ca*]=4.9x10-3M and [S037] = 4.9 x 10-3 7 
Now we can calculate Kop: 


Ky = [Ca?*][SO37] 
= (4.9 x 1079\(4.9 x 1073) 
= 2.4 x 1075 


Similar problems: 17.7, 17.9, 17.10. 


a 


Examples 17.3 and 17.4 show how to calculate molar solubility and solubility from 
K,p data. The steps involved in this type of calculation are shown in Figure 17.1(b). To 
convert the Kp value to the concentrations of cations and anions, we follow the same 


procedure outlined in Section 14.5 for calculating equilibrium concentrations from the 
equilibrium constant. 


EXAMPLE 17.3 


Using the data in Table 17.1, calculate the Molar solubility of copper(I) iodide; that is, 
calculate the number of moles of Cul dissolved in 1 liter of solution. 


17.1. SOLUBILITY AND SOLUBILITY PRODUCT 


Answer 
Step 1 


Let s be the molar solubility (in mol/L) of Cul. Since one unit of Cul yields one Cu* ion 
and one I” ion, at equilibrium both [Cu] and [I7] are equal to s. We summarize the 
changes in concentrations as follows: 


Cul(s) == Cu*(aqg) + I-(aq) 


Initial: 0.00M 0.00M 
Change: +sM +sM 
Equilibrium: sM sM 


Ke = (Cu"](l ] 
5.1 x 107? = (s)(s) 
s = (5.1 x 107!2)§ = 2.3 x 10°° M 


Therefore, at equilibrium 
[Cut] = 2.3 x 10°°M 
{I"] =2.3 x 10°°M 


use | mole of Cul yields 1 mole of Cu*and 1 mole of I, the concentration of Cu* or 
‘ons is equal to that of Cul dissociated. Thus the molar solubility of Cul also is 
2.5% 10°°M. 


ar problem: 17.11. 


EXAMPLE 17.4 
Using the data in Table 17.1, calculate the solubility of calcium phosphate, Ca3(PO,)2, in 
g/L. 


Answer 


Step 1 


Let s be the molar solubility of Ca3(PO4)2. Since one unit of Ca3(PO4)2 yields three Care 
ions and two PO3~ ions, at equilibrium [Ca?*] is 3s and [PO3] is 2s. We summarize the 
changes in concentrations as follows: 


Ca3(PO4)2(s) == 3Ca?* (aq) + 2PO3-(aq) 


Initial: 0.00 M 0.00 M 
Change: +3s M +25 M 


Equilibrium: 35M 2sM 
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Step 2 
Ky = [Ca”* [P03]? 
1.2 x 10776 = (3s)3(2s)? 


s valet Wives TelexahO t= 
108 
Solving for s, we get 
5=2.6Xx 10 °M 
Knowing that the molar mass of Ca3(PO4)2 is 310.2 g and knowing its m olubility, 


we can calculate its solubility in g/L as follows: 


2.6 X 10~° mol Ca3(PO,)> 5 310.2 g Caz/?O4), 
1 L soln 1 mol Ca 4 )o 
= 8.1 x 1074 g/L 


solubility of Ca;(PO,). = 


Similar problem: 17.12. 


As Examples 17.1-17.4 show, solubility and solubility product are related. If we 


know one, we can calculate the other, but each quantity provides differer: ‘nformation. 
Table 17.2 shows the relationship between molar solubility and solubility sroduct fora 
number of ionic compounds. 

When carrying out solubility and/or solubility product calculations, k=» the follow- 


ing important points in mind: 


© The solubility is the quantity of substance that dissolves in a cert: quantity of 
water. In solubility equilibria calculations, it is usually expresse.’ as grams of 


TABLE 17.2 Relationship Between K,y and Molar Solubility (< 


_—: 
Equilibrium 
Concentration 
(M) 
You should be able to derive Compound K,, Expression Cation Anion Relation Between Ksp and $ 
the relations. Do not memorize 
them. AgCl [Ag*}[CI-] 5 fe Ky =sis5= (Kp)? 
BaSO, [Ba?*][S037] s s Ky = 5% 8 = Kaglt 
4 
AgoCO; [Ag*P[CO3] 2s G Kp = 48°; 5 = (2 
PbF, 2H TR- 2 Ke! 
2 [Pb**][F7] s 2s Ky = 457; 5 = na 
K 4 
Al(OH); [AP*][0H-73 5 Bs Ky = 278%; 5 = (*2) 
7 7 
K. $ 
Cax(PO,)2[Ca®* [POP 3s 2s Kop = 10859; 5 = (*2) 
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solute per liter of solution. Molar solubility is the number of moles of solute per 
- of solution. 

solubility product is an equilibrium constant. 

Molar solubility, solubility, and solubility product all refer to a saturated solu- 


Prec’ ing Precipitation Reactions 


From » ‘nowledge of the solubility rules (see Section 11.4) and the solubility products 
listed able 17.1, we can predict whether a precipitate will form when we mix two 
solutions. Example 17.5 illustrates the steps involved in the calculation. 
pice: ed 

BXAMIPLE 17.5 


E 200 mL of 0.0040 M BaCl, is added to exactly 600 mL of 0.0080 M K>SO,. 
¥ precipitate form? 


A ing to solubility rule 3 on p. 456 the only precipitate that might form is BaSO,: 
Ba?* (aq) + SOZ (aq) —> BaSO,(s) 
nber of moles of Ba?* present in the original 200 mL of solution is 


0.0040 mol Ba?* 1L 


200 mL x ———————— x ———— = 8.0 x 104 mol Ba?* 
1L soln 1000 mL 
tal volume after combining the two solutions is 800 mL. The concentration of Ba”* We assume that the volumes 


200 mL volume is are additive. 


8.0 10+ mol 1000 mL 
[Ba2*] = —————_ x ——_ 
800 mL 1 L soln 
=1.0x 103M 
Ths number of moles of SOZ~ in the original 600 mL solution is 


600 tai. 9¢ OREO EEIG — = 4.8 x 107? mol SO} 


1L soln 1000 
The concentration of SO} in the 800 mL of the combined solution is 
4.8 x 10°? mol a 1000 mL 


800 mL 1L soln 
= 6.0x 103M 


[SOz°] = 


Now we must compare Q and K,p. From Table 17.1, the Ks, for BaSO, is 1.1 x 107'°. As 
for Q 


Q = [Ba2*],[SO}7]o = (1.0 x 107)(6.0 x 10°*) 
= 6.0 x 107° 


Compare Q and K,p: 
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Q = 6.0 x 10-8 
Be lb 105° 
0 Ke 


The solution is supersaturated because the value of Q indicates that the concentrations of 
the ions are too large. Thus some of the BaSO, will precipitate out of solution until 


[Ba2*][SO27] = 1.1 x 107!° 


Similar problems: 17.13, 17.14. 


17.2 Separation of Ions by Fractional Precipitati« 


Sometimes it is desirable to remove one type of ion from solution by precipitation 
while leaving other ions in solution. For instance, the addition of sulfate ions to a 
solution containing both potassium and barium ions causes BaSO, to precipitate out, 
thereby removing most of the Ba** ions from the solution. The other ““product,”” 
K2SOzg, is soluble and will remain in solution. The BaSO, precipitate can be separated 
from the solution by filtration. 

Even when both products are insoluble, we can still achieve some decree of separa- 
tion by choosing the proper reagent to bring about precipitation. Consider a solution 
that contains Cl”, Br, and I~ ions. One way to separate these ions is '¢ convert them 
into insoluble silver halides. In Table 17.1 we find the solubility products: 


Compound Ksp 
AgCl 1.6 x 107!° 
AgBr 7.7 X 10-8 
Agl 8.3 x 10°!” 


As the K,, values show, the solubility of the halides decreases from AgCl to Agl. 
Thus, when a soluble compound such as silver nitrate is slowly added to this solution, 
Agl begins to precipitate first, followed by AgBr and then AgCl. 

The following example describes the separation of only two ions (Cl~ and Br), but 
the procedure can be applied to a solution containing more than two different types of 
ions if precipitates of differing solubility can be formed. 


EXAMPLE 17.6 


Silver nitrate is slowly added to a solution that is 0.020 M in Cl” ions and 0.020 M in Br 
ions. Calculate the concentration of Ag* ions (in mol/L) required to initiate (a) the precip- 
itation of AgBr and (b) the precipitation of AgCl. 


Answer 


Seeks: the Kp values, we know that AgBr will precipitate before AgCl. So for AgBr we 
Will 


17.3. THE COMMON ION EFFECT AND SOLUBILITY 


Ky = [Ag* [Br] 
Since [Br~] = 0.020 M, the concentration of Ag* that must be exceeded to initiate the 
precipitation of AgBr is 
K, 1a x 10-18 
[Ag*] =——2 = EUS ae 
; {Br-] 0.020 
=3.9x10'!' M 
Thus [Ag*] > 3.9 x 107"! M is required to start the precipitation of AgBr. (b) For AgCl 
Ks = [Ag* ICI] 
Ky 1.6 x 10°!° 


(cl-] 0.020 
= 8.0x 109M 


‘Therefore [Agt] > 8.0 x 10~° M is needed to initiate the precipitation of AgCl. 


[Ag*] = 


Simaiiar problems: 17.18, 17.19. 


mple 17.6. suggests a question. What is the concentration of Br— ions remain- 
lution just before AgCl begins to precipitate? To answer this question we let 
| = 8.0 X 10°? M. Then 


Ke 

[Ag*] 

Thi ese 
8.0 x 107° 
9.6 x 10°°M 


[Bro] = 


The percent of Br~ remaining in solution (the unprecipitated Br”) at the critical con- 
centration of Ag* is 

[Br Junppr’a 
[Br original 

6x 10°M 
= 9.6 107M x 100% 
0.020 M 
= 0.48% unprecipitated 


x 100% 


% Bro 


Thus, (100 — 0.48) percent or 99.52 percent of Br will have precipitated just before 
AgCl begins to precipitate. By this procedure, the Br ions can be quantitatively 
separated from the Cl” ions by fractional precipitation. 


{7.3 The Common Ion Effect and Solubility 


We saw in Chapter 16 the effect that the presence of a common ion can have on acid 
and base ionizations. Here we will examine the relationship between the common ion 


effect and solubility. 
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As we have noted, the solubility product is an equilibrium constant; precipitation of 
ionic compound from the solution occurs whenever the ion product exceeds K.,,, for that 
substance. In a saturated solution of AgCl, for example, the ion product [Ag ]{C!~] is, 
of course, equal to K,,. Furthermore, simple stoichiometry tells us that {Ag*] = 
[Cl~]. But this equality does not hold in all situations. 

Suppose we study a solution containing two dissolved substances that share « com- 
mon ion, say, AgCl and AgNO3. In addition to the dissociation of AgCl, the fo) !owing 
process also contributes to the total concentration of the common silver ions \\) solu- 
tion: 


AgNO;(s) ato Ag*(aq) + NO3 (aq) 


If AgNO; is added to a saturated AgCl solution, the increase in [Ag*] will m.\e the 
ion product greater than the solubility product: 


Q = [Ag*]o[Cl]. > Kp 


To reestablish equilibrium, some AgCl will precipitate out of the solution, in « cord- 
ance with Le Chatelier’s principle, until the ion product is once again equal to \..,. The 
effect of adding a common ion, then, is a decrease in the solubility of the salt (AC) in 


solution. Note that in this case [Ag*] is no longer equal to [CI] at equilibrium: eather, 
[Ag*] > [CI"]. 


EXAMPLE 17.7 


Calculate the solubility of silver chloride (in g/L) ina 6.5 X 1073 M silver nitrate | \u- 
tion, 


Answer 
Step 1 


Since AgNO; is a soluble strong electrolyte, it dissociates completely: 


AgNOx(s) 2°, Ag*(ag) + NOs(aq) 
65X103M 65x 10-3 Mu 


Let s be the molar solubility of AgCI in AgNO; solution. We summarize the changes in 
concentrations as follows: * 


AgCl(s) == Ag* (aq) + Cl (aq) 


Initial: 6.5 x 103M 0.0M 
Change: +s M +s M 
Equilibrium: (6.5 x 1073 + s) M sM 


Step 2 
Key = [Ag*)[CI7] 
1.6 x 10° = 6.5 x 10-3 + sys) 
Since AgCl is quite insoluble and the Presence of Ag* ions from AgNO; further lowers 


17.3. THE COMMON ION EFFECT AND SOLUBILITY 


the solubility of “ . “!, s must be very small compared to 6.5 x 107%. Therefore, applying 
the approximatios 6 5 X 10-7 + s = 6.5 x 1073, we obtain 


1.6 x 107! = 6.5 x 1073s 
s=2.5 x 107-8 M 
Step 3 


At equilibriuy 
= (6.5 X 1073 + 2.5 x 1078) M= 6.5 x 103M 


|= 2.5 x 107° M 
and so our ap) vation 6.5 X 107? + 2.5 x 1078 = 6.5 x 1073 was justified in step 
2. Since all th: ions must come from AgCl, the amount of AgCl dissolved in AgNO; 
solution also < 10-8 M. Then, knowing the molar mass of AgCl (143.4 g), we can 
calculate the lity of the AgCl as follows: 
on L Pee 2.5 x 10° mol AgCl . 143.4 g AgCl 
solubility Cl in AgNO; solution = Tien 1 mol AgCl 
= 3.6 10° g/L 
Similar pro} 25. 
For compa with the result obtained in Example 17.7, let us find the solubility 
of AgCl in p ater. We start with 
Ky = [Ag*][CI"] = 1.6 x 107” 
Hence 
[Ag*] = [CI"] = 1.3 x 10° M 
The solubilit AgCl in g/L therefore is 
; 1.3 x 1075 mol AgCl es 143.4 g AgCl 
Solubvity of AgCl in water = mT ToTi shee fh 1 mol AgCl 
= 1.9 x 10 gL 


AS we might have expected, the solubility of AgCl is lower by a considerable amount 
in the presence of the common ion Ag* in AgNO; solution than it is in pure water. 


EXAMPLE 17.8 
What is the molar solubility of lead(II) iodide in a 0.050 M solution of sodium iodide? 


Answer 
Step 1 


Sodium iodide is a soluble strong electrolyte, so 


Nal(s) 222, Na*(ag) + I (aq) 
0.050M 0.050M 
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Al a given temperature, only 
the solubility of a compound is 
altered (decreased) by the 
common ion effect. Its 
solubility product, which is an 
equilibrium constant, remains 
the same whether or not other 
substances are present in the 
solution. 
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This is why milk of magnesia, 
Mg(OH)2, dissolves in the 
acidic gastric juice in a 
person’s stomach (see p. 634). 
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Let s be the molar solubility of PbI, in mol/L. We summarize the changes in con<entra- 
tions as follows: 
PbI,(s) == Pb*(aq) + 21 (aq) 

Initial: 0.00 M 0.050 M 

Change: +s M +2s M 

Equilibrium: sM (0.050 + 2s) M 
Step 2 

Ky = (Pb) 7 
1.4 x 1078 = (s)(0.050 + 2s)? 

The low solubility of PbI, and the effect of the common ion I” in decreasing the ‘wolar 
solubility, s, of PbI, allow us to make the approximation 0.050 + 2s = 0.050 so that 


1.4 x 1078 = (0.050)"s 
s=5.6X 10°°M 
Step 3 
At equilibrium 
[Pb?*] = 5.6 x 10°°M 
(I7] = (0.050 M) + 2(5.6 x 10-6 M) = 0.050 M 


showing that our approximation was appropriate. : 

Since all the Pb?* ions must come from PbI>, the molar solubility of PbI, in the Mal 
solution also is 5.6 x 107° M. 

As an exercise, show that the molar solubility of PbI, in pure water is 1.5 * 107° M. 
You will note that the presence of the common ion I~ greatly decreases the solubility of 
Poi. 


Similar problem: 17.26. 


17.4 pH and Solubility 


In addition to depending on the presence of a common ion, the solubility of many 
substances also depends on the pH of solution. Consider the solubility equilibrium of 
magnesium hydroxide: 


Mg(OH)2(s) == Mg* (aq) + 20H (aq) 


Adding OH” ions (increasing the pH) shifts the equilibrium from right to left, thereby 
decreasing the solubility of Mg(OH)>. (This is another example of the common ion 
effect.) On the other hand, adding H* ions (decreasing the pH) shifts the equilibrium 
from left to right, and the solubility of Mg(OH), increases. Thus, insoluble bases tend 
to dissolve in acidic solutions. Similar logic shows why insoluble acids dissolve in 
basic solutions. 


17.4 pH AND SOLUBILITY 


To see the quantitative effect of pH on the solubility of Mg(OH)2, let us first 
calculate the pH of a saturated Mg(OH)2 solution. We write 


Ky = [Mg2*][0H ° = 1.2 x 10°"! 
Let s be the molar solubility of Mg(OH)>. Proceeding as in Example 17.3, 
Ky = Qs) = 4s° 
49 = 1.2* 10" 
3 =3.0x 10? 
s=14x10°M 
At equilibrium, therefore, 
(OH7] =2x 1.4% 10-4 M = 2.8 x 104M 
pOH = —log (2.8 X 1074) = 3.55 
pH = 14.00 — 3.55 = 10.45 


Ina medium whose pH is less than 10.45, the solubility of Mg(OH), would increase. 
This follows from the fact that a lower pH indicates a higher (H*] and thus a lower 
[OH™], as we would expect from Ky = [H*][OH J. Consequently, [Mg?*] rises to 
maintain the equilibrium condition, and more Mg(OH)2 dissolves. The dissolution 
process and the efiect of extra H* ions can be summarized as follows: 


Mg(OH)2(s) == Mg?* (aq) + 20H (aq) 
2H* (aq) + 20H (aq) = 2H,0(!) 


Overali: Mg(OH)2(s) + 2H*(aq) == Mg?* (aq) + 2H20() 
If the pH of the medium were higher than 10.45, [OH™] would be higher and the 
solubility of Mg(OH) would decrease because of the common ion (OH) effect. 
The pH also influences the solubility of salts that contain a basic anion. For exam- 
ple, the solubility equilibrium for BaF; is 


BaF,(s) == Ba’*(aq) + 2F (aq) 
and 


Ky = [Ba2*}[F 
In an acidic medium, the high [H*] will shift the following equilibrium from left to 
right: 
H*(aq) + F-(aq) == HF(aa) 
As [F7] decreases, [Ba”*] must increase to maintain the equilibrium condition. Thus 
more BaF, dissolves. The dissolution process and the effect of pH on the solubility of 
BaF, can be summarized as follows: 
BaF>(s) == Ba?* (aq) + 2F (aq) 
2H* (aq) + 2F (aq) == 2HF(aq) 
Overall: BaF,(s) + 2H* (aq) == Ba2* (aq) + 2HF(aq) 


The solubilities of salts containing anions that do not hydrolyze (for example, cl’, 


Br-, and I~) are unaffected by pH. ili i 
Examples 17.9 and 17.10 deal with the effect of pH on the solubility of a slightly 
soluble substance and a precipitation reaction. 


HF is a weak acid. 


709 


710 


17 / SOLUBILITY EQUILIBRIA 


Tooth decay has plagued humans for centuries. Al- 
though its cause is fairly well understood, total preven- 
tion of tooth decay is still not possible. 

Teeth are protected by a hard enamel layer about 
2 mm thick that is composed of a mineral called hy- 
droxyapatite, Cas(PO,4)30H. When it dissolves (a proc- 
ess called demineralization), the ions go into solution 
in the saliva: 


Cas(PO4)30H(s) ——> 5Ca?* (aq) > 3PO}" (aq) + OH (aq) 


Because phosphates of alkaline earth metals such as 
calcium are insoluble, this reaction proceeds only to a 
small extent. The reverse process, called remineraliza- 
tion, is the body’s natural defense against tooth decay: 


5Ca?* (aq) + 3PO} (aq) + OH (aq) —> Cas(PO,);0H(s) 


In children, the growth of the enamel layer (mineraliza- 
tion) occurs faster than demineralization; in adults, 
demineralization and remineralization take place at 
roughly the same rate. 

After a meal, bacteria in the mouth break down 
some food to produce organic acids such as acetic acid 
and lactic acid, CH3CH(OH)COOH. Acid production 
is greatest from food with high sugar content, such as 
candies, ice cream, and sugary beverages. The de- 
crease in pH results in the removal of OH~ ions 


H*(aq) + OH (aq) —> H,0(/) 


CHEMISTRY IN ACTION 


PH, SOLUBILITY, AND TOOTH DECAY 


promoting demineralization. Once the protective en- 
amel layer is weakened, tooth decay starts. 

The best way to fight tooth decay is to eat a dict low 
in sugar and always brush one’s teeth immediate!y after 
eating. Most toothpastes contain a fluoride com yund 
such as NaF or SnF, that also helps to reduce tooth 
decay (Figure 17.2). The F~ ions from these com- 
pounds replace some of the OH™ ions during the rerin- 
eralization process 

5Ca?* (aq) + 3PO3" (aq) + F~(aq) —> Cas(PO,)!s) 
Because F~ is a weaker base than OH™, the moc’ ‘ied 
enamel, called fluorapatite, is more resistant to sid. 


othpaste 


NET WT. 6.402. (101 


FIGURE 17.2 Commercial toothpastes contain fluoride 
compounds to fight tooth decay. 


EXAMPLE 17.9 
At 25°C the molar solubili 


Answer 


(a) We write 


- mol: ty of Mg(OH)> in pure water is 1.4 x 10-4 M. Calculate its 
molar solubility in a buffer medium whose pH is (a) 12.00 and (b) 9.00, 


Mg(OH)>(s) == Mg?*(ag) + 20H" (aq) 


pH = 12.00 


Therefore 


(b) In this case 


Since 1 mo! \ 
increase in mi 
extra H® ion 


Similar proble: 


Due to the comm 
solubility in pu 


17.4 PH AND SOLUBILITY 


pOH = 14.00 — 12.00 = 2.00 
[OH™] = 1.0 x 10°? M 


Kay = [Mg?*OH"P = 1.2 x 107" 


(Mg?*] = 12 Kg 0se 
. (1.0 x 10-7)? 
=1.2x10°7M 
ffect, the molar solubility of Mg(OH), is markedly lower than its 
(1.4 x 107* M). 
pH = 9.00 


pOH = 14.00 — 9.00 = 5.00 
[OH7] = 1.0 x 10°°M 
1.2 107" 
Me2*] = ———— = 0.12 M 
Mgr (1.0 x 1075)? 


= 1 mol Mg?*, the molar solubility of Mg(OH)2 is 0.12 M. The 
ility from (a) to (b) is the result of the removal of OH™ ions by the 


EXAMPLE 17 29 


Answer 


Calculate the c: 
zine hydroxide & 


First we find the OH~ concentration above which Zn(OH)2 be 


initiate the precipitation of 


-entration of aqueous ammonia necessary to 
1m a 0.0030 M solution of ZnCl. 


The equilibria of interest are 


NH,(aq) + Hj0() == NHi(aq) + OH (a9) 


Zn?* (aq) + 20H~(aq) == Zn(OH)2(s) 
gins to precipitate. We write 


Kyy = (Zn?* OH" F = 1.8 x 10°" 


Since ZnCl, is a strong electrolyte, [Zn?*] = 0.0030 M and 


1.8 x 10° 
0.0030 


[OH-] = 2.4 x 10°°M 


(OH? = =6.0 x 10°? 
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Next, we calculate the concentration of NH; that will supply 2.4 x 10-° M OR ions, 
which is the concentration in a saturated Zn(OH), solution. Let x be the initial concentra- 
tion of NH in mol/L. We summarize the changes in concentrations resulting from the 
ionization of NH; as follows: 


NH3(aq) + H,O(l) ==  NHi(aq) + OH (aq) 


Initial: xM 0.00 M 0.00 M- 
Change: =24x10°M _+24X10°M +2.4x 107° u 
Equilibrium: (x — 2.4 x 107°) M 2.4 x 10°°M 2.4 x 10°° w 
Substituting the equilibrium concentrations in the expression for the ionization constant 
[NH{][OH~ 
Ky ls les 1.8 x 10°> 
[NH3] 
2.4 x 10° %)(2.4 x 10-6 
ee eee =e Bexar 
(x — 2.4 x 107%) 


Solving for x, we obtain 
x=2.7x10°M 


Therefore the concentration of NH3 must be slightly greater than 2.7 x 10~° M to initiate 
the precipitation of Zn(OH). 


Similar problems: 17.35, 17.36. 


17.5 Complex Ion Equilibria and Solubility 


Some metal ions, especially those of transition metals, form complex ions in solution. 
A complex ion may be defined as an ion containing a central metal cation bonded to 
one or more molecules or ions. Cobalt forms such complexes. A solution of cobalt(II) 
chloride is pink because of the presence of the Co(H,0)é* ions (Figure 17.3), When 


FIGURE 17.3 Left: An aqueous cobalt(II) 
Co(H0)g* ions. Right: After the additio 


chloride solution. The pink color is due to the 


n of HCl solution, the i 
formation of the comple CCE n, the solution turns blue because of the 


17.5 COMPLEX ION EQUILIBRIA AND SOLUBILITY 


HCl acid is added, the solution turns blue as a result of the formation of the complex 


: 2-. 
ion CoC: Co?* (ag) + 4Cl-(aq) == CoCly (aq) 


Complex ion formations are Lewis acid—base reactions in which the metal ion acts as 
the acid and the anions or molecules as the base (see Section 15.8). Complex ions play 
an important role in many chemical and biological processes. We will consider the 
effect of complex ton formation on solubility. 

Copper(II) sulfate (CuSO4) dissolves in water to produce a blue solution. The hy- 
drated copper(il) ions are responsible for this color, many other sulfates (Na2SO4, for 
example) are colorless. Adding a few drops of concentrated ammonia solution to a 
CuSO, solution causes a light blue precipitate, copper(II) hydroxide, to form: 


Cu?* (aq) + 20H (aq) —> Cu(OH)2(s) 


where the OH~ ions are supplied by the ammonia solution. If an excess of NH; is then 
added, the blue precipitate redissolves to produce a beautiful dark blue solution, this 
time due to the formation of the complex ion Cu(NH;)3* (Figure 17.4): 


Cu(OH)2(s) + 4NH3(aq) == Cu(NH3)3° (aq) + 20H (aq) 


Thus the formation of the complex ion Cu(NH3)3* increases the solubility of Cu(OH)2. 

‘A measure of the tendency of a particular metal ion to form a particular complex ion 
is given by the formation constant K; (also called the stability constant), which is the 
equilibrium constant for the complex ion formation. The larger the Ks, the more stable 
the complex ion. Table 17.3 lists the formation constants of a number of complex ions. 
The formation of the Cu(NH3)z° ion can be expressed as 


Cu2* (aq) + 4NH3(aq) == Cu(NHs)a" (a9) 
for which the formation constant is 
_ {Cu(NH3)5") 
* (Cu? *JINHs]* 
= 5.0 x 108 


The very large value of K; in this case indicates the great stability of the complex ion in 
solution and accounts for the very low concentration of copper(II) ions at equilibrium. 


FIGURE 17.4 Left: A beaker containing an aqueous solution of copper(II) sulfate. Center: 
After the addition of a few drops of a concentrated aqueous ammonia solution, a light blue 
precipitate of Cu(OH)> is formed. Right: When an excess of concentrated aqueous ammonia 
solution is added, the Cu(OH)2 precipitate redissolves to form the dark blue complex ions 
Cu(NH3)3*. 7 
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According to our definition, 
Co(H,0)2°* itself is a complex 
ion. When we write Co?* (aq), 
we mean the hydrated Co?* 
ion. 
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TABLE 17.3 Formation Constants of Selected Complex Ions in Wetter at 


25°C 

Fi 
Complex Ion Equilibrium Expression Cons 
SS ) 
Ag(NH3)3 Ag* + 2NH; == Ag(NH;)+ 1 
Ag(CN)> Ag’ + 2CN” == Ag(CN)> 1 
Cu(CN)3~ Cu?* + 4CN~ == Cu(CN)3?> l 
Cu(NH;)3;* Cu** + 4NH; == Cu(NH;)3* 5.0 
Cd(CN)3~ Cd?* + 4CN~ == Cd(CN)3> 7.1 
Cdlj~ Cd?* + 4I- == Cal}- 2.0 
HeClz~ Hg?* + 4Cl>- == Hgc- 1.7 
Helj- Hg?* + 4- == Hgl}- 2.0 
Hg(CN)3~ Hg?* + 4CN- == Hg(CN)}- 5 
Co(NH3)2* Co** + 6NH; == Co(NH;)2* 5.0 


i ee 


EXAMPLE 17.11 
concentration of Cu?* ions at equilibrium? 
Answer 


The addition of CuSO, to the NH solution results in the reaction 


Cu?* (aq) + 4NH3(aq) —= Cu(NH3)5* (aq) 


extent, we call the concentration of Cu2* ions at equilibrium x and write 


x, = Luv) 


=5.0 x 10!8 
[Cu**}[NH3}* e 
0.20 
oan eo 


Solving for x, we obtain 


X= 1.6 X 1072 M = [Cu?*] 


approximation. 


Similar problem: 17.41. 


= 


A 0.20 mole quantity of CuSO, is added to a liter of 1.20 M NH; solution. What i: 


Since K; is very large (5.0 x 10!), the reaction lies mostly to the right. As a good 
approximation, we can assume that essentially all of the dissolved Cu2* ions end up as 
Cu(NH3)%* ions. Thus the amount of NH3 consumed in forming the complex ions is 
4 x 0.20 M, or 0.80 M. (Note that 0.20 mol Cu2+ is initially present in solution and four 
NH; molecules are needed to “‘complex’’ one Cu2* ion.) The concentration of NH; at 
equilibrium therefore is (1.20 — 0.80) M, or 0.40 M, and that of Cu(NH3)3* is 0.20 iM, 
the same as the initial concentration of Cu2*. Since Cu(NH3)3* does dissociate to a slight 


The small value of [Cu2*] at equilibrium, compared to 0.20 M, certainly justifies our 


» mation 
ant (Ky) 
zz 


(Wd 

10?! 
925 
9/3 
1035 
0 

1016 
030 
ot! 
| 02! 


17.5 COMPLEX ION EQUILIBRIA AND SOLUBILITY 


cplex ion formation generally is to increase the solubility of a 


The effect of 
owing example shows. 


substance, as the 


ES 
EXAMPLE 1° 
Calculate the olubility of silver chloride in a 1.0 M NH; solution. 
Answer 
Step 1 
The equilibri ons are 
AgCl(s) === Ag*(aq) + Cl" (aq) 
Ky = [Ag* [CI] = 1.6 x OS. 
Ay + 2NH;(aq) = Ag(NHs)3 (aq) ‘. 
A 
pe sone =15% 107 
S. [Ag” J[NH3] 
Overall: 4 , + 2NH3(aq) === Ag(NH3)2 (aq) + Cl (aq) 
The equilib: snstant K for the overall reaction is the product of the equilibrium 
constants of dividual reactions (see Section 14.3): 
A 7 ](C1- 
x= ter, = Be 
[NH3] 
= (1.6 X 107!)(1.5 x 107) 
= 24 10me 
Let s be th solubility of AgCl (mol/L). We summarize the changes in concentra- 
tions that ; -om formation of the complex ion as follows: 
AgC\(s) + 2NH3(aqg) == Ag(NHs)2 (aq) + CI’ (aa) 
Initiz 1.0M 0.0M 0.0 M 
Char —2s M +s M +s M 
Equilibrium: (1.0 — 2s) M sM sM 
ver ions exist in the 


The formation constant for Ag(NH3)> is quite large, so most of the sil i 
complexed form. In the absence of ammonia we have, at equilibrium, [Ag*] = {Cl ]. As 
a result of complex ion formation, however, we can write [Ag(NH3)3] = [Cl]. 

Step 2 


__ 9 
(1.0 — 2s)? 
at eater 
2.4 x 10 (0 = 2s) 


Taking the square root of both sides, we obtain 


s 
eee hea 


s = 0.045 M 
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According to Le Chatelier’s 
principle, the removal of Ag* 
fons from the solution to form 
Ag(NH3)3 ions will cause more 
AgCl to dissolve. 


Do not confuse the groups in 
Table 17.4, which are based on 
solubility products, with those 


in the periodic table, which are 


based on the electron 
configurations of the elements. 
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Step 3 


At equilibrium, 0.045 mole of AgC! dissolves in 1 liter of 1.0 M NH; solution, 

We saw earlier (p. 707) that the molar solubility of AgCl in pure water is 1.3 x 
10°° M. Thus, the formation of the complex ion Ag(NH3)3 enhances the solubility of 
AgCl. Figure 17.5 shows the formation of AgCl precipitate and its subsequent dissolution 
as a result of complex ion formation. 


FIGURE 17.5 From left to right: Formation of AgCl precipitate when AgNO; solution is 
added to NaCl solution. Upon the addition of NH; solution, the AgCl precipitate dissolves 
as the soluble Ag(NH;)3 forms. 


Similar problem: 17.45, 


17.6 Application of the Solubility Product Principle to 
Qualitative Analysis 


In Section 3.8, we discussed the principle of gravimetric analysis, by which we mea- 
sure the amount of an ion in an unknown sample. Here we will briefly discuss qualita- 
tive analysis, the determination of the types of ions present ina solution. We will focus 
on the cations. 

There are some twenty common cations that can be analyzed readily in aqueous 
solution. These cations can be divided into five groups according to the solubility 
products of their insoluble salts (Table 17.4). Since an unknown solution may contain 
any one or all twenty ions, any analysis must be carried out systematically from group 
I through group 5. We will not give a comprehensive discussion of how each cation 
can be identified; instead, we will outline the procedure for separating these twenty 
ions by adding Precipitating reagents to an unknown solution. 


® Group 1 cations. When dilute HC] is added to the unknown solution, only the 


Ag*, Hg3*, and Pb2+ ions precipitate as insoluble chlorides. All other ions form 
soluble chlorides and remain in solution. 


17.6 THE SOLUBILITY PRODUCT PRINCIPLE IN QUALITATIVE ANALYSIS 


TABLE 17.4 Separation of Cations into Groups According to Their Precipi- 
tation Reactions with Various Reagents 
ae 


mae 


Precipitating 
Group Cation Reagents Insoluble Compound Ksy 
ee s a 
1 Ag* HCl AgCl GN 1072 
Hg3* Hg2Cl 3551x 1078 
Pb?! PbCl, DAK 10° * 
5 Bi? H,S Bi,S3 ihe: < 1072 
Cd?" in acidic CdS S010 
Cu’ solutions CuS 6.0 x 10°” 
Sn?* | Sns 1.0 x 10-6 
3 AI H)S Al(OH); 1:8! X10; °° 
Co** in basic CoS 4.0 x 107-74 
Cr** solutions Cr(OH)3 3.0 x 10°” 
Fe?" FeS 6010 
Mn?" MnS 3.0 x 10°!4 
Ni? NiS 1.4 x 10°% 
Zn** ZnS 3.0 x 10-7 
4 Ba** Na zCO3 BaCO; Sl xa10r- 
Ca? CaCO; 82706,107° 
Sr SrCO3 16041057 
5 K No precipitating None 
Na* reagent None 
NH None 
LL 


® Group 2 cations. After the chloride precipitates have been removed by filtration, 
hydrogen sulfide is reacted with the unknown acidic solution. As mentioned 
earlier, the concentration of the $?~ ion in solution is negligible. Therefore the 
precipitation of metal sulfides is best represented as 


M?* (aq) + H2S(aq) == MS(s) + 2H* (aq) 


Adding acid to the solution shifts this equilibrium to the left so that only the least 
soluble metal sulfides, that is, those with the smallest K,p values, will precipitate 
out of solution. These are Bi2S3, CdS, CuS, and SnS (see Table 17.4). 

® Group 3 cations. At this stage, sodium hydroxide is added to the solution to 
make it basic. In a basic solution, the above equilibrium shifts to the right. 
Therefore, the more soluble sulfides (CoS, FeS, MnS, NiS, ZnS) now precipitate 
out of solution. Note that the Al?* and Cr°* ions actually precipitate as the 
hydroxides Al(OH); and Cr(OH)3, rather than as the sulfides, because the hy- 
droxides are less soluble. The solution is then filtered to remove the insoluble 
sulfides and hydroxides. 

® Group 4 cations. After all the group 1, 2, and 3 cations have been removed fron 
solution, sodium carbonate is added to the basic solution to precipitate Ba"”, 
Ca2*, and Sr2+ ions as BaCO3, CaCOs, and SrCO3. These precipitates too are 
removed from solution by filtration. ae 3 

® Group 5 cations. At this stage, the only cations possibly remaining in solution 
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are Na*, K*, and NHj. The presence of NHj can be ci ined by adding 
sodium hydroxide: 
NaOH(aq) + NHj (ag) —> Na*(aq) + H,O(/) ») 

The ammonia gas is detected either by its characteristic o« by observing a 
piece of wet red litmus paper turning blue when placed (not in contact 
with) the solution. To confirm the presence of Na* and K we usually use 
a flame test, as follows: A piece of platinum wire (chosen ise platinum js 
inert) is moistened with the solution and is then held over a burner flame, 
Each type of metal ion gives a characteristic color when h 1 this manner, 
For example, the color emitted by Na* ions is yellow, tha ions is violet, 


and that of Cu?* ions is green (Figure 17.6). 


The flow chart shown in Figure 17.7 summarizes this scheme arating metal 
ions. 

Two points regarding qualitative analysis must be mentioned the separation 
of the cations into groups is as selective as possible; that is, the ani it are added as 
reagents must be such that they will precipitate the fewest types « is. For exam- 
ple, all the cations in group 1 form insoluble sulfides. Thus, if H reacted with 
the solution at the start, as many as seven different sulfides mig ipitate out of 
solution (group 1 and group 2 sulfides), an undesirable outcome |, the separa- 
tion of cations at each step must be carried out as completely as po or example, 
if we do not add enough HCl to the unknown solution to rem the group | 
cations, they will precipitate with the group 2 cations as insolut des; this too 
would interfere with further chemical analysis and lead us to drav 1eous conclu- 
sions. 


FIGURE 17.6 Left to right: Flame 


colors of lithium, Sodium, Potassium 


and copper. 


FIGURE 17.7 
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Filtration 


Filtration 


Filtration 


SOLUBILITY EQUILIBRIA AND THE FORMATION OF SINKHOLES, STALAGMITES, 
AND STALACTITES 


If you have visited the Carlsbad Caverns in New Mex- 
'co or other limestone caverns, you must have been 
Impressed by the fantastic rock formations, called sta- 
lactites, that hang icicle-like from the cavern ceiling, 
and stalagmites, the columns that rise from the cavern 
floor. How are these objects formed? 

The principal nonsilicate mineral in rocks is lime- 
stone, CaCO. The solubility product for the dissolving 
of limestone 


CaCO;(s) == Ca**(aq) + CO} (aq) 


‘low chart for the separation of cations in qualitative analysis. 


CHEMISTRY IN ACTION 


is 
Ky = (Ca?*][CO3-] = 8.7 x 10° 
Thus CaCO; is rather insoluble. However, CaCO; dis- 
solves readily in acid solutions as a result of the follow- 
ing reaction: 
CaCO,(s) + 2HC(ag) —> Ca?* (aq) + 2Cl (aq) + 
H,0()) + CO2(8) 
Since soil moisture commonly contains humic acids 
derived from the decay of vegetation, most groundwa- 
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FIGURE 17.8 | This landscape in Kentucky is dotted with 
sinkholes, which appear as depressions. 


| FIGURE 17.9 Downward-growing, icicle-like  stalac- 
- tites and upward-growing, columnar stalagmites. It may 
take hundreds of years for these structures to form. 


CHEMISTRY IN ACTION/THE SOLVAY PROCESS Al 


ter can dissolve limestone. Furthermore, water contain- 
ing dissolved CO> from the atmosphere is acidic and 
reacts with CaCO; as follows: 


CaCO,(s) + CO2(aq) + H,O(/) == 
Ca?* (aq) + 2HCO3 (aq) 


The extent to which this reaction takes place depends 
on the partial pressure of CO>. At high partial pressures 
of CO the amount of dissolved CO; is high and the 
above equilibrium shifts to the right; at low partial pres- 
sures, the equilibrium shifts to the left. 

When acidic surface waters seep underground, they 
slowly dissolve away limestone deposits. If the lime- 
stone deposits are close to the surface of the earth, their 
dissolution leads to the collapse of the thin layer of 
earth that lies above them. The resulting depressions in 
the landscape are called sinkholes (Figure 17.8). The 


dissolution of deep deposits of limestone produces un- 
derground caves. When a solution containing Ca?* and 
HCO; ions drips through the cracks of a cave’s ceiling 
into the cave, where the partial pressure of carbon diox- 
ide is lower than it is in the soil, the solution becomes 
supersaturated in carbon dioxide. The escape of the 
CO, gas from the solution 


CO,(aq) —> CO2(g) 
shifts the above equilibrium to the left: 


CaCO,(s) + CO2(ag) + H,0(/) <— 
Ca?* (aq) + 2HCO3 (aq) 


Consequently, a precipitate of CaCO forms and stalac- 
tites and stalagmites develop (Figure 17.9). In time, 
stalactites and stalagmites may join to form columns 
that reach from the floor to the ceiling of the cave. 


In Chapter 16 and in this chapter we have studied sev- 
eral concepts of great importance to solution chemistry: 
acid—base equilibria, solubility equilibria, and the 
common ion effect. Let us see how these concepts are 
utilized in an industrial process for the production of 
sodium carbonate (NaxCO3)—Solvay? process. 

In its anhydrous form, sodium carbonate is a pow- 
dery white solid; it also exists as a colorless hydrate 
Na CO; 10H,0, called washing soda. Sodium car- 
bonate is an important inorganic material used in all 
kinds of industrial processes, including water treatment 
and the manufacture of soaps, detergents, medicines, 
and food additives. Today about half of all NaCO3 
produced is used in the glass industry. One developing 
application of Na>CO; is in reducing SO2 pollution by 
power plants. Sodium carbonate is injected with the 
fuel (for example, coal) into the furnace. There it reacts 
with SO, produced during combustion to form the solid 
Na,SO;. In this manner emission of SO, into the at- 
mosphere can be largely prevented. Sodium carbonate 
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THE SOLVAY PROCESS FOR THE PREPARATION OF SODIUM CARBONATE 


salhincsetealiaaeiail tec 8 Sie SAAR 


ranks eleventh among the chemicals produced in the 
United States (8.6 million tons in 1986). 
Commercial manufacturers must have an efficient 
way to produce NaCO; from raw materials that are 
both cheap and abundant. A likely one-step reaction is 


CaCO,(s) + 2NaCl(aq) == NaCOs(aq) + CaCl,(aq) 


This reaction looks attractive on paper because the 
starting materials are cheap and readily available. Cal- 
cium carbonate can be obtained from limestone depos- 
its, and seawater provides a virtually inexhaustible sup- 
ply of NaCl. There is one major drawback, however: 
CaCO; is insoluble. For this reason, the equilibrium for 
the process is overwhelmingly to the left. Furthermore, 
because Na»CO3 is quite soluble in water, it is difficult 
to separate from other substances in solution. Even so, 
+Ernest Solvay (1838-1922). Belgian chemist. Solvay’s major con- 


tribution to industrial chemistry was the development of the aes 
for the production of sodium carbonate that now bears his name. 
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by some ingenious applications of acid—base equilib- 
ria, solubility equilibria, and Le Chatelier’s principle, 
chemists prepare NaCO; cheaply and on a large scale 
by means of the Solvay process. 

The first step in the Solvay process involves the 
thermal decomposition of calcium carbonate. At 
1200°C, the reaction proceeds appreciably from left to 
right: 

CaCO3(s) —+ CaO(s) + CO3(g) (1) 


Next, the CO, gas from reaction (1) and ammonia are 
bubbled through a cold saturated solution of sodium 
chloride to generate bicarbonate and ammonium ions: 


CO,(aq) + H,O(/) == H*(aq) + HCO3 (aq) 
NH(aq) + H2O(l) == NHi (aq) + OH~(aq) 
or simply 
NH3(aq) + H2CO3(aq) == NH (aq) + HCOy (aq) (2) 


The production of bicarbonate ions is a crucial step 
in the Solvay process. Sodium bicarbonate is fairly sol- 
uble in cold water (about 70 g/L), but in the presence 
of excess Na” ions supplied by the saturated NaC] so- 
lution 


[Na*],[HCO5], > Kp 
and precipitation occurs: 
Na* (aq) + HCO} (aq) —> NaHCO,(s) (3) 


Solid sodium bicarbonate is removed from the solution 
and is then heated to obtain the desired final product: 


2NaHCO3(s) —» NagCO;(s) + HsO(g) + COn(g) (4) 


The CO, gas can be fed back into the vessel to react 
with NH3 as shown by reaction (2). 

This process is the quickest way to obtain Na,CO; 
but not the cheapest, because one of the starting materi- 
als, NH3, is quite expensive and must be recovered for 
reuse. Still, whenever there is a need to cut production 
costs, some ingenious chemist can usually find a way 
to do it. Recalling that one of the products in reaction 
(1) is CaO (or quicklime), we can convert it into cal- 
cium hydroxide (commonly called slaked lime) by 
treating it with water: 


CaO(s) + H20(/) —> Ca(OH),(s) (5) 


Calcium hydroxide is only moderately soluble in water, 


17 / SOLUBILITY EQUILIBRIA 


so the concentration of OH™ ions due to its ionization is 
normally quite small: 


Ca(OH)>(s) == Ca?* (aq) + 20H* (aq) (6) 


However, adding NH and heating the reaction ~ix- 
ture shifts the equilibrium to the right as a result 0” the 
uptake of OH™ ions: 


NHj (aq) + OH~(aq) == NH;(aq) + H,0(/) (7) 


Ammonia gas is driven out of the solution by |: -at, 
some of which is provided by reaction (5). (Note ‘hat 
this is the same reaction used to detect NH} ir: the 
qualitative analysis scheme.) Finally, the ammonia °as 
is recaptured and returned to the apparatus to generate 
more bicarbonate ions in reaction (2). 

Figure 17.10 summarizes the steps in the So ay 
process. The impressive feature of this scheme is ‘at 
practically all the secondary products are used in ‘he 
recovery of NH3 or in the production of HCO; ic: 
The exception is CaCl,, which is discharged as a 
product. The world’s soda manufacturers face the prab- 
lem of having to dispose of millions of tons of C: lo 
annually. Some of the CaCl, is used in making 
setting cement and some for melting ice on roads, » it 
much of it is discharged into streams and rivers, add\i1g 
to environmental pollution. 


(a 7 


FIGURE 17.10 Key steps in the Solvay process. 


SUMMARY 


EXERCISES 723 


1. The solubility product Kp expresses the equilibrium between a solid and its ions in 


solution. Solu 


‘y can be found from K,, and vice versa. 


2. The presence ‘ * 4 common ion from another source decreases the solubility of a 
salt. 

3. The solubilic slightly soluble salts containing basic anions increases as the 
hydrogen ion entration increases. The solubility of salts with anions derived 
from strong s unaffected by pH. 

4. Complex ic formed in solution by the combination of a metal cation with 
molecules or or .ons. The formation constant K; measures the tendency toward the 
formation 0 -ific complex ion. Complex ion formation can increase the solu- 
bility of an isciuble substance. 

5. Qualitative is is the identification of cations and anions in solution. 

KEY WOR! 

Complex ion, p Molar solubility, p. 699 Solubility product, p. 696 

Formation cons 713 Solubility, p. 699 Stability constant, p. 713 

EXERCIS| 

SOLUBILIT SOLUBILITY PRODUCT (a) [I-] in Agl solution with [Ag*] = 9.1 x 10° M 

REVIEW QUEST/ONS (b) [AP*] in Al(OH), with [OH™] = 2.9 x 10-° M 

17.7. From the solubility data given, calculate the solubility 

17.1 Define s-lub‘lity, molar solubility, and solubility prod- products for the following compounds: 
uct. Ex; the difference between solubility and the (a) StF), 7.3 X 10-? g/L 
solubility roduct of a slightly soluble substance such as (b) PbCrO4, 4.5 x 107° g/L 
BaSQ,. (c) AgsPO4, 6.7 x 107 g/L 

17.2 Why do we usually not quote the K,, values for soluble 17.8 The molar solubility of MnCO; is 4.2 X 10-6 M. What 
ionic compounds? is Ksp for this compound? 

17.3 Write balanced equations and solubility product expres- 17.9 The solubility of an ionic compound MX (molar 
sions for the solubility equilibria of the following com- mass = 346 g) is 4.63 x 107% g/L. What is Kyp for the 
pounds: (a) CuBr, (b) ZnC,O4, (c) AgoCrO., compound? 

(d) HgoCl, (e) AuCls, (f) Mn3(POx)2. 17.10 The solubility of an ionic compound M>2X3 (molar 

17.4 Write the solubility product expression for the ionic mass = 288 g) is 3.6 x 107'7 g/L. What is Kp for the 
compound A,B,. compound? ? 

17.5 How can we predict whether a precipitate will form 17.11 Using data from Table 17.1, calculate the molar solubil- 
when two solutions are mixed? ity of the following compounds: (a) bee (b) CaF. 

17.12 Calculate the solubility (in g/L) of Aga 3. 
iausbaae 17.13 A sample of 20.0 mL of 0.10 M Ba(NOs)2 is added # 

17.6 Calculate the concentration of ions in the following sat- 50.0 mL of 0.10 M NajCOs. Will BaCO3 PT of 
urated solutions: 17.14 If 2.00 mL of 0.200 M NaOH are added to 1. 0 

0.100 M CaCl, will precipitation occur? [Ks of 
Ca(OH); = 5.4 X 107%] 
17.15 What is the pH of a saturated zine hydroxide solution? 


iThe temperature is assumed to be 25°C for all the problems. 
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17.16 The pH of a saturated solution of a metal hydroxide 
MOH is 9.68. Calculate the K,, for the compound. 

17.17 A volume of 75 mL of 0.060 M NaF is mixed with 
25 mL of 0.15 M Sr(NO3)9. Calculate the concentra- 
tions in the final solution of NO;, Na‘, Sr2*, and F~. 
(Ks for StF, = 2.0 x 1071.) 


FRACTIONAL PRECIPITATION 
PROBLEMS 


17.18 Solid Nal is slowly added to a solution that is 0.010 M 
in Cut and 0.010 M in Ag*. (a) Which compound will 
begin to precipitate first? (b) Calculate [Ag*] when Cul 
just begins to precipitate. (c) What percent of Ag* re- 
mains in solution at this point? 

17.19 The solubility products of AgCl and Ag3PO, are 1.6 Xx 
10~'° and 1.8 x 107'8, respectively. (a) If Ag* is 
added (without changing the volume) to 1.00 L of solu- 
tion containing 0.10 mol Cl” and 0.10 mol PO}, 
which compound will precipitate first? (b) What is the 
concentration of the first anion just before the salt of the 
second anion begins to precipitate? 

17.20 Find the approximate PH range suitable for the separa- 
tion of Fe** and Zn?* by precipitation of Fe(OH); from 
a solution that is initially 0.010 M in Fe?+ and Zn2*. 


THE COMMON ION EFFECT 
REVIEW QUESTIONS 


17.21 How does the common ion effect for solubility equilib- 
tia differ from that in acid—base equilibria discussed in 
Chapter 16? 

17.22 Use Le Chatelier’s principle to explain the decrease in 
solubility of CaCO; in a NazCO; solution. 

17.23 Use CaCO; and Ca(NO3)> to show how the presence of 
a common ion can reduce the solubility of an insoluble 
salt. 

17.24 The molar solubility of AgCl in 6.5 x 10-3 M AgNO; 
is 2.5 x 10-*M. In deriving K,, from these data, 
which of the following assumptions are reasonable? 
(a) Ksp is the same as solubility. 

(b) Ky, of AgCl is the same in 6.5 x 1073 M AgNO; as 
in pure water. 

(c) Solubility of AgCl is independent of the concentra- 
tion of AgNO3. 

(d) [Ag*] in solution does not change significantly 
upon the addition of AgCl to 6.5 x 10-3 M 
AgNO3. 

(e) [Ag*] in solution after the addition of AgCl to 
6.5 X 10-3 M AgNO; is the same as it would be in 
pure water. 


PROBLEMS 


17.25 Calculate the solubility in g/L of AgBr (a) in pure water 
and (b) in 0.0010 M NaBr. 

17.26 The solubility product of PbBr2 is 8.9 x 10~°. Deter- 
mine the molar solubility (a) in pure water, (b) in 
0.20 M KBr solution, (c) in 0.20 M Pb(NO;), solution. 

17.27 How many grams of CaCO; will dissolve in 3.0 x 
10? mL of 0.050 M Ca(NO3)2? 

17.28 Calculate the molar solubility of AgCl in a solution 
made by dissolving 10.0 g of CaCl, in 1.00 L of solu- 
tion. 

17.29 Calculate the molar solubility of BaSO, (a) in water and 
(b) in a solution containing 1.0 M SO}~ ions. 

17.30 The molar solubility of Pb(IO3), in a 0.10 M@ NalO; so- 
lution is 2.4 X 107"! mol/L. What is K,, for Pb(1O3)3? 


pH AND SOLUBILITY 
PROBLEMS 


17.31 Which of the following ionic compounds will be more 
soluble in acid solution than in water? (a) BaSO,, 
(b) PbClh, (c) Fe(OH), (d) CaCO; 

17.32 Which of the following substances will be more soluble 
in acid solution than in pure water? (a) Cul, (b) AgsSOx, 
(c) Zn(OH)2, (d) BaC,04, (e) Ca3(PO.)> 

17.33 What is the pH of a saturated solution of aluminum hy- 
droxide? 

17.34 Calculate the molar solubility of Fe(OH), at (a) pH 8.00 
and (b) pH 10.00. 

17.35 The solubility product of Mg(OH)» is 1.2 x 107". 
What minimum OH™ concentration must be attained 
(e.g., by adding NaOH) to make the Mg?* concentra- 
tion in a solution of Mg(NO3). less than 1.0 X 
107! m? 

17.36 Calculate whether or not a precipitate will form if 
2.00 mL of 0.60 M NH; is added to 1.0 L of 1.0 x 
10~° M of FeSO,. 


COMPLEX IONS 
REVIEW QUESTIONS 


17.37 Explain the formation of complexes in Table 17.4 in 
terms of Lewis acid—base theory. 

17.38 Give an example to illustrate the general effect of com- 
plex ion formation on solubility. 


PROBLEMS 


17.39 Write the formation constant expressions for the follow- 
ing complex ions: (a) Zn(OH)3~, (b) Co(NH;)2*, 
(©) Agi. 

17.40 Explain, with balanced ionic equations, why (a) Cul 
dissolves in ammonia solution, (b) AgBr dissolves in 
NaCN solution, (c) HgCl, dissolves in KCI solution. 


17.41 If 2.50 g of CuSO, are dissolved in 9.0 x 10? mL of 
0.30 M NH3, what are the concentrations of Cu?*, 
Cu(NH;)7*, and NH at equilibrium? 

17.42 Calculate the concentrations of Cd?*, Cd(CN)Z, and 
CN™ at equilibrium when 0.50 g of Cd(NO3)2 dissolves 
in 5.0 X 107 mL of 0.50 M NaCN. 

17.43 If NaOH is added to 0.010 M Ab*, which will be the 
predominant species at equilibrium: Al(OH); or 
Al(OH); ? The pH of the solution is 14.00. [Ky for 
A\(OH); = 2.0 x 1077] 

17.44 Both Ag* and Zn°* form complex ions with NH3. Write 
balanced equations for the reactions. However, 
Zn(OH), is soluble in 6 M NaOH and AgOH is not. 


Explain. 

17.45 Calculate the molar solubility of Cul in a 1.0 M NH3 
solution. 

QUALITATIV! ALYSIS 


REVIEW QUESTIONS 


17.46 Outline the general principle of qualitative analysis. 
17.47 Give two examples of metal ions in each group (1 
through 5) in the qualitative analysis scheme. 


PROBLEMS 


17.48 In a group | analysis, a student obtained a precipitate 
containing both AgCl and PbCl). Suggest one reagent 
that would allow her to separate AgCI(s) from PbCl,(s). 

17.49 Ina group 1 analysis, a student adds hydrochloric acid 
to the unknown solution to make [Cl7] = 0.15 M. 
Some PbC!, precipitates. Calculate the concentration of 
Pb** remaining in solution. 

17.50 The precipitation of metal sulfides in groups 2 and 3 can 
be represented by 


M?* + H>S == MS + 2H* 
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where the equilibrium constant K is given by (H*}*/ 
[M?*][H>S]. (a) Show that K is equal to KyKa,/Ksp 
where K,, is the ion product of water, K,, is the first 
ionization constant of HS, and K.p is the solubility 
product of MS. (Hint: To derive this expression, you 
need to multiply the numerator and denominator in K by 
[OH™][HS~].) (b) Calculate the value of K for Sn?* and 
Mn?*. 

17.51 Both KCI and NH,Cl are white solids. Suggest one rea- 
gent that would allow you to distinguish between these 
two compounds. 


MISCELLANEOUS PROBLEMS 


17.52 For which of the following reactions is the equilibrium 
constant called a solubility product: 

(a) Zn(OH)2(s) + 20H (aq) == Zn(OH)j (aq) 

(b) 3Ca?* (ag) + 2PO} (aq) == Ca3(PO,)a(s) 

(c) CaCO3(s) + 2H* (aq) == Ca?* (aq) + H20(/) + 
CO;(g) 

(d) PbI,(s) == Pb? *(aq) + 21 (aq) 

17.53 Describe a simple test that would allow you to distin- 
guish between AgNO3(s) and Cu(NO3)2(s). 

17.54 Write the electron configuration for Al°* and predict the 
geometry of the Al(OH)4 ion. 

17.55 Suggest a reagent that would allow you to separate AP 
from Fe**. 

17.56 All metal hydroxides react with acids. However, a num- 
ber of them also react with bases. Such compounds are 
said to be amphoteric. Identify the amphoteric hydrox- 
ides among the following compounds: NaOH, AI(OH)3, 
Cu(OH)2, Mg(OH)2, Zn(OH)2, Fe(OH)3, Ni(OH)2. 
Write ionic equations for the complex ion formation be- 
tween the amphoteric hydroxide and the OH™ ions. 
(Hint: See Section 15.6.) 
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Jom 
Water falls down, turning the mill, and then appears to flow back to the original point on its 
own. The laws of thermodynamics rule out such “perpetual-motion” machines. 
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18 / THERMODYNAMICS 


hermodynamics is an extensive and far-reaching scientific discipline that deals with the 

interconversion of heat and other forms of energy. Thermodynamics enables us to use 

information gained from experiments on a system to draw conclusions about other 
aspects of the same system without further experimentation. For example, we saw in Chap- 
ter 4 that it is possible to calculate the heat of reaction from the standard enthalpies of for- 
mation of the reactant and product molecules. This chapter introduces the first and second 
laws of thermodynamics and the Gibbs free-energy function. It also discusses the relation- 
ship between Gibbs free energy and chemical equilibrium. 


5 


18.1 Some Definitions 


Thermodynamics is the scientific study of the interconversion of heat and other kinds 
of energy. (See Section 4.1 for some examples of different forms of energy and their 
interconversions.) In contrast to many areas of chemistry, thermodynamics always 
deals with the macroscopic properties of matter, properties that can be measured di- 
rectly. Much of what we will cover in this chapter is based on two important laws: the 
first law of thermodynamics and the second law of thermodynamics. As we will see, 
these laws deal with the bookkeeping of energy changes and help us predict whether a 
physical or chemical process will occur spontaneously. Unlike the kinetic molecular 
theory of gases (see Chapter 5) or quantum mechanics (see Chapter 6), the laws of 
thermodynamics are not based on specific models involving the structure of matter and 
therefore are unaffected by our changing concepts of atoms and molecules. 

In order to study the laws of thermodynamics, we need to learn several basic terms. 
The word ‘‘system’’ is frequently used in thermodynamics. It will be helpful for you to 
review the definition of system and the different types of systems introduced in Section 
4.1. Two other important terms are state and state function. 

In previous chapters we used the word “‘state’’ to denote the phase of a substance 
(solid state, liquid state, or gas state). But in thermodynamics, when we speak of the 
state of a system, we mean the values of all pertinent macroscopic variables—for 
example, composition, volume, pressure, and temperature. If we know the values of 
all these quantities, then, thermodynamically speaking, we know everything there is to 
know about the system. In practice, a number of mathematical relationships help us 
calculate these variables. For instance, for a given amount of an ideal gas sample, the 
relationship among pressure, volume, amount of gas, and temperature is given by the 
ideal gas equation [Equation (5.7)]: 


PV = nRT 


Thus, for a fixed amount of gas (that is, a constant n) we need to know any two of the 
three variables (P, V, and T) in order to calculate the other one. This equation is called 
an equation of state. 

Pressure, volume, and temperature are said to be state functions—properties that 
are determined by the state the System is in. Once we have specified the state of a 
system by fixing the values of a few of the state functions, the values of all other state 
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functions are also fixed since the state functions are all interrelated. Referring again to 
the ideal gas equation, we see that if the volume and temperature of 1 mole of an ideal 
gas are specified, the pressure must assume the value P = RT/V. 

An important property of state functions is that when the state of a system changes, 
the magnitude of change in any state function depends only on the initial and final 
states of the system and not on how the change is accomplished. Let us assume that the 
change involves the expansion of a gas from an initial volume Vj of 1 liter to a final 
volume V; of 2 liters. The change or the increase in volume is 


AV =V;- V; 
=2L-1L 
=1L 


where AV (delta ) denotes the change in volume. The change can be brought about in 
many ways. We can let the gas expand directly from 1 L to 2 Las described, or we can 
allow it to expand to 5 L and then compress it down to 2 L, and so on. No matter how 
we do it, the change in volume is always 1 L. The same applies to changes in pressure 
and temperature. 

Energy is another state function. Using potential energy as an example, we find that 
the net increase in gravitational potential energy when we go from the second floor to 
the third floor of a building is always the same, no matter how we get there. 

Not all changes can be described in terms of the initial and final states alone. For 
example, the locations of New York and San Francisco are fixed with relation to each 
other, but the distance traveled by a person going from one city to the other depends on 
the means of transportation. It may be 4986 km by air, 5062 km by car, and so on. 
Thus, although the initial and final states are the same in each case, the amount of 
change, or the distance traveled, depends on the path taken. Therefore the distance 
traveled between the two cities is not a state function. Nor, as we will see in the next 
section, are two important thermodynamic quantities, work and heat. 
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The first law of thermodynamics describes the conservation of energy; it states that 
energy can be converted from one form to another, but cannot be created or destroyed. 
In other words, the total energy in the universe is a constant. It would be impossible to 
prove the validity of the first law of thermodynamics if we had to determine the total 
energy content of the universe. Even determining the total energy content of 1 mL of 
oxygen gas would be extremely difficult. Fortunately, in testing the validity of the first 
law of thermodynamics, we need be concerned only with the change in the internal 
energy of a system that results from the difference between its initial state and its final 
state. The change in internal energy AE is given by 


AbeE OR (18.1) 


where E; and E; are the internal energies of the system in its initial and final states, 
Tespectively. 

The internal energy of a system has two com 
energy. The kinetic energy component consists 
Motion from one place to another) of individual 
molecules, and the movement of electrons. Potential en 


ponents: kinetic energy and potential 
of the translational motion (that is, 
molecules, vibration and rotation of 
ergy is determined by repulsive 
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Note that A means “final — 
initial.” 


Recall that an object 
possesses potential energy by 
virtue of its position or 
chemical composition. 
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For convenience, we can omit 
the word “internal” when 
discussing the energy of a 
system. 
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forces between electrons and between nuclei, by attractive forces between electrons 
and nuclei, and by intermolecular interactions. It is impossible to measure all these 
contributions accurately, so we cannot calculate the total energy of a system with any 
certainty. We get around this by concentrating on the changes in energy, whic! can be 
determined experimentally. 

Consider the reaction between 2 moles of hydrogen gas and 1 mole of oxygen gas to 
produce 2 moles of water: 


2H2(g) + O2(g) —> 2H,0(1) 


In this case our system is composed of the reactant molecules Hp and O, and the 
product molecules HO. We do not know the total internal energy content of ei! \er the 
reactant molecules or the product molecules, but we can accurately measure the «ange 
in energy content AE, given by 


AE = energy content of 2 mol H,0(/) — [energy content of 2 mol H2(g) + 1 mol O,(g)] 
= E(product) — E(reactants) 


By experiment we find that the total internal energy content of the system decreases as 
a result of the exothermic reaction in which the energy of the product is less than th: 
the reactant (or AE is a negative quantity). Energy (mainly in the form of hea 
by the system to the surroundings. Since the total energy of the universe is a c’ 
it follows that the sum of energy changes must be zero, that is 


AE ys + AE curr =0 


or 
AE sys = SAE suse 


where the subscripts ‘‘sys’’ and ‘‘surr’’ denote system and surroundings, respectively. 
Thus, if one system undergoes an energy change AE,,., the rest of the universe, or the 
surroundings, must undergo a change in energy that is equal in magnitude but opposite 
in sign. It follows that energy gained in one place must have been lost somewhere else. 

It is just as true that the energy lost by one system must show up elsewhere in the 
universe as an energy gain. Furthermore, because energy can be changed from one 
form to another, the energy lost by one system can be gained by another system in a 
different form. For example, the energy lost by burning oil in a power plant may 
ultimately turn up in our homes as electrical energy, heat, light, and so on. 

In chemistry, we are normally interested in the changes associated with the system 
(which may be a flask containing reactants and products), not with its surroundings. 
Therefore, a more useful form of the first law is 


AE=q+w (18.2) 


process and negative for an exothermic process. The sign convention for work is that w 
1s positive for work done on the system by the surroundings and negative for work done 


by the system on the surroundings. Table 18.1 summarizes the sign conventions for q 
and w. 
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TABLE 18.1 Sic Conventions for Work and Heat 
"s el 
Process Sign 
_ a a 
W ne by the system on the surroundings = 
Wo e on the system by the surroundings 7 
He rbed by the system from the surroundings 
Jermic process) + 
He yrbed by the surroundings from the system 
ermic process) - 
a 
Work and f° 
In Chapter | ined work as force F multiplied by distance d: 
w=Fd 
In thermodyna work has a broader meaning that includes mechanical work (for 
example, a cr: ing a steel beam), electrical work (a battery supplying electrons to 
light the bulb « ishlight), and so on. In this chapter we will concentrate on mechan- 
ical work; in ‘ er 19 we will discuss the nature of electrical work. 
A useful « ‘© of mechanical work is the expansion of a gas (Figure 18.1). 
Suppose that is in a cylinder fitted with a movable piston, at a certain tempera- 
ture, pressur« olume. As it expands, the gas pushes the piston upward against a 
constant opp: external atmospheric pressure P. The work done by the gas on the 
surroundings 
w = —PAV For gas expansion, AV > 0, so 
—PAV is a negative quantity. 
where AV, ti ize in volume, is given by (V_ — Vi). This follows from the fact that je - Rep pegemn = AV<0 
As i ' A and —PAV is a positive 
pressure x can be expressed as (force/area) x volume; that is, quantity. Thus the signs for w 


are in accordance with our 
convention. 


pressure (such as atmos- 
ble piston. The work done 


FIGURE 18.1 The expansion of a gas against a constant external 
4 heric pressure). The gas is ina cylinder fitted with a weightless mova’ 
‘8 given by —PAV. 


732 


18 / THERMODYNAMICS 


F Bh 
PXV= — x @ =Fd=w 
& 


pressure volume 
where F is the opposing force and d has the dimension of length, d* has the dimensions 
of area, and d* has the dimensions of volume. Thus the product of pressure and volume 
is equal to force times distance, or work. You can see that for a given increase in 
volume (that is, for a certain value of AV), the work done depends on the magnitude of 
the external, or opposing, pressure P. The value of P thus defines the ‘‘path’’ of the 
process. If P is zero (that is, if the gas is expanding against a vacuum), the work done 
must also be zero. If P is some positive, nonzero value, then the work done is given by 
—PAV. Remember, however, that in order for the gas to expand, the pressure of the 
gas must be greater than the opposing pressure. 
The following example deals with work done as a result of gas expansion. 


———————————_—_—_—_—_——— a, 
EXAMPLE 18.1 


One mole of an ideal gas initially at 25°C undergoes an expansion in volume from 1.0 L. to 
4.0 L at constant temperature. Calculate the work done if the gas expands (a) against a 
vacuum, (b) against a constant external pressure of 0.50 atm, (c) against a constant exter- 
nal pressure of 3.0 atm. 


Answer 


(a) Since the external pressure is zero, the work w done during expansion is 


= —PAV 
= -0(4.0 — 1.0) L 
=a) 


(b) Here the external pressure is 0.50 atm, so 


w= —PAV 
= —(0.50 atm) (4.0 — 1.0) L 
=a sarm: 


It would be more convenient to express w in units of joules, so from Appendix 2 we obtain 
R = 0.08206 L : atm/K - mol 
and 
R = 8.314 J/K- mol 
Hence 
0.08206 L - atm/K - mol = 8.314 J/K« mol 


8.314 
0.08206 


1 L-atm = 


1L-atm = 101.3 J 
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This is the conversion factor we need. Now we can write 


101.3 J 


we 1.5L: atm Xe 
1 L-atm 


=-1.5x107J 


(c) In this case 
w = —PAV = —(3.0 atm) (4.0 — 1.0) L 


= —9.0 L- atm 
101.3 J 
= —9.0 L- atm x ——— 
1 L-atm 
=—9,1 x 1075 


-|| 


From Example 18.1 we can conclude that work is not a state function. We cannot 
write Aw = ws — w, for a change, because such an equation implies that the work done 
depends only on the initial state (that is, when V = 1.0 L) and final state (when V = 
4.0 L) and nothing else. The amount of work performed depends on the way in which 
the process is carried out, since it is determined by the value of the external, opposing 
pressure. 

The other component of internal energy is g, heat. Heat is the energy transferred 
from a hot object to a cold one. Consider first the factors that contribute to a system’s 
energy at the molecular level. In addition to translational motion, molecules also dis- 
play two other forms of motion, rotation and vibration. A diatomic molecule such as 
HCI can vibrate (Figure 18.2) and it can rotate in two different ways (Figure 18.3). 
Rotating a diatomic or a linear polyatomic molecule about its internuclear axis (the x 
axis) does not constitute a true rotation because such a motion does not shift the 
Positions of the atoms. During the rotation, the center of gravity of the molecule, which 
is also the origin of the x, y, and z axes, remains unchanged. A nonlinear polyatomic 
molecule such as H,O can rotate about all three axes. 

The freedom of molecules to execute translational, rotational, and vibrational mo- 
tion depends very much on the state of the substance. In a solid, the molecules can 
vibrate about a mean position and may even rotate slightly. But translational motion in 
a solid normally is totally absent. In liquids, the molecules vibrate and rotate and, to 
some extent, translate. In gases, the molecules vibrate, rotate, and move rapidly from 
Place to place. Table 18.2 summarizes these facts about molecular energy. 

At a given temperature, the amount of thermal energy (that is, energy associated 
with molecular motion) contained in a substance depends on the amount of the sub- 
stance present and the nature of the molecules that make up the substance. When we 
heat a substance, as with a Bunsen burner, the temperature of the substance rises 
because its thermal energy increases. The rise in temperature is the result of the in- 
crease in one, two, or all three types of molecular motion shown in Table 18.2. The 
More energetic the molecular motions, the higher the temperature. Conversely, if we 
Cool the substance by placing it in contact with a colder object, the molecular motion 


Will diminish, as indicated by a drop in temperature. 
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FIGURE 18.2 The vibrational 
motion of a diatomic molecule 
such as HCl. The chemical bond 
between the atoms can be 
stretched and compressed like a 
spring. 


FIGURE 18.3 Rotation of a 
diatomic molecule about the y 
and z axes. 
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We use lowercase letters (such 
as w and q) to represent 
thermodynamic quantities that 
are not state functions. 
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TABLE 18.2 Molecular Motion in Gases, Liquids, and Solids 


am 
Molecular Motion 
Phase Translation Rotation ‘bration 
LT az, 
Gas Free Free ‘ree 
Liquid Restricted Somewhat restricted ‘ree 
Solid Absent Very restricted ‘ree 


=| 


Heat is not a state function because the heat associated with a given change iv: state, 
like the work, depends on the path taken; that is, we cannot write Ag = a — Gi» It is 
important to note that although neither heat nor work is a state function, their sun, the 
quantity (q + w) in Equation (18.2), does not depend on the path taken. It is siways 
equal to the change in energy AE, and energy, as we saw earlier, is a state furiction. 

An application of Equation (18.2) is shown in the following example. 


_—_—_—__ ws a1 
EXAMPLE 18.2 


The work done when a gas is compressed in a cylinder like that shown in Figure 18. | is 
found to be 299 J. During this process, there is a heat transfer of 70.3 J from the gar to 
the surroundings. Calculate the change in energy of the gas. 


Answer 


We write Equation ( 18.2): 
AE=q+w 


Compression is work done on the gas, so the sign for w (from Table 18.1) is positive: 
w = 299 J. From the direction of heat transfer (system to surroundings), we know that q 
is negative; g = —70.3 J. Thus 


AE = (~70.3 J) + (299 J) 
0200) 


As a result of the compression and heat transfer, the energy of the gas increases by 229 J. 


Similar problem: 18.8. 


Enthalpy 


Chemical reactions can be carried out under a variety of conditions. Two of the most 
important are the conditions of constant volume and constant pressure. 
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If a reaction is ran at constant volume, then AV = 0, and no work will result from 
this change. From ‘quation (18.2) it follows that 


AE=q+w=qv 


that is, the change in energy is equal to the heat change. Bomb calorimetry, discussed 
in Section 4.4, is such a constant-volume process. 

Constant-volw onditions are often inconvenient and sometimes impossible to 
achieve. Most ree) ons occur under conditions of constant pressure (usually atmos- 
pheric pressure discussed in Section 4.4. If a reaction conducted at constant 
pressure results e{ increase in the number of moles of a gas, then the system will 
do work on the vundings (expansion). Conversely, if more gas molecules are 
consumed than ,duced, work will be done on the system by the surroundings 
(compression). 

When a smal! sicce of sodium metal is added to a beaker of water under constant 
(atmospheric) | _ the reaction that takes place is (see Figure 3.7) 


2Na(s) + 2H,O(1) ——> 2NaOH(aq) + H2(g) 


The energy re! luring the reaction is AE. One of the products is gaseous hydro- 
gen, which mu e its way into the atmosphere by pushing back the air. Conse- 
quently, some energy produced by the reaction is used to do the work of pushing 
back a volume : (AV) against atmospheric pressure (P). The heat of the reaction 
under the con ressure condition is AH, which is the enthalpy change; that is, 
dp = AH (see 1 4.3). We sum up the situation at constant pressure by writing 

AE = qp+w 

= AH — PAV 

or 

AH = AE + PAV (18.3) 
Equation (18.3) .«ys that the enthalpy change of a process is the sum of two parts: the 
change in ene f the system and the work done (either on the system by the sur- 


roundings or 
We can now 


he surroundings by the system). 
define the enthalpy of a system as 


H=E+PV (18.4) 


where E is the energy of the system, and P and V are the pressure and volume of the 
system, respectively. Since E and the product PV have the units of energy, enthalpy 
also has the units of energy. Furthermore, because E, P, and V are all state functions, 
the changes in (E + PV) depend only on the initial and the final states. It follows that 
the change in H also depends only on the initial and final states; that is, H is a state 
function. 

Equation (18.4) allows us to explain Hess’s law: When reactants are converted to 
Products, the change in enthalpy is the same whether the reaction takes place in one 
Step or in a series of steps. Because H is a state function, AH is independent of path. 
Hence the enthalpy change for any process is the same whether it takes one step or 
Many steps. 

The following Chemistry in Action discusses some interesting applications of the 
first law of thermodynamics. 
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The subscript V reminds us of 
the constant-volume process. 


The subscript P reminds us of 
the constant-pressure process. 


Hess’s law is discussed in 
Section 4.5. 


736 


18 / THERMODYNAMICS 


CHEMISTRY IN ACTION 


MAKING SNOW AND INFLATING A BICYCLE TIRE 


| 


Many phenomena in everyday life can be explained by 
the first law of thermodynamics. Here we will discuss 
two examples of interest to lovers of the outdoors. 


Making Snow 


If you are an avid downhill skier, you have probably 
skied on artificial snow. How is this stuff made in 
quantities large enough to meet the needs of skiers on 
snowless days? The secret of snowmaking is in the 
equation AE = q + w. A snowmaking machine con- 
tains a mixture of compressed air and water vapor at 
about 20 atm. At the appropriate moment, the mixture 
is sprayed into the atmosphere (Figure 18.4). Because 
of the large difference in pressure between the tank and 
the outside atmosphere, the expelled air and water 
vapor expand so rapidly that, as a good approximation, 


FIGURE 18.4 A snowmaking machine in operation. 


no heat exchange occurs between the system (air and 
water) and its surroundings; that is, g = 0. (In thermo- 
dynamics, such a process is called an adiabatic proc- 
ess.) Thus we write 


AE=qt+tw=w 


Because the system does work on the surroundings, w 
is a negative quantity, and there is a decrease in the 
system’s energy. Kinetic energy is part of the total en- 
ergy of the system. In Section 5.8 we saw that the 
average kinetic energy of a gas is directly proportional 
to the absolute temperature [Equation (5.13)]. It fol- 
lows, therefore, that the change in energy AE is propor- 
tional to the change in temperature, so that 


AE « AT 
= CAT 


where C is the proportionality constant. Because AF is 
negative, AT must also be negative, and it is this cool- 
ing effect (or the decrease in the kinetic energy of the 
water molecules) that is responsible for the formation 
of snow. Although we need only water to form snow, 
the presence of air, which also cools on expansion, 
helps to lower the temperature of the water vapor. 


Inflating a Bicycle Tire 


If you have ever pumped air into a bicycle tire, you 
probably noticed a warming effect at the valve stem. 
This phenomenon, too, can be explained by the first 
law of thermodynamics. The action of the pump com- 
Presses the air inside the pump and the tire. The process 
is rapid enough to be treated as approximately adia- 
batic, so that g = Oand AE = w. Because work is done 
on the gas in this case (it is being compressed), w is 
Positive, and there is an increase in energy. Hence, the 


temperature of the system increases also, according to 
the equation 


AE = CAT 


Note that no such warming effect occurs if you in- 
flate a tire with compressed air at a gas station. Al- 
though the air was hot when first delivered to the stor- 
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age tank from a compressor, it has cooled to ambient _ ature that occurs with a hand pump cannot be the result 
temperature by the time you use it, and it does not of friction between air molecules and the valve stem. 
undergo compression in moving from the tank to the Otherwise, a warming effect would be observed with 
tire. The comparison also shows that the rise in temper- the compressed air at a gas station. 


18.3 Entrop: od the Second Law of Thermodynamics 
Spontaneous Processes 


One of the main objectives in studying thermodynamics, as far as chemists are con- 
cerned, is to be able to predict whether or not a reaction will occur when reactants are 
brought together under a special set of conditions (for example, at a certain tempera- 
ture, pressure, and concentration). A reaction that does occur under the given set of 
conditions is called a spontaneous reaction. If it does not occur under that set of 
conditions, it is said to be nonspontaneous. To look into the idea of spontaneity, let us 
consider the following physical and chemical processes: 


® A waterfal! runs downhill, but never up, spontaneously. 

@ A lump of sugar spontaneously dissolves in a cup of coffee but dissolved sugar 
does not spontaneously reappear in its original form. 

® Water freezes spontaneously below 0°C and ice melts spontaneously above 0°C 
(at 1 atm). 

@ Heat flows from a hotter object to a colder one but the reverse never happens 
spontaneously. 

@ The expansion of a gas in an evacuated bulb is a spontaneous process [Figure 
18.5(a)]. The reverse process, that is, the gathering of all the molecules into one 
bulb, is not spontaneous [Figure 18.5(b)]. 


FIGURE 18.5 (a) A spontaneous process. (b) A nonspontancous process. 
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® A piece of sodium metal reacts violently with water to form sodium hydroxide 
and hydrogen gas. However, hydrogen gas does not react with sodium | droxide 
to form water and sodium. 

@ Iron exposed to water and oxygen forms rust but rust does not spontaneously 
change back to iron. 


These examples and many others show that processes that occur spontaneously in 
one direction cannot also take place spontaneously in the opposite direction. |}! »wever, 
an important question remains: Is there a thermodynamic quantity that cay ielp us 


predict whether a process will occur spontaneously? 
It seems logical to assume that spontaneous processes occur so as to decrease the 


energy of a system. This assumption helps explain why things fall downward °nd why 
springs in a clock unwind. In chemical reactions, too, we find that a large nuinber of 
exothermic reactions are spontaneous at room temperature. An example is the forma- 


tion of ozone from oxygen atom and oxygen molecule: 
O(g) + O2(g) —> Ox(g) | AH® = ~107.2 kJ 
Another example is the acid—base neutralization reaction: 
H* (aq) + OH (aq) —> H,0(/) AH® = —56.2 kJ 


But the assumption that spontaneous processes always decrease a system’s ener fails 
in a number of cases. Consider a solid-to-liquid phase transition such as 


H,0(s) —> H30(/) AH® = 6.01 kJ 


Experience tells us that ice melts spontaneously above 0°C even though the priv ess is 
endothermic. As another example, consider the cooling that results when ammonium 
nitrate dissolves in water: 


NH4NO3(s) “2°; NH?(ag) + NOs(ag) AH? = 25 kJ 


The dissolution process is spontaneous, yet it is also endothermic. The decomposition 
of mercury(II) oxide is an endothermic reaction that is nonspontaneous at room temper- 
ature but becomes spontaneous when the temperature is raised (see Figure 3.5): 


2Hg0(s) “> 2Hg() + 0g) AH? = 90.719 


From a study of the examples mentioned and many more cases we come to the 
following conclusion: Exothermicity favors the spontaneity of a reaction but does not 
guarantee it. It is possible for an exothermic reaction to be nonspontaneous, just as it 
is possible for an endothermic reaction to be spontaneous. Consideration of energy 
changes alone is not enough to predict spontaneity or nonspontaneity. Thus, it becomes 
necessary to look for another thermodynamic quantity (in addition to enthalpy) to help 
predict the direction of chemical reactions. This quantity turns out to be entropy, as we 
will see shortly. 

It is important to keep in mind that the fact that a reaction is spontaneous does not 
necessarily mean that it will occur at an observable rate, A spontaneous reaction may 
be very fast, as in the case of acid—base neutralization, or extremely slow, as in the 
rusting of a nail. Thermodynamics can tell us whether a reaction will occur, but it does 


not say how fast it will occur, Reaction rates are the subject of chemical kinetics (see 
Chapter 13). 
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Entropy 


In order to predict “he spontaneity of a process, we need to know the change in both the 


enthalpy and the es -opy of the system. Entropy (S) is a direct measure of the random- 
ness or disorder ©) a system. In other words, entropy describes the extent to which 
atoms, molecules. or ions are distributed in a disorderly fashion in a given region in 
space. The greats. “16 disorder of a system, the greater its entropy. Conversely, the 
more ordered a system, the smaller its entropy. It is possible to determine the absolute 
entropy of a sul e, something we cannot do for energy or enthalpy, but the details 
of entropy meas ats need not concern us here. A few general points about entropy 
serve our need is chapter: 

@ Listed en values are for substances at 1 atm and 25°C; these are called 
standard pies (S°). 

@ Entropies of both elements and compounds are positive (that is, S°>0). By 
contrast, andard enthalpy of formation (AH?) for elements in their stable 
forms is _ but for compounds it may be positive or negative. 

@ The unit itropy are J/K or J/K- mol for 1 mole of the substance. (Because 
entropy \ ; are usually quite small, we use joules rather than kilojoules.) 

For any sub . the particles in the solid state are more ordered than those in the 

liquid state, w! » turn are more ordered than those in the gaseous state. Consider 

the entropies . sxe following substances at 25°C: 
Substance S° (JIK + mol) 
H,0(/) 69.9 
H,0(g) 188.7 
Br2(/) 152.3 
Bro(g) 245.3 
L(s) 116.7 
L(g) 260.6 
C(diamond) 2.44 
C(graphite) 5.69 


Water vapor has a greater entropy than liquid water, bromine vapor has a greater 
entropy than liquid bromine, and iodine vapor has a greater entropy than solid iodine. 
Both diamond and graphite are solids, but diamond has a more ordered structure (see 
Figure 10.29). Therefore, diamond has a smaller entropy than graphite. For a given 
substance, the entropy always increases in the following order: 


Scotia < Stiquia < Seas 


s than atoms with fewer electrons. 


Atoms that have more electrons have larger entropic: 
= 10) 


For example, the entropy of Kr (Z = 36) is 164.0 J/K- mol, while that of Ne (Z 
1s 146.2 J/K- mol. 

Like energy and enthalpy, entropy is a state func 
which a system changes from some initial state to so 
for the process, AS, is 


tion. Consider a certain process in 
me final state. The entropy change 


AS = S;— Si 
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Appendix 1 lists the standard 
entropy values of a number of 
elements and compounds. 


The comparison is valid 
for the same molar amo’ 
the substance. 
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FIGURE 18.6 Processes that lead to an increase in entropy of the system: (a) melting: 
Stiquia > Ssotias (b) vaporization: Svapor > Stiquia’ (C) dissolving: Ssoim > (Ssovent + Ssoture)s (A) 
heating: Sr, > Sr,. 


where S; and §; are the entropies of the system in the final and initial states, respec- 
tively. If the change results in an increase in randomness, or disorder, then S; > S;, or 
AS > 0. Figure 18.6 shows several processes that lead to an increase in entropy. In 
each case you can see that the system changes from a more ordered state to a less 
ordered one. It is clear that both melting and vaporization processes have AS > 0. 
When an ionic solid dissolves in water, the highly ordered crystalline structure of the 
solid and part of the ordered structure of water are destroyed. Consequently, the solu- 
tion possesses greater disorder than the pure solute and pure solvent. Heating also 
increases the entropy of a system. The higher the temperature, the more energetic the 
various types of molecular motion. This means an increase in randomness at the molec- 
ular level, which corresponds to an increase in entropy. 


The following example deals with the entropy changes of a system as a result of 
physical changes. 


EXAMPLE 18.3 


Predict whether the entropy change is greater than or less than zero for each of the 
following processes: (a) freezing liquid bromine, (b) evaporating a beaker of ethanol at 
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foom temperature, (c) dissolving potassium iodide in water, (d) cooling nitrogen gas from 
80°C to 20°C. 


Answer 


(a) This is a liquid-to-solid phase transition. The system becomes more ordered so that 
AS <0. (b) This is a liquid-to-vapor phase transition. The system becomes more disor- 
dered and AS > 0. (c) A solution is invariably more disordered than its components (the 
solute and solveut). Therefore, AS > 0. (d) Cooling decreases molecular motion; there- 
fore, AS < 0. 


Similar problem: 18.22. 


The Second Law of Thermodynamics 


The connection between entropy and spontaneity of a reaction is the subject of the 
second law of thermodynamics: The entropy of the universe increases in a spontane- 
ous process and remains unchanged in an equilibrium process. Since the universe is 
made up of the system and the surroundings, the entropy change in the universe 
(AS iv) for any process is the sum of the entropy changes in the system (AS,y,) and in 
the surroundings (AS.y,;). Mathematically, we can express the second law of thermo- 
dynamics as follows: 


A spontaneous process: ASuniy = ASsys + ASsun > 0 (18.5) 


An equilibrium process: ASuniv = ASsys + ASsunr, = 0 (18.6) 


For a spontaneous process this law says that ASyniy Must be greater than zero, but it 
does not place a restriction on either AS,,, or AS cures Thus it is possible for either AS sys 
or AS.ur to be negative, as long as the sum of these two quantities is greater than zero. 
For an equilibrium process, ASyniv is zero. In this case AS.ys and AS.urr must be equal 
in magnitude, but opposite in sign. 


Entropy Changes in Chemical Reactions 


Our next step is to calculate entropy changes in chemical reactions. The procedure for 
calculating such changes is quite similar to that for calculating the enthalpy of reaction, 
outlined in Section 4.6. For the reaction 


aA + bB —> cC+ aD 


the standard entropy change AS° is given by 
AS2un = [eS°(C) + dS°(D)] — [as*(A) + 65°B)] 


or, In general, using } to represent summation and m and n for the stoichiometric 


Coefficients in the reaction, 


As?,, = EnS%(products) — ZmsS*(reactants) (18.7) 


In the following example we calculate the entropy changes of chemical reactions. 


741 


The units of S° in this equation 
are J/K- mol. 
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XY; 


EXAMPLE 18.4 


From the absolute entropy values in Appendix 1, calculate the standard entropy ¢chinges 
for the following reactions at 25°C. 
(a) CaCOx(s) —> CaO(s) + CO,(g) 


(b) No(g) + 3H2(g) —> 2NH3(g) 
(c) Ho(g) + Cl(g) — > 2HCl(g) 


Answer 


We can calculate AS° by using Equation (18.7). 
(a) ASren = [S°(CaO) + S°(CO3)] — [5°(CaCO3)] 
= (1 mol)(39.8 JK: mol) + (1 mol)(213.6 J/K : mol) — (1 mol)(92.9 J/. mol) 
= 160.5 J/K 
Thus, when | mole of CaCO; decomposes to form 1 mole of CaO and | mole of gaseous 
CO,, there is an increase in entropy equal to 160.5 J/K. 
(b) ASrxn = [25°(NH3)] — [S°(N3) + 35°(H2)] 
= (2 mol)(193 J/K « mol) — [(1 mol)(192 J/K - mol) + (3 mol)(131 J/K + m.)| 
= —199 JK 
This result shows that when | mole of gaseous nitrogen reacts with 3 moles of gas: .s 
hydrogen to form 2 moles of gaseous ammonia, there is a decrease in entropy equ’ io 
—199 J/K. 
(c) ASixn = [25°(HCI] — [S°(H>) + S°(C15)] 
= (2 mol)(187 J/K - mol) — [(1 mol)(131 J/K - mol) + (1 mol)(223 J/K + mo!)] 
= 20 J/K 


Thus the formation of 2 moles of gaseous HCI from 1 mole of gaseous H> and 1 mole of 
gaseous Cl, results in a small increase in entropy equal to 20 J/K. 


Similar problem: 18.26. 


Es 


It is important to note that the entropy changes calculated in Example 18.4 pertain 
only to the system (that is, the reactant and product molecules), not to the system and 
surroundings. Therefore, AS” xn iS not required to be positive, but it can be either 
positive or negative for a Spontaneous reaction. The results of Example 18.4 are con- 
sistent with many other reactions, which allow us to state the following general rules: 


@ Ifa reaction produces more gas molecules than it consumes [Example 18.4(a)], 
AS® is positive. If the total number of gas molecules diminishes [Example 
18.4(b)], AS® is negative. 

@ If there is no net change in the total number of gas molecules [Example 18.4(c)], 
then AS° may be positive or negative, but will be relatively small numerically. 


These conclusions are based on the fact that gases invariably have greater entropy than 
liquids and solids. For reactions involving only liquids and solids prediction is more 
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difficult, but the general rule still holds in many cases that an increase in the total 


number of molecules and/or ions is accompanied by an increase in entropy. 
The following <xample shows how knowing the nature of reactants and products 
makes it possible to predict entropy changes. 
ee ee eT | 
EXAMPLE ¢©.- 
Predict whethc: tle entropy change of the system in each of the following reactions is 
positive or 1 > 
(a) Ag* (aq) + ©’ (aq) —> AgCl(s) 
(b) NH4Cl(s) - NH;(g) + HCI(g) 
(c) Hy(g) + Broig) —> 2HBr(g) 
Answer 
(a) The Ag* and Cl ions are free to move in solution, whereas AgCl is a solid. Further- 
more, the nu of particles decreases from left to right. Therefore, AS is negative. 
(b) Since the is converted to two gaseous products, AS is positive. 
(c) We see tha’ ihe same number of moles of gas is involved in the reactants as in the 
product. Ther “ore we cannot predict the sign of AS but we know the change must be quite 
small. 
Similar problvsu: 18.28, 18.29. 
=e 
18.4 Gibbs ‘vee Energy 
The second law =! thermodynamics tells us that to be spontaneous a reaction must lead 
to an increase in ‘fe entropy of the universe, that is, ASuniv > 9. This is the criterion for 


spontaneity we were looking for. In order to determine the sign of ASyniy for a reaction, 
however, we would need to calculate both ASsys and AS.urr- Therefore, because we are 
usually concerned only with what happens in a particular system rather than with what 
happens in the entire universe, and because the calculation of ASsurr often can be quite 
difficult, it is desirable to have another thermodynamic function that will help us 
determine whether a reaction will occur spontaneously even though we consider only 
the system itself, 

Earlier we mentioned that enthalpy change (of the system) is one of the two factors 
that help us predict the direction of a reaction. Entropy change (of the system) is the 
other factor. Together, enthalpy and entropy enable us to define a new thermodynamic 
function, called the Gibbs+ free energy, or simply free energy (G), as follows: 


G=H-TS (18.8) 


Vosiah Willard Gibbs (1839-1903). American physicist. One of the founders of thermodynamics, Gibbs is 
Considered by many to be the most brilliant of the native-born American scientists (Benjamin Franklin comes 
Second in this ranking). Gibbs was a modest and private individual, who spent almost all of his professional 
life at Yale University. Because he published most of his works in obscure journals, Gibbs never gained the 
eminence that his contemporary and admirer James Maxwell did in Europe. Even today, very few people 
Outside of chemistry and physics have ever heard of Gibbs. 
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The word “free” here does not 
mean without cost, 


TABLE 18.3 Conventions 
for Standard States 


bOI SS Se 
State of 
Matter Standard State 
is SSC eS Se 
Gas 1 atm pressure 
Liquid Pure liquid 
Solid Pure solid 
Elements*  AG?(element) = 0 
Solution 1 molar 
concentration 
Gi 3. Seth 


*The most stable allotropic form at 
25°C and | atm. 
(2.00 OSS 
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Remember that all the quantities in Equation (18.8) pertain to the system, and T is the 
temperature (in kelvin) of the system. You can see that G has the units of energy (both 
H and TS have the units of energy) and, like H and S, it is a state function. 

The change in free energy (AG) of a system for a process at constant temperature is 
given by 


AG = AH — TAS (18.9) 


The relationship between AG and the spontaneity of a reaction at constant temperature 
and pressure can be summarized as follows: 


AG <0. A spontaneous reaction. 

AG >0 A nonspontaneous reaction. The reaction is spontaneous in the 
reverse direction. 

AG =0 The system is at equilibrium. There is no net change. 


One way to appreciate the significance of free energy is to realize that the adjective 
“‘free’’ describes the usable, or available, energy—energy in forms that could be used 
to do work. Thus, if a particular reaction is accompanied by a release of usable energy 
(that is, if AG is negative), this fact alone guarantees that it must be spontaneous, and 
there is no need to worry about what happens to the rest of the universe. 


Calculating Free-Energy Changes 


Because free-energy change under conditions of constant pressure and temperature can 
be used to predict the outcome of a process, we will now look at ways to calculate its 
value. Consider the following reaction: 


aA + bB —> cC+dD 


If the reaction is carried out under standard-state conditions, that is, reactants in their 
standard states are converted to products in their standard States, the free-energy 
change is called the standard free-energy change, AG°. Table 18.3 summarizes the 
conventions used by chemists to define the standard states of pure substances as well as 
solutions. For the above reaction the standard free-energy change is given by 

AGixn = [CAG#(C) + d&G;(D)] — [aAG@(A) + bAG;(B)] 
or, in general 


AGixn = ZnAGH(products) — =mAGF(reactants) (18.10) 


where m and n are stoichiometric coefficients, The standard free energy of formation of 
a compound (AGP) is the free-energy change that occurs when | mole of the compound 
is synthesized from its elements in their standard States. For the combustion of graphite 


C(graphite) + O.(¢) —> CO2(g) 
the standard free-energy change [from Equation (18.10)] is 
AGixn = AG?(CO) — [AGXC) + AG?(O>)] 


As in the case of the standard enthalpy of formation (p. 154), we define the standard 
free energy of formation of any element in its stable form as zero. Thus 


AGHC)=0 and — AG2(05) = 0 
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The standard free-energy change for the reaction is numerically equal to the standard 


free energy of formation of COz: 


AG in = AGF(CO2) Note that AG? is in kJ, but AG? 
; ‘ is in kJ/mol. The equation 
Appendix 1 lists tic values of AGf for a number of compounds. holds because the coefficient 
niilati f standard free- ‘ wn in the following example. im front of AG; (1 in this case) 
Calculations « idard free-energy changes are sho gs ip has the-anit “mol.” 


ee mn 
EXAMPLE 1¢ 
Calculate the sta d free-energy changes for the following reactions at 25°C. 
(a) CH4(g) + 202(¢) —> COx(g) + 2H,0(/) 
(b) 2MgO(s) - 2Mg(s) + O2(g) 
Answer 
(a) According juation (18.10), we write 
A {AG#(CO2) + 2AGF(H2O)] — [AGF(CH4) + 2AG#(O2)] 
We insert the ve'ues from Appendix 1: 
AGien = [C1 mols’ -394.4 kJ/mol) + (2 mol)(—237.2 kJ/mol)] 


— [(1 mol)(—50.8 kJ/mol) + (2 mol)(0 kJ/mol)] 


= -815 
(b) The equation is 
AGixn = [2AGP(Mg) + AGF(O2)] — [2AGF(MgO)] 


From data in Appendix 1 we write 
AGien = [(2 mol)(O k/mol) + (1 mol)(0 kJ/mol)] — [(2 mol)(—569.6 kJ/mol)] 
= 1139 kJ 


Similar problems: 18.34, 18.35. 


In the preceding example the large negative value of AG® for the combustion of 
methane (a) means that the reaction is a highly spontaneous process under standard- 
State conditions, whereas the decomposition of MgO in (b) is nonspontaneous beeanse 
AG? is a large, positive quantity. Remember, however, that a large, negative AG* does 
not tell us anything about the actual rate of the spontaneous process; a mixture of CH, 
Se Oy at 25°C could sit unchanged for quite some time in the absence of a spark or 

ame. 


Applications of Equation (18.9) 


Free energy is useful because it allows us to predict whether a given process is sponta- 
neous. In order to predict the sign of AG, we need to determine both AH and AS : as 
shown by Equation (18.9). The factors that tend to make AG negative are a negative 

(an exothermic reaction) and a positive AS (a reaction that results in an increase in 
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disorder of the system). In addition, temperature may also influence the direction of a 
spontaneous reaction. We discuss the four possibilities below. 


@ If both AH and AS are positive, then AG will be negative only when ‘ie TAS 
term is greater in magnitude than AH. This condition is met when 7 large. 

@ If AH is positive and AS is negative, AG will always be positive, regev<lless of 
temperature, because the —7AS term will always be positive. 

@ If AH is negative and AS is positive, then AG will always be negative + sardless 
of temperature. 

@ If AH is negative and AS is negative, then AG will be negative only wh: TAS is 
smaller in magnitude than AH. This condition is met when 7 is sma 


What temperatures will cause AG to be negative for the first and last cases 4 »pends 
on the actual values of AH and AS of the system. Table 18.4 summarizes the eects of 
the four possibilities just described. 

We will now consider two specific applications of Equation (18.9). 


Temperature and Chemical Reactions. Calcium oxide (CaO), also called quick- 
lime, is an extremely valuable inorganic substance used in steelmaking, prod:tion of 
calcium metal, the Solvay process (see pp. 721-722), the paper industry, wairr treat- 
ment, and pollution control. It is prepared by decomposing limestone (CaCO.) » a kiln 
at high temperatures. 


CaCO3(s) == CaO(s) + CO,(g) 


The reaction is reversible and CaO readily combines with CO, to form CaC;. The 
pressure of CO. in equilibrium with CaCO; and CaO increases with temperai.ire. In 
actual production the system is never maintained at equilibrium; rather, CO. \s con- 
Stantly removed from the kiln to shift the equilibrium from left to right, promoting the 
formation of calcium oxide. 

The important information for the practical chemist is the temperature at whic 
decomposition of CaCO; becomes appreciable (that is, at what temperature doe 
Teaction become spontaneous). We can make a reliable estimate of that temperature as 
follows. First we calculate AH” [using Equation (4.9)] and AS° [using Equation (18.7)] 
for the reaction at 25°C, using the data in Appendix 1. 


TABLE 18.4 Factors Affecting the Sign of AG in the Relationship AG = AH — TAS 


AH AS AG Example 

+ + Reaction proceeds spontaneously at high temperatures. At low H(g) + L(g) —> 2HI(g) 
temperatures, reaction is spontaneous in the reverse direction. 

+ = AG is always positive. Reaction is spontaneous in the reverse 302(g) —> 203(g) 
direction at all temperatures. 

- + AG is always negative. Reaction proceeds spontaneously at all 2H202(1) —> 2H,O(1) + O2(g) 
temperatures. 7 

= = Reaction proceeds spontaneously at low temperatures. At high NH3(g) + HCl(g) —> NH,Cl(s) 


temperatures, the reverse reaction becomes spontaneous. 
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~ AH#(CO2)] — [AHP(CaCOs)] 


AH? = [AH?(Ca0? 
= [(1 mo!) :.6 kJ/mol) + (1 mol)(—393.5 kJ/mol)] — [1 mol)(— 1206.9 kJ/mol)] 
= 177.8k 
AS? = [S°(CaO) (CO )] — [S°(CaCO3)] 
= [(1 mo i/K- mol) + (1 mol)(213.6 J/K- mol)] — [(1 mol)(92.9 /K-mol)] 
= 160.5 
For reactions «©! out under standard-state conditions, Equation (18.10) takes the 
form 
AG° = AH? — TAS? 
so we obtain 
1 kJ 
\G° = 177.8 kJ — (298 K)(160.5 u«(——) 
1000 J 
= 130.0 kJ 
Since AG°® is positive quantity, we conclude that the reaction is not favored at 
25°C (or 298 | wrder to make AG® negative, we first have to find the temperature 
at which AG , that is 
0 = AH® — TAS? 
or 
AH? 
T=—— 
AS° 
(177.8 kJ)(1000 J/1 kJ) 
160.5 J/K 
= 1108 K 
= 835°C 
Ata temperature hi gher than 835°C, AG® becomes negative, indicating that the decom- 


Position is spontaneous. For example, at 840°C or 1113 K 

AG° = AH® — TAS° 

60.5 J/K (1* ) 
177.8 kJ — (1113 K)(160. ) 1000 J 


=-0:8.k 


Two points are worth making about such a calculation. First, we used the AH° and 
AS? values at 25°C to calculate changes that occur at a much higher temperature. Since 
both AH® and AS° change with temperature, this approach will not give us an accurate 
value of AG°, but it is good enough for ‘‘ball park”’ estimates. Second, we should not 
be misled into thinking that nothing happens below 835°C and that at 835°C CaCO3 
Suddenly begins to decompose. Far from it. The fact that AG* is a positive value at 
some temperature below 835°C does not mean that no CO; is produced. It only says 
that the pressure of the CO, gas formed at that temperature will be below | atm (its 
Standard state; see Table 18.3). As Figure 18.7 shows, the pressure of CO, at first 
creases very slowly with temperature; it becomes easily measurable above 700°C. 
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The equilibrium constant of 
this reaction is Kp = Poo, 
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FIGURE 18.7 Equilibrium pressure of CO2 from the decomposition of CaCO;, as a function 


of temperature. This curve is calculated by assuming that AH® and AS? of the reaction do not 
change with temperature. 


' The significance of 835°C is that this is the temperature at which the equilibrium 


pressure of CO, reaches 1 atm. Above 835°C, the equilibrium pressure of CO, exceeds 


1 atm. (In Section 18.5 we will see how AG° is related to the equilibrium constant of 
a given reaction.) 


Equation (18.9) is used to predict the spontaneity of a reaction in the following 
example. 


SSNS 
EXAMPLE 18.7 


Water gas is a fuel made by exposing steam to red-hot coke (coke is the product of coal 
distillation; it contains carbon): 
HZ0(g) + C(s) —> CO(g) + Hyg) 


From the data in Appendix 1, calculate the 


temperature at which the reaction becomes 
favorable. Assume that both AH? and AS° 


are independent of temperature. 


Answer 


AH? = [AH?(CO) + AH#(H,)] — [AH;(H,0) + AH2(C)] 
= [C1 mol)(—110.5 kJ/mol) + (1 mol)(0 kJ/mol)] 


— [C mol)(—241.8 kJ/mol) + (1 mol)(0 kJ/mol)] 
= 131.3 kJ 
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Phase Transitions. Equation (18.9) can also be applied to phase transitions. At the 
transition temper -jure (that is, at the melting point or the boiling point) the system is 
at equilibrium (.’ = 0), so Equation (18.9) becomes 


0 = AH — TAS 
AH 
AS = — 
ig 


Let us first consider the ice—water equilibrium. For the ice —> water transition, AH 
. naa of fusion (see Table 10.9) and T is the melting point. The entropy change is 
erefore 


6010 J/mol 
273 K 
= 22.0 J/K- mol 


ASicoswater < 


Thus When I mole of ice melts at 0°C, there is an increase in entropy of 22.0 J/K. The 
ahi in entropy is consistent with the increase in disorder from solid to liquid. 
onversely, for the water ——> ice transition, the decrease in entropy is given by 


—6010 J/mol 
273 K 
= —22.0 J/K- mol 


AS yetersice’ = 


In the laboratory we normally carry out unidirectional changes, that is, either ice to 
Water or water to ice. We can calculate entropy changes using the equation AS = AHIT 
4s long as the temperature remains 0°C. The same procedure can be applied to the 
Water—steam transition. In this case AH is the heat of vaporization and T is the boiling 
Point of water. We make these calculations for benzene in the following example. 
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For an estimate, it is sufficient 
to have the temperature in 
three significant figures. 


The melting of ice is an 
endothermic process (AH is 
positive), and the freezing of 
water is exothermic (Ai is 
negative). 
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EXAMPLE 18.8 


The heats of fusion and vaporization of benzene are 10.9 kJ/mol and 31.0 kJh ', Tespec- 
tively. Calculate the entropy changes for the solid ——> liquid and liquid > vapor 
transitions for benzene. At 1 atm pressure, benzene melts at 5.5°C and boil: — 80.1°C, 


Answer 


The entropy of fusion is given by 

_ Ais 

= ie 

_ (10.9 kJ/mol)(1000 J/1 kJ) 
Z (5.5 + 273) K 

= 39.1 J/K- mol 


ASfas 


The entropy of vaporization is given by 
Tp.p. 
(31.0 kJ/mol)(1000 J/1 kJ) 
e (80.1 + 273) K 
= 87.8 J/K- mol 


ASyap = 


Since vaporization creates more disorder than the melting process, AS\a, > 1. 


Similar problem: 18.38. 
——— 


18.5 Free Energy and Chemical Equilibrium 


In this section we take a closer look at the difference between AG and AG? and at the 
relationship between free-energy changes and equilibrium constants. 
The equations for free-energy change and standard free-energy change are 


AG = AH — TAS 
AG® = AH — TAS° 


It is important that we understand the conditions under which these equations should be 
used and what kind of information can be obtained from AG and AG®. Let us illustrate 
by considering the following reaction: 


Teactants ——> products 
The standard free-energy change for the reaction is given by 
AG? = G*(products) — G*(reactants) 


The quantity AG° Tepresents the change when the reactants in their standard states are 
converted to products in their Standard states (see Table 18.3 for definitions of standard 
states). We have already seen in Example 18.6 how AG° for a reaction is calculated 
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from the known s‘»edard free energies of formation of reactants and products. Suppose 
we start the reactiow in solution with all the reactants in their standard states (that is, all 
at 1 M concentr2:071). As soon as the reaction starts, the standard-state condition no 
longer exists fo » reactants or the products since neither remains at 1 M concentra- 
tion. Under con as that are not standard state, we must use AG rather than AG° to 
predict the dire of the reaction. The relationship between AG and AG? is 

AG = AG° + RT In@Q (18.11) 
where R is the ; stant (8.314 J/K: mol), T the absolute temperature of the reac- 
tion, and Q th ion quotient defined on p. 592. We see that AG depends on two 
quantities: AG °T In Q. For a given reaction at temperature T the value of AG° is 
fixed but that o in Q is not, because Q varies according to the composition of the 
reacting mixtu t us consider the two cases: 
Case 1: If AG arge negative value, the RT In Q term will not become positive 
enough to mato ‘xe AG® term until significant product formation has occurred. 
Case 2: If AG arge positive value, the RT In Q term will be more negative than 
AG?® is positi» as long as very little product formation has occurred and the 
concentration reactant is high relative to that of the product. 
At equilibriun definition, AG = 0 and Q = K, where K is the equilibrium con- 
stant. Thus 


0 = AG° + RT InK 


or 
AG° = —RT In K (18.12) 

For chemists, . “vation (18.12) is one of the most important equations in thermody- 
namics becaus: + *elates the equilibrium constant of a reaction to the change in stan- 
dard free enerey Thus, from a knowledge of K we can calculate AG®, and vice versa. 
For reaction 1aving very large or very small equilibrium constants, it is generally 
very difficult, if not impossible, to measure the K values by monitoring the concentra- 


tions of the reacting species. Consider, for example, the formation of nitric oxide from 
molecular nitrogen and molecular oxygen: 


N2(g) + (ONC) —— 2NO(g) 
At 25°C, the equilibrium constant K, is 


__(NoP 


= =40x 107 
[N2][O2] 


c 


The very small value of K, means that the concentration of NO at equilibrium will be 
€xceedingly low. In such a case the equilibrium constant is more conveniently obtained 
from the AG® of the reaction. (As we have seen, AG® can be calculated from the AH® 
and AS° values.) On the other hand, the equilibrium constant for the formation of 
hydrogen iodide from molecular hydrogen and molecular iodine is near unity at room 
temperature: 


Ho(g) + L(g) == 2HI(g) 
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Sooner or later a reversible 
reaction will reach equilibrium. 


In this equation Kp is used for 
gases and K, for reactions in 
solution. 
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Free energy (G) of the reacting system 


G° (reactants) 


Pure 
reactants 
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position 


Equilibrium mixture of 
reactants and products 


jE I 
Pure Pure Pure 
products reactants products 
Extent of reaction Extent of reaction 


(a) (b) 


AG® = G° (products) — 
G° (reactants) <0 


Equilibrium 


<< 


Ee ee ee G° (products) 


AG° = G°(products) — 
G°(reactants) > 0 


G° (products) G° (reactants) 


Equilibrium 
position 


Equilibrium mixture of 
reactants and products 


Free energy (G) of the reacting system 


FIGURE 18.8 (a) G°(products) < G°(reactants), so AG° <0. At equilibrium, there is a significant conversion of reactants to 
products. (b) G°(products) > G°(reactants), so AG° > 0. At equilibrium, reactants are favored over products. 


This makes it easier to measure K for this reaction and then calculate AG using 
Equation (18.12) than to measure AH° and AS? of the reaction. 

Figure 18.8 shows plots of free energy of a reacting system versus the extent of the 
reaction for two types of reactions. As you can see, if AG° <0, the products are 
favored over reactants at equilibrium. Conversely, if AG? > 0, there will be more 
reactants than products at equilibrium. 

Table 18.5 summarizes the three possible relations between AG° and K , as predicted 
by Equation (18.12). 

Examples 18.9, 18.10, and 18.11 illustrate the use of Equations (18.11) and 
(18.12). 


TABLE 18.5 Relation Between AG° and K as Predicted by the Equation 
AG° = —RT In K 


i 


K Ink AG° Comments 
>1 Positive Negative Products are favored over reactants at equilibrium. 
=1 0 0 Products and reactants are equally favored at 
equilibrium. 
<1 Negative Positive Reactants are favored over products at equilibrium. 
EXAMPLE 18.9 


Using data listed in Appendix 1, calculate the equilibrium constant for the following 
reaction at 25°C: 


2H,0(/) == 2H2(g) + On(g) 
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Answer 
According to “quation (18.10) 
AGoxn = {2:G7(H2) + AGP(O2)] — [2AGF(H2O)] 
= [(2 mol)(0 kJ/mol) + (1 mol)(0 kJ/mol)] — [(2 mol)(—237.2 kJ/mol)] 
174.4 kJ 
Using Equati: 8.12) 
AGixn = —RT In K 
; 1000 J 
74.4 kJ Xx 1 = —(8.314 J/K- mol)(298 K) In K 
In K = —191.5 
ee EES 
=65 x10" As stated earlier, it is difficult 
to measure very large (and 
This extreme! small equilibrium constant is consistent with the fact that water does not very small) values of K directly 
decompose in:'o hydrogen and oxygen gases at 25°C. because the concentrations of 
some of the species are very 
: small. 
Similar probtenss: 18.42, 18.45. 
| 


EXAMPLE 18.10 


In Chapter !7 we discussed the solubility product of slightly soluble substances. Using the 
solubility product of silver chloride at 25°C (1.6 x 107°), calculate AG® for the process 


AgCl(s) == Ag*(aq) + Cl (aq) 


Answer 


Because this is a heterogeneous equilibrium, the solubility product is the equilibrium 
constant. 


K.p = [Ag*JICI-] = 1.6 x 10° 
Using Equation (18.12) we obtain 


AG? = —(8.314 J/K - mol)(298 K) In 1.6 x 107° 
= 5.6 Xx 10*J 
= 56 kI 


The large, positive AG? is consistent with the fact that AgCl is slightly soluble and that the 
equilibrium lies mostly to the left. 


Similar problem: 18.44. 
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EXAMPLE 18.11 


The standard free-energy change for the reaction 


N2(g) + 3H2(g) == 2NH;(g) 


is —33.2 kJ and the equilibrium constant Kp is 6.59 X 10° at 25°C. In a certain peri- 
ment, the initial pressures are Pu, = 0.250 atm, Py, = 0.870 atm, and Pyy, = 12.* atm. 
Calculate AG for the reaction at these pressures, and predict the direction of ;: sion, 
Answer 


Equation (18.11) can be written as 
AG = AG? + RT In Op 


P2, 
= AG? + RT In“ 


Pit,Pn, 

(12.9)? 
= —33.2 x 1000 J + (8.314 VK >mol)(298 K) x In Tea pam 
(0.250)°(0.870) 

= —33.2 x 10° J + 23.3 x 10° J 

= -9.9 x 10° J = —-9.9 ky 
Since AG is negative, the net reaction proceeds from left to right. As an exercise, e* irm 
this prediction by calculating the reaction quotient Op and comparing it with the ©... ib- 
rium constant Kp. 


Similar problems: 18.49, 18.50. 


SUMMARY 


If 


The state of a system is defined by variables such as composition, volume, tem- 
perature, and pressure. 


. The change in a state function for a system depends only on the initial and final 


States of the system, and not on the path by which the change is accomplished. 
Energy is a state function; work and heat are not. 


. Energy can be converted from one form to another, but it cannot be created or 


destroyed (first law of thermodynamics). In chemistry we are concerned mainly 
with thermal energy, electrical energy, and mechanical energy, which is usually 
associated with pressure—volume work, 


. A change in enthalpy AH is equal to the heat of a process that occurs at constant 


pressure; AH is also equal to AE + PAV for a constant-pressure process. 


- Entropy is a measure of the disorder of a system. Any spontaneous process must 


lead to a net increase in entropy in the universe (second law of thermodynamics) 
or, stated mathematically, AS, = ASin oy AS. ta =: (), 


. The standard entropy change of a chemical reaction can be calculated from the 


absolute entropies of reactants and products. 


. Under conditions of constant temperature and pressure, the free-energy change 


AG is less than zero for a Spontaneous process and greater than zero for a nonspon- 
taneous process. For an equilibrium process AG = 0. 


8. For a chemic# 
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vr physical process at constant temperature and pressure, AG = 


AH — TAS. equation can be used to predict the spontaneity of a process. 

9, The standar ee-energy change for a reaction, AG°, can be found from the 
standard fre cergies of formation of reactants and products. 

10. The equilibri° constant of a reaction and the standard free-energy change of the 
reaction ar‘ ed by the equation AG° = —RT In K. 

KEY WORI 


Free energy, p. 743 
Gibbs free energy, p. 743 


Adiabatic proces 36 
Entropy, p. 73° 


First law of th iamics, p. 729 


EXERCIS! 
FIRST LAV iE RMODYNAMICS 
REVIEW QUES 18.9 
18.1 Define sys and surroundings (see Section 4.1). 
18.2. On whai the first law of thermodynamics based? 
18.3 Explain s meant by a state function. Give two 
example antities that are state functions and two 
that are 18.10 
18.4 What is uation of state? 
18.5 Explain n conventions in the equation 
AE=q+w 
18.6 The inter! energy of an ideal gas depends only on its 
temperal Do a first-law analysis of the following 
process imple of an ideal gas is allowed to expand 
at const emperature against atmospheric pressure. 18.11 
© gas do work on its surroundings? (b) Is 
xchange between the system and the sur- 
roundings? If so, in which direction? (c) What is AE for 
the gas for this process? 
18.7 Consider the following changes. 
(a) Hg!) —> Hg(g) 
(b) 303(¢) —+ 203(g) 
(c) CuSO, - 5H,0(s) —> CuSOq(s) + 5H20(g) 
(d) H2(g) + F,(g) —> 2HF(g) 
At constant pressure, in which of the above reactions is 
work done by the system on the surroundings? By the 18.12 
Surroundings on the system? In which of them is no 
work done? 
PROBLEMS 


18.8 A gas expands at constant temperature and does PV 
work on the surroundings equal to 325 J. At the same 


Second law of thermodynamics, p. 741 


State function, p. 728 
State of a system, p. 728 
Thermodynamics, p. 728 


time, it absorbs 127 J of heat from the surroundings. 
Calculate the change in energy of the gas. 

Define the term ‘‘enthalpy change”’ and outline a proce- 
dure for measuring the enthalpy change occurring (a) 
when a sample of metallic magnesium dissolves in sul- 
furic acid and (b) when a sample of molten naphthalene 
freezes. 

The standard enthalpy change AH? for the thermal de- 
composition of silver nitrate according to the following 
equation is +78.67 kJ: 


AgNOx(s) —> AgNO,(s) + 302(g) 


The standard enthalpy of formation of AgNO3(s) is 
—123,02 kJ/mol. Calculate the standard enthalpy of 
formation of AgNO,(s). 

(a) Calculate AH® for the following reaction: 


3N2H4(/) —> 4NH3(g) + Na(g) 
hydrazine 


The standard enthalpy of formation of hydrazine, 
NoH,(J), is 50.42 kJ/mol. (b) Both hydrazine and am- 
monia burn in oxygen to produce HO(/) and Nz(s)- (i) 
Write balanced equations for each of these processes 
and calculate AH® for each of them. (ii) On a mass basis 
(per kg) would hydrazine or ammonia be the better fuel? 
A 2.10 mole sample of crystalline acetic acid, initially 
at 17.0°C, is allowed to melt at 17.0°C, and is then 
heated to 118.1°C (its normal boiling point) a 
1.00 atm. The sample is allowed to vaporize at 118.1 Cc 
and is then rapidly quenched to 17.0°C, reforming the 
crystalline solid. Calculate AH for the total process as 
described. 
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18.13 Calculate the work done when 50.0 g of tin dissolves in 
excess acid at 1.00 atm and 25.0°C: 


Sn(s) + 2H* (aq) —> Sn?*(aq) + Ho(g) 


Assume ideal gas behavior. 
18.14 Calculate the work done in joules by the reaction 


2Na(s) + 2H,O(2) —> 2NaOH(aq) + H)(g) 


when 0.34 g of Na reacts with water to form hydrogen 
gas at 0°C and 1.0 atm. 


18.15 Calculate the work done in joules when 1.0 mole of 
water vaporizes at 1.0 atm and 100°C. Assume that the 
volume of liquid water is negligible compared to that of 
steam at 100°C. Assume ideal gas behavior. 

18.16 Consider the reaction 


No(g) + 3Ho(g) —> 2NH3(g)  AH® = —92.6 kJ 


If 2.0 mol Np react with 6.0 mol H, to form NHs, cal- 
culate the work done (in joules) against a pressure of 
1.0 atm at 25°C, What is AE for this reaction? Assume 
the reaction goes to completion. 


SPONTANEOUS PROCESSES 
REVIEW QUESTION 


18.17 Explain what is meant by a spontaneous process. Give 
two examples each of spontaneous and nonspontaneous 
processes. 

18.18 Which of the following processes are spontaneous and 
which are nonspontaneous? (a) dissolving table salt 
(NaCl) in hot soup; (b) climbing Mt. Everest; (c) 
spreading fragrance in a room by removing the cap from 
a perfume bottle; (d) separating *°UF¢ from 25°UR, by 
gaseous effusion (see Section 5.9) 

18.19 Which of the following processes are spontaneous and 
which are nonspontaneous at a given temperature? 


(a) NaNO3(s) the, NaNO,(aq) saturated soln 
(b) NaNO3(s) ino NaNO,(aq) unsaturated soln 


(c) NaNO,(s) Ae. NaNO;(aq) supersaturated soln 
PROBLEM 


18.20 The expansion of a gas in Figure 18.5(a) can be under- 
stood in terms of probability. If the two flasks are of 
equal volume, then the probability of finding any one 
molecule in one of the flasks is 50 percent, which is 
more conveniently written as 0.5 or 3. The probability 
of finding two molecules in the same flask is (2)(3) or 
(4). Generalizing this result, we see that the probability 
of finding N molecules in the same flask is (2). (a) 


Starting with 100 molecules, calculate the probability of 
finding all of the molecules in only one flask after the 
stopcock is opened. (b) From the result in (a), what can 


you conclude about the probability for the process 
shown in Figure 18.5(b) for a large sample ef gas, say, 
1 mole? 
ENTROPY; SECOND LAW OF 
THERMODYNAMICS 


REVIEW QUESTIONS 


18.21 Define entropy. What are the units of entropy? 
18.22 How does the entropy of a system change for each of the 
following processes? 
(a) A solid melts. 
(b) A liquid freezes. 
(c) A liquid boils. 
(d) A vapor is converted to a solid. 
(e) A vapor condenses to a liquid. 
(f) A solid sublimes. 
18.23 State the second law of thermodynamics in 
express it mathematically. 


PROBLEMS 


vords and 


18.24 In each pair of substances listed here, choose the one 
having the larger standard entropy at 25°C. Explain the 
basis for your choice. (a) Li(s) or Li(J); (b) C;HsOH(/) 
or CH30CH,(/) (Hint: Which molecule can hydrogen 
bond?); (c) He(g) or Ne(g); (d) CO(g) or COs(g); (©) 
graphite or diamond; (f) NO2(g) or N>O,(g). The same 
molar amount is used in the comparison. 

18.25 Arrange the following substances (1 mole each) in the 
order of increasing entropy at 25°C: (a) Ne(g), (b) 
SO2(g), (c) Na(s), (d) NaC\(s), (e) NH;(g). Give the 
reasons for your arrangement. 

18.26 Using the data in Appendix 1, calculate the standard 
entropy change for the following reactions at 25°C: 
(a) S(s) + O2(g) —> SO,(g) 

(b) MgCO3(s) —s MgO(s) + CO.(g) 

(c) H2(g) + CuO(s) —> Cu(s) + H,0(g) 

(d) 2Al(s) + 3ZnO(s) —> AlLO3(s) + 3Zn(s) 
(©) CHa(g) + 202(g) —s CO (g) + 2H,0(/) 

18.27 Without consulting Appendix 1, predict whether the 
entropy change is positive or negative for each of the 
following reactions. Give reasons for your predictions. 
(a) 2KCIO4(s) —> 2KCIO03(s) + O3(g) 

(b) H,0(g) —+ H,0(2) 

(c) S(s) + 04g) —> SO,(g) 

(d) 2Na(s) + 2H,0(/) —+ 2NaOH(aq) + H2(g) 

(e) CH4(g) + 203(g) —> CO(g) + 2H>0(/) 

(f) No(g) —> 2N(g) 

(g) 2LiOH(aq) + CO2(g) —s Li,CO,(ag) + H;0(I) 
(h) NH,Cl(s) —s NH,(g) + HC\(g) 


18.28 Discuss qualitatively the sign of the entropy change 
expected for each of the following processes. 
(a) PCI3(/) + Cl(g) —> PCls(s) 
(b) 2HgO(s) > 2Hg(l) + Or(g) 


(c) Hog) —> 2H(g) 
(d) Hx(g) + Clo(g) —> 2HCI(g) 
(e) U(s) + 38(g) —> UF¢(s) 
18.29 Predict whe the entropy change is positive or nega- 
tive for each: of the following reactions: 
(a) Zn(s) + 2HCl(aq) —> ZnCl,(aq) + H2(g) 
(b) O(g) + O(g) — > O2(g) 
(c) NHyNOx(s) —> N2O(g) + 2H20(g) 
(d) Ba** (ag) 4 SO} (aq) —> BaSO,(s) 
(e) 2HO» —> 2H,0(/) + O2(g) 
18.30 The r NH(g) + HCl(g) —~> NH,Cl(s) pro- 


ceeds spc jeously at 25°C even though there is a de- 
crease in disorder in the system (gases are converted to a 
solid). Explain 


FREE ENER« 
REVIEW QUESTIONS 


18.31 Define free energy. What are its units? 

18.32 Why is ii more convenient to predict the direction of a 
reaction in terms of AG,y, rather than ASyniv? 

18.33 (a) Do the changes in Equation (18.9) refer to the sys- 
tem or the surroundings? (b) Under what conditions can 
this equation be used to predict the spontaneity of a re- 
action? 

PROBLEMS 

18.34 Calculate AG® for the following reactions at 25°C: 

(a) No(g) + O.(g) —> 2NO(g) 


(b) H,0(/) —+> H,0(g) 
(c) 2C:Hx(g) + 502(g) —> 4CO2(g) + 2H20(/) 
(d) 2Mg(s) + O3(g) —~> 2MgO(s) 
(e) 2803(¢) + Ong) ——> 2S03(g) 
(Hint: Look up the standard free energies of formation 
of the reactants and products in Appendix 1.) 
18.35 Calculate AG° for the combustion of ethane: 


2C>H¢(g) + 702(g) —> 4CO2(g) + 6H20(/) 


See Appendix | for thermodynamic data. 

18.36 From the following AH and AS values, predict whether 
each of the reactions would be spontaneous at 25°C. If 
hot, at what temperature might the reaction become 
spontaneous? Reaction A: AH = 10.5 kJ, AS = 30 J/K; 
Reaction B: AH = 1.8 kJ, AS = —113 J/K; Reaction 
C: AH = —126 kJ, AS = 84 J/K; Reaction D: AH = 
—11.7 kJ, AS = —105 J/K. 

18.37 The molar heat of vaporization of ethanol is 39.3 kJ/mol 
and the boiling point of ethanol is 78.3°C. Calculate AS 
for the vaporization of 0.50 mol ethanol. 
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18.38 Use the following data to determine the normal boiling 
point, in K, of mercury. What assumptions must you 
make in order to do the calculation? 


Hg(/) ¢ = 0 (by definition) 
S° = 77.4 J/K- mol 


Hg(g) AH? = 60.78 kJ/mol 
S° = 174.7 J/K- mol 


18.39 A certain reaction is known to have a AG® value of 
—122 kJ. Will the reaction necessarily occur if the rea- 
gents are mixed together? 


FREE ENERGY AND CHEMICAL EQUILIBRIUM 
REVIEW QUESTIONS 


18.40 Explain why Equation (18.12) is of great importance in 
chemistry. 
18.41 Explain clearly the difference between AG and AG®. 
PROBLEMS 
18.42 For the reaction 
H2(g) + I(g) == 2HI(g) 


AG? = 2.60 kJ. Calculate Kp for the reaction at 25°C. 
18.43 K,, for the autoionization of water 


H,O(/) == H*(aq) + OH (aq) 


is 1.0 x 107'*. What is AG® for the process? 
18.44 Consider the following reaction at 25°C: 


Fe(OH),(s) === Fe?*(aq) + 20H (aq) 


Calculate AG° for the reaction. K,, for Fe(OH)2 is 
6s 10 
18.45 Calculate AG° and Kp for the equilibrium reaction 


2H,O(g) == 2H2(g) + O2(g) 


at 25°C. 
18.46 Calculate Kp for the following reaction at 25°C: 


N2(g) + Or(g) == 2NO(g) 


From your result, what can you conclude about the sta- 
bility of a mixture of O, and Np gases in the atmos- 
phere? 

18.47 Calculate AG® and Kp for the following processes at 
25°C: 
(a) H2(g) + Bro(/) == 2HBr(g) 
(b) $H2(g) + 4Br2(/) == HBr(g) 


Account for the differences in AG® and Kp obtained for 


(a) and (b). ; fe 
18.48 Consider the decomposition of calcium carbonate: 


CaCO;(s) == CaO(s) + CO,(g) 
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Calculate the pressure in atm of CO) in an equilibrium 
process (a) at 25°C and (b) at 800°C. Given that AH® = 
177.8 kJ and AS° = 160.5 J/K. 

18.49 (a) Calculate AG? and K, p for the following equilibrium 
reaction at 25°C. The AG? values are, for Cl(g), 0; for 
PCl3(g), —286 kJ/mol; and for PCls(g), —325 kJ/mol. 


PCIs(g) == PCl3(g) + Clo(g) 


(b) Calculate AG for the reaction if the partial pressures 
of the initial mixture are Peci, = 0.0029 atm, Pra, = 
0.27 atm, and Pa, = 0.40 atm. 

18.50 The equilibrium constant (Kp) for the reaction 


Hy(g) + CO2(g) == H30(g) + CO(g) 


is 4.40 at 2000 K. (a) Calculate AG® for the reaction. 
(b) Calculate AG for the reaction when the partial pres- 
sures are Py, = 0.25 atm, Peco, = 0.78 atm, Pu,o = 
0.66 atm, and Peo = 1.20 atm. 

18.51 The equilibrium constant Kp for the reaction 


CO(g) + Ch(g) == COCI(g) 


is 5.62 x 10 at 25°C. Calculate AG? for COCI, at 
27°C) 
18.52 At 25°C, AG®° for the process 


H,0(/) == H,O(g) 


is 8.6 kJ. Calculate the ‘‘equilibrium constant’’ for the 
process. 
18.53 Calculate AG° for the process 


C(diamond) —+ C(graphite) 


Is the reaction spontaneous at 25°C? If so, why is it that 
diamonds do not become graphite on standing? 

18.54 Calculate the pressure of O, (in atm) over a sample of 
NiO at 25°C if AG° = 212 kJ for the reaction 


NiO(s) == Ni(s) + 402(g) 
MISCELLANEOUS PROBLEMS 


18.55 Explain the following nursery rhyme in terms of the 
second law of thermodynamics. 


Humpty Dumpty sat on a wall; 

Humpty Dumpty had a great fall. 

All the King’s horses and all the King’s men 
Couldn’t put Humpty together again. 


18.56 Calculate AG for the reaction at 25°C 
H,0(/) == H*(aq) + OH (aq) 


for the following conditions: 

(a) [H*] = 1.0 x 10-7 M, [OH~] = 1.0 x 10-7 
(b) [H*] = 1.0 x 10-3 M, [OH-] = 1.0 x 10-4 yw 
(c) [H*] = 1.0 x 107? M, [OH] = 2.0 x in 8 
(d) [H*] = 3.5 M, [OH-] = 4.8 x 107-4. 

18.57 Which of the following thermodynamic. functions are 
associated only with the first law of thermodyna:ics: S, 
E, G, and H? 

18.58 A student placed 1 g of each of three compounds A, B, 
and C in a container and found that after one week no 
change had occurred. Offer some possible exp!aviations 
for the fact that no reactions took place. Assume that A, 
B, and C are totally miscible liquids. 

18.59 Predict the signs of AH, AS, and AG of the system for 
the following processes at 1 atm: (a) ammonia melts at 
—60°C, (b) ammonia melts at —71.T°C, (c) ammonia 
melts at —100°C. (The normal melting point of ammo- 


nia is —77.7°C.) 
18.60 Give a detailed example of each of the followin, with 
an explanation: (a) a thermodynamically spon(aneous 


Process; (b) a process that would violate the first ‘aw of 
thermodynamics; (c) a process that would violate 
second law of thermodynamics; (d) an irreversily! 
ess; (€) an equilibrium process. 

18.61 Gaseous diffusion is a spontaneous process. In most 
cases, the enthalpy change is quite small. Use Equation 
(18.9) to predict the entropy change of the system (that 
is, whether AS > 0 or AS < 0). 

18.62 Ammonium nitrate dissolves Spontaneously and en- 
dothermically in water. What can you deduce about the 
sign of AS for the solution process? 

18.63 When a stretched sheet of rubber (from a balloon, for 
example) is allowed to contract rapidly, it cools down. 
(Try it!) Use Equation (18.9) to deduce the sign of AS 
when a sheet of rubber is stretched. Are the molecules in 
tubber more ordered when the rubber is stretched? 


he process of copper plating. Copper is dissolved in concentrated nitric acid (note the generation of 
»rown NO» gas). After dilution with water, the solution shows the blue color of hydrated Cu** ions. 
When aluminum screws are dipped in the solution, Cu2* ions are reduced on the surface of the screws 


(o give a metallic copper appearance. 
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ne of the forms of energy of greatest practical significance to us on a day-to-day 

basis is electrical energy. Imagine, for example, a day without electrical power fy 

either the power company or from batteries. The area of chemistry that deals with 
the interconversion of electrical energy and chemical energy is electrochemistry. Because all 
electrochemical reactions involve the transfer of electrons from one substance to another, 
their action can be understood in terms of redox reactions, which we discussed in Chap‘er 
12. 

There are two types of cells in which electrochemical processes are carried out. A ga! 
vanic cell uses the energy released from a spontaneous reaction to generate electricity. An 
electrolytic cell, on the other hand, uses electrical energy to cause a nonspontaneous clicmi- 
cal reaction to occur; this process is called electrolysis. Modern society depends on eleciric- 
ity to produce substances needed in the chemical and metallurgical industries and on gal- 
vanic cells for the indispensable batteries used in flashlights, transistor radios, hearing aids, 
cardiac pacemakers, hand-held calculators, and so on. 

This chapter discusses the fundamental principles and applications of electrochemical 
cells, the thermodynamics of electrochemical reactions, and the cause and prevention of cor- 
rosion by electrochemical means. Some simple electrolytic processes and the quantitative 
aspects of electrolysis are also discussed. 


her. 


19.1 Review of Redox Reactions 


se elec- 
e basic 


Redox, or oxidation—reduction, reactions were discussed in Chapter 12. Becat 
trochemistry is based on redox processes, it is helpful to review some of ti 
redox concepts that will come up later in this chapter. 


The reaction between magnesium metal and hydrochloric acid is an example of a 
redox reaction: 


0 +1 ste. 0 
Mg(s) + 2HCl(aqg) —> MgCl,(aq) + H2(g) 


Recall that the numbers written above the elements are the oxidation numbers of the 
elements. The loss of electrons that occurs during oxidation is marked by an increase in 
the oxidation number of an element in a reaction. In reduction, there is a gain of 
electrons, indicated by a decrease in the oxidation number of an element in a reaction. 
In the above reaction the metal Mg is oxidized and H+ 

Oxidation and reduction occur simultaneously. We cannot have one without the 
other; every electron lost by one species is gained by another. In studying a redox 
reaction, we often think of it as being made up of two separate reactions, called 
half-reactions, one representing the oxidation process and the other the seduction proc- 
ess. In Section 3.3 we saw that when a piece of zinc metal is placed in a CuSO4 
solution, Zn is oxidized to Zn?* ions while Cu2+ ions are reduced to metallic copper 
(see Figure 3.10). The net ionic equation for this process is 


ions are reduced. 


Zn(s) + Cu?* (ag) — Zn** (aq) + Cu(s) 


19.2 GALVANIC CELLS 


Breaking this equation into two half-reactions, we have 
Zn(s) ——> Zn** (aq) + 2e7 
Cu** (aq) + 2e~ —+ Cu(s) 


As a Zn atom in the metal is oxidized, it loses two electrons to a Cu?* ion, which is 
reduced. The sum of these two half-reactions gives us the overall reaction. 


19.2 Galv: Cells 

Under normal conditions a redox reaction occurs when the oxidizing agent is in contact 
with the reducing agent, as in the reaction between Zn and Cu?* described in the last 
section. The electrons are transferred directly from the reducing agent to the oxidizing 
agent in solution. If we could physically separate the oxidizing agent from the reducing 
agent, it would be possible for the transfer of electrons to take place via an external 
conducting medium, rather than directly in solution. Thus, as the reaction progressed, 
it would set up a constant flow of electrons and hence generate electricity (that is, it 
would produce electrical work). 

The experimental apparatus for generating electricity through the use of a redox 
reaction is called an electrochemical cell. Figure 19.1 shows the essential components 
of a galvanic} cell, also called a voltaic cell, in which electricity is produced by means 
of a spontaneous redox reaction. A bar of zinc metal is dipped into a ZnSO, solution 
and a bar of copper metal is dipped into a CuSO, solution. The galvanic cell operates 
on the principle that the oxidation of Zn to Zn?* and the reduction of Cu?* to Cu can 
be made to take place simultaneously in separate locations with the transfer of electrons 
through the external wire. The zinc bar and the copper bar are called electrodes. By 
definition, the e/ectrode at which oxidation occurs is called the anode; the electrode at 
which reduction occurs is the cathode. 

For this system, the oxidation and reduction reactions at the electrodes, which are 
called half-celi reactions, are 


Zn electrode (anode): Zn(s) —> Zn?*(aq) + 2e~ 


Cu electrode (cathode): Cu?*(aq) + 2e —> Cu(s) 


Note that unless the two solutions are separated from each other, the Cu** ions will 
react directly with the zinc bar 


Cu?*(ag) + Zn(s) —> Cu(s) + Zn”*(aq) 


and no useful electrical work will be obtained. 

To complete the electric circuit, the solutions must be connected by a conducting 
medium through which the cations and anions can move. This requirement is satisfied 
by a salt bridge, which, in its simplest form, is an inverted U tube containing an inert 
electrolyte such as KCI or NH,NO3, whose ions will not react with other ions in 


tLuigi Galvani jologi i pioneered 
1737— q ani pioneere: 
A ane le Shae Se physcloet Gait i 2 isms. He discovered that the legs of a 


twitch whenever an electrical discharge occurred 
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Voltmeter 


Zn Salt bridge Cu 


FIGURE 19.1 A galvanic cell. 
The salt bridge (an inverted U 
tube) containing a KCl solution 
provides an electrically conduct- 
ing medium between two solu- 
tions. The openings of the U tube 
are loosely plugged with cotton 
balls (not shown) to prevent the 
KCI solution from running into 
the containers while allowing the 
anions and cations to move 
across. Electrons flow externally 


from the Zn electrode (anode) to 


the Cu electrode (cathode). 


Half-cell reactions are similar 
to the half-reactions discussed 
above. 
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Emf is an intensive property 
and therefore is independent 
of the volume of the solution 
and the size of the electrodes. 


This method is analogous to 
choosing the surface of the 
ocean as the reference for 
altitude, arbitrarily assigning it 
to be zero meters, and then 
referring to any terrestrial 
altitude as being a certain 
number of meters above or 
below sea level. 


Standard states are defined in 
Table 18.3. 
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solution or with the electrodes (Figure 19.1). During the course of the overa!i redox 
reaction, electrons flow externally from the anode (Zn electrode) through the wire and 
voltmeter to the cathode (Cu electrode). In the solution, the cations (Zn?*, Cu *, and 
K*) move toward the cathode, while the anions (SO3~ and Cl~) move in the © posite 
direction, toward the anode. 

The fact that electrons flow from one electrode to the other indicates that *) °c is a 
voltage difference between the two electrodes. This voltage difference bety0n the 
electrodes, called the electromotive force, or emf (€), can be measured by c: cting 
a voltmeter between the two electrodes. The emf of a galvanic cell is usually m sured 
in volts; it is also referred to as cell voltage or cell potential. We will see later « \at the 
emf of a cell depends not only on the nature of the electrodes and the ions, bu : so on 
the concentrations of the ions and the temperature at which the cell is op: rated. 

The conventional notation for representing galvanic cells is the cell diagrai:. For 
the galvanic cell just described, using KCI as the electrolyte in the salt bride and 
assuming | M concentrations, the cell diagram is 

Zn(s)|Zn?*(aq, 1 M)|KC\(sat’d)|Cu2* (ag, 1 M)|Cu(s) 

where the vertical lines represent phase boundaries. For example, the zinc elec ode is 
a solid and the Zn?* ions (from ZnSO,) are in solution. Thus we draw a line }!ween 
Zn and Zn?* to show the phase boundaries. Note that there is also a line betwon the 
ZnSO, solution and the KCI solution in the salt bridge because these two soluti 1s are 
not mixed and therefore constitute two separate phases. By convention, the ede is 
written first at the left and the other components appear in the order in which w: vould 
encounter them in moving from the anode to the cathode. 

19.3 Standard Electrode Potentials 

When the concentrations of the Cu** and Zn?* ions are both 1.0 M, we find {/! the 
emf of the cell shown in Figure 19.1 is 1.10 V at 25°C. This voltage must be » lated 
directly to the redox reactions, but how? Just as the overall cell reaction can be {i ught 


of as the sum of two half-cell reactions, the measured emf of the cell can be tresi2d as 
the sum of the electrical potentials at the Zn and Cu electrodes. Knowing one of these 
electrode potentials, we could obtain the other by subtraction (from 1.10 V). It is 
impossible to measure the potential of just a single electrode, but if we arbitrarily set 
the potential value of a particular electrode at zero we can use it to determine the 
relative potentials of other electrodes. The hydrogen electrode, shown in Figure 19.2, 
serves as the standard for this purpose. Hydrogen gas is bubbled into a hydrochloric 
acid solution at 25°C. The platinum electrode has two functions. First, it provides a 
surface on which the dissociation of hydrogen molecules can take place: 


H, —> 2H* + 2e- 


Second, it serves as an electrical conductor to the external circuit. Under standard-state 
conditions (that is, when the pressure of H> is 1 atm and the concentration of the HCl 


solution is 1 M) and at 25°C, the potential for the following reduction is defined to be 
exactly zero: 


2H*(aq, 1 M) + 2e~ —> Hg, 1 atm) €°=0V 


19.3 STANDARD ELECTRODE POTENTIALS 


script ° denotes standard-state conditions. For a reduction reaction 
-» all solutes are 1 M and all gases are at 1 atm, the voltage is 
' eduction potential. Thus, the standard reduction potential of the 

is zero. The electrode itself is known as the standard hydrogen 


As usual, the supe: 
at an electrode * 
called the stande:< 
hydrogen electro 
electrode (SHE) 
We can use t 
19.3(a) shows 
show that the 
because the m: 
consistent wil’ 


iE to measure the potentials of other kinds of electrodes. Figure 
anic cell with a zinc electrode and a SHE electrode. Experiments 
jectrode is the anode and the SHE the cathode. We deduce this 
he zinc electrode decreases during the operation of the cell, a fact 
oss of zinc to the solution by the oxidation reaction: 


Zn(s) —> Zn**(aq) + 2e7 
The cell diagra 
\Zn2* (aq, 1 M)|KC\(sat’d)|H* (aq, 1 M)|Ho(g, 1 atm)|Pt(s) 


When all the : wnts are in their standard states (that is, H> at 1 atm, H* and Zn?* 


ions at 1 M), -mf of the cell is 0.76 V. We can write the half-cell reactions as 
follows: 
Anode: Zn(s) —> Zn?* (aq, 1 M) + 2e7 CSuzn2* 
Cathode: (aq, 1 M) + 2e7 —> H,(g, 1 atm) Chm, 
Overall: 2H*(aq, 1 M) —> Zn?*(aq, 1 M) + Ho(g, L atm) Seen 


where 63,/7, the standard oxidation potential for the oxidation half-reaction: 


Zn(s) ——> Zn**(aq, 1 M) + 2e7 


dard reduction potential previously defined for the SHE. The stan- 
ell, €2ey, is the sum of the standard oxidation potential and the 


i potential: 


and €fy+4, th 
dard emf of 
standard red 


(19.1) 


Seen = Sox + Erea 


Voltmeter 


<—— FH) gas 
at 1 atm 


Pt electrode 


Zinc electrode Hydrogen electrode 


FIGURE 19.3 (a) A cell consisting of a zinc electrode and a hydrogen el 
hydrogen electrode. Both cells are operating under standard state conditi 
(b) the SHE is the anode. 


Hydrogen electrode 


lectrode. (b) A cell consisting of a copper & 
‘ons. Note that in (a) the SHE acts as the cathode, 
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Hy gas at | atm. 


1M HCl 
solution 


Platinum 
electrode 


FIGURE 19.2 A_ hydrogen 
electrode operating under stan- 
dard-state conditions. Hydrogen 
gas at 1 atm is bubbled through 
a 1M HCI solution. The plati- 
num electrode is part of the hy- 
drogen electrode. 


Zn/in?* means 
zn —> Zn?*+ 2e7. 


H*/H, means 
2QH*+ 2e- —> Hp. 


Voltmeter 


@ 


Salt bridge 


Cu 


Copper electrode 


(b) 


lectrode and a 
but in 
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where the subscripts ‘‘ox’’ and ‘‘red’’ indicate oxidation and reduction, respectively, 
For our galvanic cell, 
Een = Sinan + Chm, 
O76. V = Beazaex 0 
Thus the standard oxidation potential of zinc is 0.76 V. 


We can evaluate the standard reduction potential of zinc, €7,2+/zn, by reves sing the 
oxidation half-reaction: 
Zn?* (aq, 1 M) + 2e~ —+ Zn(s) $2n2+12n = —0.76 V 
This result fits a general pattern: Whenever we reverse a half-cell reaction, 6° changes 
sign. 
The standard electrode potentials of copper can similarly be obtained using a gal- 
vanic cell with a copper electrode and a SHE [Figure 19.3(b)]. Here we know that the 


copper electrode is the cathode because its mass increases during the operation of the 
cell, consistent with the reduction reaction: 


Cu?* (aq) + 2e~ —> Cu(s) 
The cell diagram is 
Pt(s)|Ho(g, 1 atm)|H*(ag, 1 M)|KCI(sat’d)|Cu2*(ag, 1 M)|Cu(s) 
and the half-cell reactions are 


Anode: H2(g, 1 atm) —> 2H*(aq, 1 M) + 2e~ Shh eat 
Cathode: Cu?* (aq, 1 M) + 2e~ —-> Cu(s) Sewrricu 


Overall: Hy(g, 1 atm) + Cu?*(ag, 1 M) —> 2H*(aq, 1M) + Cu(s) — 62x 


Under standard-state conditions and at 25°C, the emf of the cell is 0.34 V, so we write 
Seen = Sty + Seurticu 
0.34 V=0 + Styercy 


Thus the standard reduction potential of copper is 0.34 V and its standard oxidation 
potential, E2ycy2+, is —0.34 V. 
For the cell shown in Figure 19.1, we can now write 
Anode: Zn(s) —> Zn?*(aq, 1 M) + 2e- Senza 
Cathode: _Cu?*(ag, 1 M) + 2e~ + Cu(s) Seur/cu 
Overall: Zn(s) + Cu?*(aq, 1 M) —> Zn**(aqg, 1M) + Culs) eau 


and the emf of the cell is 


Seen = Soran + Seuzt/icu 
= 0.76 V + 0.34 V 
=LI0¥V 


This example illustrates how we can use the sign of the emf of the cell to predict the 
spontaneity of a redox reaction. Under standard-state conditions for reactants and prod- 
ucts, the redox reaction is spontaneous in the forward direction if the standard emf of 
the cell is positive. If it is negative, the reaction is spontaneous in the opposite direc- 
tion. It is important to keep in mind that a negative €. does not mean that a reaction 
will not occur if the reactants are mixed at 1 M concentrations. It merely means that the 


19.3 STANDARD ELECTRODE POTENTIALS 


equilibrium of a redox reaction, when reached, will lie to the left. We will examine the 
relationships among 6Cen, AG°, and K later in this chapter. 

By convention, we list only standard reduction potentials of electrodes (Table 19.1). 
By definition the SHE has an €° value of 0.00 V. The negative standard reduction 
potentials increase above it, and the positive standard reduction potentials increase 
below it. It is important to understand the following points about the table: 


© The €° values apply to the half-cell reactions as read in the forward (left to right) 


direction 
@ The more positive €°, the greater the tendency for the substance to be reduced. 
For example, the half-cell reaction 
F,(g, 1 atm) + 2e° ——~> 2F (aq, 1 M) 6° =2.87 V 
has the highest 6° value among all the half-cell reactions. Thus F, is the strongest 


sent because it has the greatest tendency to be reduced. At the other 
extreme is the reaction 


Li*(aq, 1 M) + e~ —= Li(s) $° = —3.05 V 


which has the most negative €° value. Thus the Li* ion is the weakest oxidizing 
agent because it is the most difficult species to reduce. Conversely, we say that 
the F~ ion is the weakest reducing agent and that the Li metal is the strongest 
reducins it. Under standard-state conditions, the oxidizing agents (the spe- 


cies on the left-hand side of the half-reactions in Table 19.1) increase in strength 
from top to bottom and the reducing agents (the species on the right-hand side of 
the half-reactions) increase in strength from bottom to top. 

@ The half-ccll reactions are reversible. Depending on the conditions, any elec- 
trode can act either as an anode or as a cathode. Earlier we saw that the SHE is 
the cathode (H* is reduced to H>) when coupled with zinc in a cell and that it 


the anode (Hp is oxidized to H*) when in a cell with copper. 

standard-state conditions, any species on the left of a given half-cell reac- 
tion will react spontaneously with a species that appears on the right of any 
half-cell reaction located above it in Table 19.1. This is sometimes called the 
diagona! rule. In the case of the Cu/Zn galvanic cell 


Zn** (aq, 1 M) + 2e~§ —> Zn(s) €° = —0.76V 
Cu2*(aq, 1M) + 2e7 —> Cus) 8° = +0.34V 


We see that the substance on the left of the second half-cell reaction is Cu?* and 
the substance on the right in the first half-cell reaction is Zn. Therefore, as we 
saw earlier, Zn spontaneously reduces Cu>* to form Zn>* and Cu. 

® Changing the stoichiometric coefficients of a half-cell reaction does not affect the 
value of 6° because electrode potentials are intensive properties. For example, 
from Table 19.1 


L(s) + 2e7 —> 217g, 1M) 6 =0.53V 
but €° does not change if we write the reaction 
2L(s) + 4e7 —> 410-(aq,1M) &= 0.53 V 


® As noted earlier, €° changes sign whenever we reverse a half-cell reaction. 
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The activity series in Figure 
3.8 is based on data given in 
Table 19.1. 
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TABLE 19.1 Standard Reduction Potentials at 25°C* 


ST) 


Half-reaction (V) 

<< 

Li* (ag) + e~ —> Li(s) 05 4 
K*(aq) + e~ —> K(s) 93 
Ba?* (aq) + 2e~ —+ Ba(s) 90 
St (aq) + 2e~ —> Sr(s) 89 
Ca?* (ag) + 2e7 —+ Ca(s) 87 
Na*(aq) + e~ — + Na(s) 71 
Mg?* (aq) + 2e~ —> Mg(s) 37 
Be?* (aq) + 2e~ —+ Be(s) 35 
Al*(aq) + 3e~ —> A\(s) 1.66 
Mn?*(aq) + 2e~ —+ Mn(s) —1.18 
2H20 + 2e~ —~+ H2(g) + 20H (aq) 83 
Zn?* (aq) + 2e7 —> Zn(s) 76 
Cr>*(aq) + 3e~ —> Cr(s) 14 
Fe?* (aq) + 2e~ — + Fe(s) 44 


Cd?* (aq) + 2e— —> Cd(s) 10 
PbSO,(s) + 2e~ —> Pb(s) + SO}-(aq) 31 
Co?* (aq) + 2e- —> Co(s) 28 
Ni?*(aq) + 2e— —> Ni(s) 5 
= Sn?*(aq) + 2e~ —+ Sn(s) -O.14¢ 
# Pb?*(aq) + 2e~ —> Pb(s) —(j,13 & 
@ 2H*(aq) + 2e7 —> H)(g) 0 2 
 Sn**(aq) + 2e- —> Sn?*(aq) +6.13 8 
F Cu?* (aq) + eo —> Cu*(aq) HO15 B 
& SOZ (aq) + 4H*(aq) + 2e~- —> SO2(g) + 2H,0 +020 8 
% AgCl(s) + e~ —> Ag(s) + Cl-(aq) +0.22 % 
B Cu?*(ag) + 2e7 —> Cu(s) +0.34 8 
s» O2(g) + 2H,0 + 4e~ —> 40H~(ag) +040 0 
@ I(s) + 2e7 —> 2I-(aq) +0.53 9 
& MnO, (aq) + 2H,O0 + 3e~ —> MnO,(s) + 40H (aq) +0.59 § 
= 02(g) + 2H*(aq) + 2e- —+ H202(aq) +0.68 = 
Fe?*(aq) + e~ —+ Fe?* (aq) +0.77 
Ag* (aq) + e~ —> Ag(s) +0.80 
Hg3* (aq) + 2e7 —+ 2Hg(1) +0.85 
2Hg** (ag) + 2e7 —+ Hg3*(aq) +0.92 
NO3 (aq) + 4H*(ag) + 3e~ —+ NO(g) + 2H,O +0.96 
Bra(!) + 2e~ —» 2Br-(aq) +1.07 
O.(g) + 4H*(aq) + 4e7 —3 2H,0 +] 93 
MnO,(s) + 4H*(aq) + 2e~ —> Mn?*(ag) + 2H,O +1.23 
Cr,07" (aq) + 14H*(aq) + 6e- —» 2Cr* (aq) + 7HO +1.33 
Clx(g) + 2e” —+ 2CI-(aq) +1.36 
Au**(aq) + 3e7 —> Au(s) +1.50 
MnO; (aq) + 8H*(aq) + Se~ —> Mn?*(ag) + 4H,0 +1.51 
Ce*+(ag) + e~ —> Ce** (aq) +1.61 
PbO2(s) + 4H*(aq) + SO3-(aq) + 2e- —5 PbSO,(s) + 2H,O +1.70 
H,0,(aq) + 2H*(aq) + 2e~ —+ 2H,0 +1.77 
Co** (ag) + e~ —> Co?* (aq) +1.82 
O3(g) + 2H*(aq) + 2e- —> Ox(g) + H,0(2) +2.07 
t. Fo(g) st 2e5 + 5 2F (aq) +2.87 


*For all half-reactions the concentration is 1 M for dissolved Species and the pressure is | atm for gases. 
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« examples, one deals with redox reactions in which the oxidizing 
ing agent are in the same medium; in another they are linked in a 
example applies equally to either situation. Using Table 19.1 and 
© can compare the strengths of oxidizing (or reducing) agents 
he spontaneity of a redox process (Example 19.2). In calculating 
ample 19.3), we first have to identify the anode and the cathode 
-onal rule). Next we reverse one of the reduction half-reactions in 


Of the folloy 
agent and the 1 
galvanic cell; ar 
the diagonal ™ 
(Example 19. 
the emf of a c: 
(again using (! 


Table 19.1 to che half-reactions of the cell and to calculate @2.y. 
EXAMPLE 
Arrange the 2 species in order of increasing strength as oxidizing agents: MnOq 
(in acidic so Sn2*, AB*, Co3*, and Ag*. Assume all species are in their standard 
states. 
Answer 
Consulting | 1, we write the half-reactions in the order in which they appear there: 
AP * (aq, 1 M) + 3e~ —> Al(s) S° = -1.66 V 
Sn?*(aq, 1 M) + 2e~ —=> Sn(s) €° = -0.14 V 
Ag*(aq, 1M) + e ——=> Ag(s) €° = 0.80 V 
MnO; (aq, 8H*(aq, 1 M) + Se —> Mn?*(aq, 1 M) + 4H,0()) 
6° = 1.51 V 
Co**(aq, 1 M) + e~ —> Co**(aq, 1 M) 6° = 1.82 V 
Remember » more positive the standard reduction potential, the greater the ten- 
dency of th :s to be reduced, or the stronger the species as an oxidizing agent. We 
find that th izing agents increase in strength as follows: 
AB+ < Sn?* < Ag* <_MnOj <Co** 


Similar proties: 19.13. ] 


LL] 
EXAMPLE 19.2 


Predict what will happen if molecular bromine (Br2) is added to a solution containing 
NaCl and Nal at 25°C. Assume all species are in their standard states. 


Answer 


To predict what redox reaction(s) will take place, we need to compare the standard reduc- 


tion potentials for the following half-reactions: 


L(s) + 2e~ —=> 21 (aq, 1M) So = 053. V, 
Bro(l) + 2e —> 2Br (aq, 1M) Ae al MOEN 
So LOGY. 


Cl(g, 1 atm) + 2e~ —> 2Cl (aq, 1 M) 
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Applying the diagonal rule we see that Br2 will oxidize I” but will not oxidize Cl, 
Therefore, the only redox reaction that will occur appreciably under standard-state condi- 
tions is 


Oxidation: 21 (aq, 1 M) —> I(s) + 2e7 
Reduction: Bro(/) + 2e ——> 2Br (aq, 1 M) 


Overall: 21 (aq, 1 M) + Bro(l) ——> I,(s) + 2Br (aq, 1 M) 


Note that the Na* ions are inert and do not enter into the redox reaction. 


Similar problems: 19.11, 19.14. 


aE ER 
EXAMPLE 19.3 


A galvanic cell consists of an Mg electrode in a 1.0 M Mg(NO3), solution a 
electrode in a 1.0 M AgNO; solution. Calculate the standard emf of this electroc hemi 
cell at 25°C. 


Answer 


Table 19.1 gives the standard reduction potentials of the two electrodes: 
Mg’*(aq, 1 M) + 2e° —> Mg(s) €° = -2.37 V 
Ag*(aq, 1 M) + e& —> Ag(s) S° = 0.80 V 
Applying the diagonal rule, we see that Ag” will oxidize Mg: 
Anode: Mg(s) —> Mg**(aq, 1 M) + 2e7 


Cathode: 2Ag" (aq, 1M) + 2e7 —> 2Ag(s) ; 


Overall: ~Mg(s) + 2Ag*(ag, 1 M) —> Mg?*(aq, 1 M) + 2Ag(s) 


Note that in order to balance the overall equation we multiplied the reduction of Ag* by 
2. We can do so because as an intensive property €° is not affected by this procedure. We 
find the emf of the cell by using Equation (19.1) and Table 19.1: 


een = Eoymerr + Cagtiag 
= 2.37 V + 0.80 V 
= 3.17°V 


The positive value of ° shows that the overall reaction is spontaneous. 


Similar problems: 19.7, 19.8, 19.9, 


& 


19.4 Spontaneity of Redox Reactions 


Table 19.1 enables us to predict the outcome of redox reactions under standard-state 
conditions, whether they take place in an electrochemical cell, where the reducing 
agent and oxidizing agent are physically separated from each other, or in a beaker, 


19.4 SPONTANEITY OF REDOX REACTIONS 


where the reactants are all mixed together. Our next step is to see how G¢.y is related to 
other thermodynamic quantities. 

In Chapter 18 we saw that the free-energy change (decrease) in a spontaneous 
process is the energy available to do work (p. 744). In fact, for a process carried out at 
constant temperature and pressure 


AG aid Wmax 
where Wyax is the maximum amount of work that can be done. 
In a galvanic ccll, chemical energy is converted into electrical energy. Electrical 


energy in this case is the product of the emf of the cell and the total electrical charge (in 
coulombs) that passes through the cell: 


electrical energy = volts x coulombs 
= joules 


The total charge is determined by the number of moles of electrons (n) that pass 
through the circuit. By definition 


total charge = nF 


where F, the Faraday? constant, is the electrical charge contained in 1 mole of elec- 
trons. Experimentally, 1 faraday has been found to be equivalent to 96,487 coulombs, 
or 96,500 coulombs, rounded off to three significant figures. Thus 


1 F = 96,500 C/mol 
Since 
1J=1Cx1V 
we can also express the units of faraday as 
1 F = 96,500 J/V - mol 


A common device for measuring the cell’s emf is the potentiometer, which can 
precisely match the voltage of the cell without actually draining any current from the 
cell. Thus the ernf that is measured is the maximum voltage that the cell can achieve. 
This value is used to calculate the maximum amount of electrical energy that can be 


obtained from the chemical reaction. This energy is used to do electrical work (Weie), 
so 


Wmax ~ Wele 


= —nF Econ 


The negative sign on the right-hand side indicates that the electrical work is done by the 
System on the surroundings. Now, since 


AG = Wimax 


*Michael Faraday (1791-1867). English chemist and physicist. Faraday is regarded by many as the greatest 
€xperimental scientist of the nineteenth century. He started as an apprentice to a bookbinder at the age of 13, 
but became interested in sci F hemistry. Faraday invented the electric motor and 
ears first person to demonstrate the principle governing e 

ntributions to the fields of electricity and magnetism, Faraday also worked on op 
ered and named benzene. 
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n is the number of electrons 
exchanged between the 
reducing agent and the 
oxidizing agent in the overall 
redox equation. 


The sign convention for 
electrical work is the same as 
that for P—V work discussed in 
Section 18.2. 
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we. obtain 
AG = —nF€ con 


(19.2) 


Both n and F are positive quantities and AG is negative for a spontaneous process, so 


~Ecen is positive. For reactions in which reactants and products are in the! 


states, Equation (19.2) becomes 
AG® = —nF Eee 


Here again, €.1 is positive for a spontaneous process. 
In Section 18.5 we saw that the standard free-energy change AG° for a 
related to its equilibrium constant as follows: 


AG° = —RT In K 
Therefore, from Equations (19.3) and (18.12) we obtain 
—nF€ ee = —RT In K 


Solving for 68.1 
eR 
Seen = = InK 


When T = 298 K, Equation (19.4) can be simplified by substituting for R 
converting the natural logarithm to the common (base-10) logarithm 
* 2.303(8.314 J/K « mol)(298 K) 
i n(96,500 J/V mol) no 
_ 0.0591 V 


log K 


standard 


(19.3) 


ction is 


(18.12) 


(19.4) 


i F and 


(19.5) 


Thus, if any one of the three quantities AG®, K, or fen is known, the other ‘wo can 
be calculated using Equation (18.12), Equation (19.3), or Equation (19.4). We can 
summarize the relationships among AG®, K, and ‘cen and characterize the spontaneity 


of a redox reaction as follows: 


Reaction under Standard- 


AG* K Seen State Conditions 
Negative ol Positive Spontaneous 
0 = 1 0 At equilibrium 
Positive <1 Negative Nonspontaneous. Reaction is 


spontaneous in the reverse 


direction. 


The following examples deal with the spontaneity of redox reactions. 


ent 


EXAMPLE 19.4 


Using data in Table 19. 1, calculate €° for the reactions of mercury with (a) 1 M HCl and 
(b) 1 M HNO. Which acid will oxidize Hg to Hg3+ under standard-state conditions? 


19.4 SPONTANEITY OF REDOX REACTIONS 


Answer 
(a) HCI: Fis write the half-reactions: 
Oxida 2Hg(l) —> Hg3*(aq, 1 M) + 2e~ 
Redu 2H*(aq, 1 M) + 2e7 —~> H(z, | atm) 
Overs 2Ha(l) + 2H*(ag, 1 M) —> Hg3*(aq, 1 M) + H2(g, 1 atm) 
The standar €°, is given by 
6° = Chong + Stn, 
= —0.85 V+ 0 
= —0.85 V 
(We omit t! ccript “‘cell’’ because this reaction is not carried out in an electrochemi- 
cal cell.) S is negative, we conclude that mercury is not oxidized by hydrochloric 
acid under ird-state conditions. 
(b) HNO; eactions are 
Oxidation: 3[2Hg(/) —> Hg3* (ag, 1 M) + 2e7] 
(NO}3(aq, 1 M) + 4H*(aq, 1 M) + 3e° —> 
Reduction NO(g, 1 atm) + 2H,0(/)] 
Overall: (1) + 2NO3(aq, 1 M) + 8H*(aq, 1 M) —> 
3Hg3* (aq, 1 M) + 2NO(g, 1 atm) + 4H2,0(/) 
Thus 
€° = Ehigug3+ + ENosNO 
= —0.85 V + 0.96 V 
=0.11 V 
Since &° ; itive, the reaction is spontaneous under standard-state conditions. 
Similar probier: 19.17. 


| 


EXAMPLE 19.5 


Calculate the equilibrium constant for the following reaction at 25°C: 


Sn(s) + 2Cu2*(aq) == Sn?*(ag) + 2Cu* (aq) 
Answer 


The two half-reactions for the overall process are 


Oxidation: Sn(s) —> Sn?*(aq) + 2e7 


Reduction: 2Cu?*(ag) + 2e° —> 2Cu* (aq) 


771 


The calculation shows that 
HNO, can oxidize Hg but HCl 
cannot. 


wae 
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In Table 19.1 we find that €8,2+/5, = —0.14 V and €2ye+cyr = 0.15 V. Thu: 


C° = CSasn2t + SOu2+/cut 
=0.14V+0.15 
= 0.29 V 
Equation (19.5) can be written 
ae né° 
°8 "0.0591 V 
In the overall reaction we find n = 2. Therefore 
_ (2)(0.29 V) ee 
0.0591 V 
K=6x 10? 


Similar problems: 19,21, 19.22. 


EXAMPLE 19.6 
Calculate the standard free-energy change for the following reaction at 25°C: 


2Au(s) + 3Ca?*(ag, 1 M) —> 2Au?*(aq, 1 M) + 3Ca(s) 


Answer 


First we break up the overall reaction into half-reactions: 
Oxidation: 2Au(s) —> 2Au>*(aq, 1 M) + 6e7 
Reduction: 3Ca?*(aq, 1 M) + 6e~ —> 3Ca(s) 

In Table 19.1 we find that SAu3+/au = 1.50 V and Sba2+ica = —2.87 V. Therefore 


(- toni oO 
Oo Cavan + Cote 


==1.50 V —2.87 V 
==—4,37 V 
Now we use Equation (19.3): 
AG° = —nF€° 


The overall reaction shows that n = 6, so 
AG* = —(6 mol)(96,500 J/V - mol)(—4,37 V) 
= 2.53 x 10°J 
= 2.53 x 103 kJ 


The large positive value of AG® tells us that the reaction is not spontaneous under stan- 
dard-state conditions at 25°C. 


Similar problem: 19.23. 


19.5 EFFECT OF CONCENTRATION ON CELL EMF 


The Chemistry in Action on p. 794 shows that dental filling discomfort is an electro- 
chemical phenomenon. 


19.5 Effec' Concentration on Cell EMF 


The Nernst !quation 


So far we have concentrated on redox reactions in which reactants and products are in 
their standard sistes. However, standard-state conditions are often difficult and some- 
times impossible to maintain. The relationship between the emf of a cell and the 
concentrations of reactants and products in a redox reaction of the type 


aA + bB —> cC + dD 
can be derived as follows. From Equation (18.11) we write 


AG = AG? + RTInQ 


Since AG = —//*% and AG? = —nF€°, the equation can be expressed as 
—nF€ = —nF€° + RT In Q 
Dividing the equation through by —nF and converting to common logarithms, we get 
2.303RT 
$= Ff ———— 10 (19.6) 
nF gO 
Equation (19.6) is known as the Nernstt equation in which @ is the reaction quotient 
(see Section 14.5). At 298 K, Equation (19.6) can be rewritten as 
0.0591 V 
€ = 6 —-———__ log Q (19.7) 


At equilibrium, there is no net transfer of electrons, so = 0 and Q = K, where K is 
the equilibrium constant. In this case, Equation (19.6) takes the form 


2.303RT 
0 = 6° -——_ log K 
nF 
or 
2.303RT 
° = ———_ log K 


Which is the same as Equation (19.4) except for the conversion to common logs. 
The Nernst equation enables us to calculate € as a function of reactant and product 
concentrations in a redox reaction. Referring to the galvanic cell in Figure 19.1 


Zn(s) + Cu?*(aq) — Zn?* (aq) + Cu(s) 


+ Walter Hermann Nernst (18641941). German chemist and physicist. Nernst’s work was mainly on elec- 
Cade solution and thermodynamics, He also invented an electric piano. Nernst was awarded the Nobel 
Tize in chemistry in 1920 for his contribution to thermodynamics. 


7173 


We omit the subscript “cell” in 
€ and €° for convenience. 


774 


Remember that concentrations 
of pure solids (and pure 
liquids) do not appear in Q. 
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TABLE 19.2 Variation of € with Ion Concentrations (M) for the Cel} Reac- 
tion Shown in Figure 19.4 (¢ = 25°C) 


[Zn?*] ; [Zn?*] 

[Cu2*] [Zn] [Cw*] °8 Ce *] 6 (V) 
) ce 

1.0 1.0: 107" 1.0 x 1074 —4.00 1:22 
TEC 1.0 x 1073 1.0 x 1077 =3,00 1.19 
1.0 1.0 x 1072 1.0 x 1072 2700 1.16 
1.0 10x 107: 1.0 =<. 107! —1.00 1.13 
1.0 1.0 1.0 0.00 1.10 
1.0 x 107! 1.0 1.0 x 10! 1.00 1.07 
1:0): <0 52 1.0 1.0 x 107 2.00 1.04 
1.0 x 10-3 1.0 1.0 x 10° 3.00 1.01 
1.0 x 1074 1.0 1.0 x. 10* 4.00 0.98 


The Nernst equation for this cell at 25°C can be written as 


0.0591 V (Zn?*] 


€=1.10V I 
20 teu] 
If the ratio [Zn?*]/[Cu?*] is less than 1, log [Zn?*]/[Cu?*] is a negative ne nber so 
that the second term on the right-hand side of the above equation is positive. |) ler this 
condition € is greater than the standard emf $°. If the ratio is greater than i, @ is 
smaller than €°. Table 19.2 shows the variation of & with ion concentration for the 


cell reaction that we have been discussing. The above equation predicts that » plot of 
versus log [Zn?*]/[Cu?*] should yield a Straight line with a negative slop: Figure 
19.4 confirms this prediction. 


0.90 
ere 1 Se =| | = tL sf 
4.00 -3.00 -200 —100 0 100 2.00 3.00 4.00 


(Zn7*] 
log 


FIGURE 19.4 Plot of & versus log ([Zn’*]/[Cu2*]) at 25°C. When [Zn?*]/[Cw*] = 1, 
log [Zn’*}![Cw*] = 0 and $ = ° = 1.10 V. 
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The followin example illustrates the use of the Nernst equation. 
— a 
. EXAMPLE (°.7 
Predict whet! e following reaction would proceed spontaneously as written at 298 K: 


Co(s) + Fe?*(aq) —> Co?*(aq) + Fe(s) 


given that | = 0.15 M and [Fe**] = 0.68 M. 
Answer 
The half-re S are 
Oxidation: Co(s) —> Co**(aq) + 2e7 


Reduction: Fe**(ag) + 2e7 —> Fe(s) 


In Table 19 find that C2g2+c9 = —0.28 V and Efe2+re = —0.44 V. Therefore, the 
standard en 


= Stocor + Shertire 
= 0.28 V + (—0.44 V) 


= -0.16 V 
From Equa 19.7) we write 
4 0.0591 V.— [Co?*] 
5d ° Fe] 
0.0591 V 0.15 
= -0.16 V—- loge 


2» 0.68 
= -0.16 V + 0.019 V 
=-0.14V 


Since € is »-».tive (or AG is positive), the reaction is not spontaneous in the direction 
written. 


Similar prob!oms: 19.28, 19.31. 
——— — 


It is interesting to determine at what ratio of [Co2*] to [Fe**] the reaction in 
Example 19.7 will become spontaneous. We start with the Nernst equation as rewritten 


for 298 K [Equation (19.7)]: 


0.0591 V 
g = $° - —_ log 


n 


We set equal to zero since this corresponds to the equilibrium situation. When € = 0, Q=K. 


0.0591 V.__ (Co”*] 


0 = —-0.16 V— ay Tt 0g [Fe2*] 


[Co**] 


og = oe 
S Fe") 
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Taking the antilog of both sides, we obtain 


(a 2+ 
[Co™] =4x10°=K 
[Eee] 
Thus for the reaction to be spontaneous, the ratio [Co?*]/[Fe?*] must be smaller than 


4x 107°. 
As the following example shows, if gases are involved in the cell reaction their 
concentrations should be expressed in atm. 


ary 7 
EXAMPLE 19.8 


Consider the galvanic cell shown in Figure 19.3(a). In a certain experiment, the cif (6) 
of the cell is found to be 0.54 V at 25°C. Suppose that [Zn?*] = 1.0 M and Pass 
1.0 atm. Calculate the molar concentration of 15 ie 


Answer 


The overall cell reaction is 
Zn(s) + 2H*(aq, ? M) —» Zn?*(aq, 1 M) + H,(g, 1 atm) 
As we saw earlier (p. 764), the standard emf for the cell is 0.76 V. From Equation (19.7), 


we write 
0.0591 V Zn?* 
CFE piece ele eS mPa, 
i (Ht? 
0.05 -O)(1. 
0.54 V = 0.76 V — oo dae lo OEY SEN) 
2 {(H*}? 
0.0591 V 
£090 Woe a 
2 {(H*7? 
es: 1 
7.4 = log HP 
7.4 = —2 log [H*] 
log [H*] = —3.7 


(H*] =2x 10-4 


Similar problems: 19.29, 19.30. 


ee 


The preceding example shows that a galvanic cell whose cell reaction involves Ht 
ions can be used to measure [H*] or pH. The PH meter described in Section 15.3 is 
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FIGURE 19.5 A glass elec- 
trode that is used in conjunction 
with a reference electrode in a 
PH meter. 


Concentration Cells 


We have seen that an electrode potential depends on the concentrations of the ions 
used, In practice, a cell may be constructed from two half-cells composed of the same 


material but differing in ion concentrations. Such a cell is called a concentration cell. 
Consider a situation in which zinc electrodes are put into two aqueous solutions of 
zinc sulfate at 0.10 M and 1.0 M concentrations. The two solutions are connected by a 


salt bridge, and the electrodes are joined by a piece of wire in an arrangement like that 
shown in Figure 19.1. According to Le Chatelier’s principle, the tendency for the 
reduction 


Zn?* (aq) + 2e° ——> Zn(s) 


increases with increasing concentration of Zn°* ions. Therefore, reduction should 
occur in the more concentrated compartment and oxidation should take place on the 
more dilute side. The cell diagram is 


Zn(s)|Zn2*(aq, 0.10 M)|KC\(sat’d)|Zn?* (aq, 1.0 M)|Zn(s) 
and the half-reactions are 


Oxidation: Zn(s) —> Zn?* (aq, 0.10 M) + 2e7 
Reduction: Zn?*(aqg, 1.0 M) + 2e— —> Zn(s) 
Overall: Zn?* (aq, 1.0 M) —> Zn?* (aq, 0.10 M) 


The emf of the cell is 


0.0591 V 1 (Zn]ait 
n [Zn]cone 
Where the subscripts ‘dil’? and ‘‘conc’’ refer to the 0.10 M and 1.0 M concentrations, 


Tespectively. €° for this cell is zero (the same electrode and the same type of ions are 
involved), so 


0.0591 V 0.10 
x Fe RO 
= 0.0296 V 


nually during the 


The emf of concentration cells is usually small and decreases conti 
$ approach each 


Operation of the cell as the concentrations in the two compartment 


rari 
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Metal cap 


Carbon cathode 


Moist paste of 
NH, Cl, ZnCl, 
and MnO, 


Zn anode 


FIGURE 19.6 Interior section 
of a dry cell of the kind used in 
flashlights and transistor radios. 
Actually, the cell is not com- 
pletely dry, as it contains a moist 
electrolyte paste. 


Cathode (steel) 


Insulation 
Anode (Zn can) 


Electrolyte solution 
containing KOH and 
paste of Zn(OH), 

and HgO 


FIGURE 19.7 Interior section 
of a mercury battery. 
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other. When the concentrations of the ions in the two compartments are ‘he same, € 
becomes zero. 

19.6 Batteries 

A battery is an electrochemical cell, or often, several electrochemical cv! onnected 
in series, that can be used as a source of direct electric current at a cons.» voltage. 
Although the operation of a battery is similar in principle to that of the galvanic cells 
described in Section 19.2, a battery has the advantage of being comp! tely self- 
contained and requiring no auxiliary components such as salt bridges. We describe 


several types of batteries that are in widespread use. 


The Dry Cell Battery 


The most common dry cell, that is, a cell without fluid component, is th 
cell, used in flashlights and transistor radios. The anode of the cell consi 


clanché 


if a zinc 
can or container that is in contact with manganese dioxide (MnO>) and an trolyte. 
The electrolyte consists of ammonium chloride and zine chloride in wate’, to which 
starch is added to thicken the solution to a pastelike consistency so that it is ‘ss likely 
to leak (Figure 19.6). A carbon rod serves as the cathode, which is imm d in the 
electrolyte in the center of the cell. The cell reactions are 
Anode: Zn(s) —> Zn?*(aq) + 2e~ 
Cathode: _ 2NHj (aq) + 2MnO,(s) + 2e7 —-» Mn,03(s) + 2NH3(aq) + OW” 
Overall: Zn(s) + 2NHf (aq) + 2MnO,(s) —> 
Zn?* (aq) + 2NH3(aq) + H,O(/) + Mn,0;(s) 
Actually, this equation is an oversimplification, because the reactions that occur in the 
cell are quite complex. The voltage produced by a dry cell is about 1.5 V, but it drops 
slightly during use because of the accumulation of Zn?* ions near the zinc anode. 


The Mercury Battery 


The mercury battery is used extensively in medicine and electronic industries and is 
more expensive than the common dry cell. Contained in a stainless steel cylinder, the 
mercury battery consists of a zinc anode (amalgamated with mercury) in contact with a 


strongly alkaline electrolyte containing zinc oxide and mercury(II) oxide (Figure 19.7). 
The cell reactions are 


Anode: Zn(Hg) + 20H (aq) —» ZnO(s) + H5O(/) + 2e~ 
Cathode: HgO(s) + HjO(1) + 2e> — Hgi/) + 20H (aq) 
Overall: 


2n(Hg) + HgO(s) —> ZnO(s) + Hg(i) 


Because there is no change in electrolyte composition during operation—the overall 
cell reaction involves only solid substances—the mercury battery provides a more 
constant voltage (1.35 V) than the Leclanché cell. It also has a considerably higher 


capacity and longer life. These qualities make the mercury battery ideal for use in 
pacemakers, hearing aids, electric watches, and light meters. 
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The Lead Storage Battery 


‘tery commonly used in automobiles consists of six identical cells 
eries. Each cell has a lead anode and a cathode made of lead dioxide 
; metal plate (Figure 19.8). Both the cathode and the anode are 
ous solution of sulfuric acid, which acts as the electrolyte. The cell 


The lead storag: 
joined together : 
(PbO2) packed 
immersed in an 
reactions are 


Anode: Pb(s) + SO (ag) —> PbSO,(s) + 2e7 
Cathode: bOo(s) + 4H*(ag) + SOF (ag) + 2e~ —> PbSO,(s) + 2H,0(/) 
Overall: ) + PbO(s) + 4H*(aq) + 2SO%- (aq) ——> 2PbSO,(s) + 2H20(/) 


iting conditions, each cell produces 2 V; a total of 12 V from the 
power the ignition circuit of the automobile and its other electrical 
storage battery can deliver large amounts of current for a short time, 
it takes to start up the engine. 
snché cell and the mercury battery, the lead storage battery is re- 
ring the battery means reversing the normal electrochemical reac- 
external voltage at the cathode and the anode. (This kind of process 
'y, which we will discuss in Section 19.8.) The reactions that replen- 
iterials are 


Under norma! 
six cells is usc 
systems. The |: 
such as the tim: 
Unlike the 
chargeable. I 
tion by applyi: 
is called elect 
ish the origir 


Anode: PbSO,(s) + 2e~ —> Pb(s) + SOF (aq) 
Cathode: 'SOx(s) + 2H,O(2) —> PbO2(s) + SO% (aq) + 4H*(ag) + 207 
Overall: SO.(s) + 2H,0(1) —> Pb(s) + PbO,(s) + 4H*(aq) + 2804 (aq) 
The overall on is exactly the opposite of the normal cell reaction. 
Two aspe ' the operation of a lead storage battery are worth noting. First, 


rochemical reaction consumes sulfuric acid, the degree to which the 
lischarged can be checked by measuring the density of the electrolyte 


because the ele: 
battery has be 


with a hydromeier, as is usually done at gas stations. The density of the fluid in a 
““healthy,”’ firily charged battery should be equal to or greater than 1.2 g/cm*: Second, 
people living in cold climates sometimes have trouble starting their cars because the 


battery has “‘vone dead.’? Thermodynamic calculations show that the emf of many 
electrochemical cells decreases with decreasing temperature. However, for a lead stor- 
age battery, the temperature coefficient is about 1.5 x 10~* V/°C; that is, there is a 
decrease in voltage of 1.5 X 107* V for every degree drop in temperature. Thus, even 
allowing for a 40°C change in temperature, the decrease in voltage amounts to only 
6 x 1073 V, which is about 


6x107V 
12V 


x 100% = 0.05% 


of the Operating voltage, an insignificant change. The real cause of a battery’s apparent 
breakdown is an increase in the viscosity of the electrolyte as the temperature de- 
Cteases. For the battery to function properly, the electrolyte must be fully conducting. 
However, the ions move much more slowly in a viscous medium, so the resistance of 
the fluid increases, leading to a decrease in the power output of the battery. If an 
apparently ‘‘dead battery’’ is warmed to near room temperature, it recovers its ability 
to deliver normal power. 


779 


Cap can be removed 
for the addition of 
water or sulfuric acid 


plates) 


Pb (negative 
plates) 


solution 


FIGURE 19.8 Interior section 
of a lead storage battery. Under 
normal operating conditions, the 
concentration of the sulfuric acid 
solution is about 38 percent by 
mass. 
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The Nickel—Cadmium Battery 


The nickel—cadmium (nicad) battery is used mainly in hand calculators, electronic 
flash units, cordless electric shavers, and the like. It consists of a cadmium anode anda 
cathode that is composed of NiO(OH). The cell reactions are 


Anode: Cd(s) + 20H (aq) —> Cd(OH)(s) + 2e7 
Cathode: _2NiO(OH)(s) + 2H,O(/) + 2e7 ——+> 2Ni(OH)>(s) + 20H (aq) 
Overall: © 2NiO(OH)(s) + Cd(s) + 2H,O(/) —> Cd(OH),(s) + 2Ni(OH),(s) 


Since all the reactants and products in the overall reaction are in the solid state, there 
is no change in the concentration of any ions in solution during the discharge. Conse- 
quently, the cell voltage is fairly constant (about 1.4 V). Like the lead storag 
the nicad battery is rechargeable. Furthermore, it can be packaged in a sealed © 
(like a dry cell) and can be left for long periods of time without appreciable deteriora- 
tion. 


Fuel Cells 


Fossil fuels are a major source of energy, but conversion of fossil fuel into electrical 
energy is a highly inefficient process. Consider the combustion of methane: 


CH,(g) + 202(g) —> CO,(g) + 2H,O(/) + energy 


To generate electricity, heat produced by the reaction is first used to convert water to 
steam, which then drives a turbine that drives a generator. An appreciable fraction of 
the energy released in the form of heat is lost to the surroundings at each step; the most 
efficient power plant now in existence converts only about 40 percent of the original 
chemical energy into electricity. Because combustion reactions are redox reactions, it 
would be more desirable to carry them out directly by electrochemical means, thereby 
greatly increasing the efficiency of power production. This objective has been accom- 
plished by devices known as fuel cells. 

In its simplest form, a hydrogen—oxygen fuel cell consists of an electrolyte solution, 
Such as potassium hydroxide solution, and two inert electrodes. Hydrogen and oxygen 
gases are bubbled through the anode and cathode compartments (Figure 19.9), where 
the following reactions take place: 


Anode: 2H2(g) + 40H (aq) —> 4H,0(1) + 4e> 
Cathode: O,(g) + 2H,O(/) + 4e~ —> 40H (aq) 
Overall: 2H2(g) + O2(g) —> 2H,0(/) 


The standard emf of the cell can be calculated as follows, with data from Table 19.1: 


S° = B. + Soa 
= 0.83 V + 0.40 V 
leony 


Thus the cell reaction is spontaneous under standard-state conditions. Note that the 
reaction is the same as the hydrogen combustion reaction, but the oxidation and reduc- 
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Cathode 


yn electrode Porous carbon electrode 
containing Ni and NiO 


Oxidation: 2H, (2) + 40H™(aq) > 4H, O(/) + 4e~ Reduction: O3(g) + 2H, O(/) + 4e~ + 40H (aq) 


FIGURE 19.9 4 /iydrogen-oxygen fuel cell. The temperature of the electrolyte solution is kept 
at about 200°C. 1 :e Ni and NiO embedded in the porous carbon electrodes are electrocatalysts. 
When the cell is in operation, the electrodes are connected to an electrical appliance by conduct- 
ing wires. 


tion are carried out separately at the anode and the cathode. Like platinum in the 
standard hydrogen electrode, the electrodes have a twofold function. They serve as 
electrical conductors and they provide the necessary surfaces for the initial decomposi- 
tion of the molecules into atomic species, prior to electron transfer. They are 
electrocatalysis. Metals such as platinum, nickel, and rhodium are good 
electrocatalysts 

In addition to the H,—O, system, a number of other fuel cells have been developed. 
Among these is the propane—oxygen fuel cell. The half-cell reactions are 


Anode: CsHg(g) + 6H;0(2) —> 3CO2(g) + 20H*(aq) + 20e" 
Cathode: 50(g) + 20H*(aq) + 20e_ —~> 10H,0(/) 
Overall: C3Hg(g) + 50x(g) —> 3CO2(g) + 44200) 


The overall reaction is identical to the burning of propane in oxygen. 

Unlike batteries, fuel cells do not store chemical energy. Reactants must be con- 
stantly resupplied and products must be constantly removed from a fuel cell. In a 
Tespect, a fuel cell resembles an engine more than it does a battery. However, the fue 
cell does not operate like a heat engine and therefore is not subject to the same kind of 
thermodynamic limitations in energy conversion. (A heat engine Is any device that 
converts heat into work. The second law of thermodynamics imposes the restriction 
that it is impossible to convert heat completely into work. In practice, any such conver- 
sion must result in the loss of part of the energy, as heat, to the surroundings.) 

Properly designed fuel cells may be as much as 70 percent efficient, about twice 7 
efficient as an internal combustion engine. In addition, fuel-cell generators are free o 
the noise, vibration, heat transfer, thermal pollution, and other problems normally 
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FIGURE 19.10 A hydrogen—oxygen fuel cell used in the Space program. The pure water 
produced by the cell is used by the astronauts. 


associated with conventional power plants. Despite all these features, fuel cells are not 
yet in large-scale operation. A major problem lies in the choice and avai’! iility of 
suitable electrocatalysts able to function efficiently for long periods of time without 
contamination. The most successful application of fuel cells to date has bee: in space 
vehicles (Figure 19.10). 


The Aluminum—Air Battery 


The aluminum—air battery is really a combination of a battery and a fuel cell: it is one 
of the more promising new developments in electrical power generation. Aluminum is 
a high energy density fuel in the sense that it is capable of releasing large amounts of 
electrical energy per kilogram. This energy may be released by electrochemical con- 
version. Figure 19.11 shows a schematic diagram of the battery. Very high purity 
aluminum (2 99.99 percent) is used as the anode, and a constant supply of air is 
bubbled through the solution at the cathode, which is made of an inert, porous metal. 
The electrolyte can be an aqueous solution of either NaCl or NaOH. As you can see, at 
the anode the aluminum metal is converted to Al?*and then to the insoluble Al(OH)3, 
while O, is reduced to OH™~ at the cathode. The overall reaction is 


4Al(s) + 302(g) + 6H,O(J) —> 4A1(OH);(s) 


Since only Al and water are consumed in this reaction, recharging the battery involves 
only adding water, replacing the Al electrode (which acts as a solid fuel), and remov- 
ing the Al(OH); precipitate. Under maximum operating conditions, the cell emf is 
about 2.7 V. These features make the aluminum—air battery ideally suited for use in 
electric cars and other similar devices. Figure 19.12 shows such a battery in operation. 
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Anode Cathode 


Porous 
metal 


— Air 


minum 


OH” 


HO 


NaCl 


or 
NaOH 
solution 


Oxidation Reduction 
9. e => i 
7m Al(s) + AP’* (aq) + 3e O2(g) +:2H20(1) + 4¢ gored) 
AI ( )H_ (aq) > Al(OH)3 (s) 
A JH (aq) > Al(OH)3(s) + 3e7 
FIGURE 19.11 ¢ half-cell reactions in an aluminum-air battery. 


FIGURE 19.12 An aluminum— 
air battery in operation. 
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FIGURE 19.13 Examples of 


corrosion. (a) a rusted ship; (b) 
a half-tarnished silver dish, and 
(c) the Statue of Liberty coated 
with patina before its restoration 
in 1986. 
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19.7 Corrosion 


Corrosion is the term usually applied to the deterioration of metals by an electrochemi- 
cal process. We see many examples of corrosion around us—iron rust, silver tarnish, 
the green patina formed on copper and brass (Figure 19.13). Corrosion causes enor- 
mous damage to buildings, bridges, ships, and cars. One estimate put the cost of 
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metallic corrosion to the U.S. economy in 1984 at about 80 billion dollars, or 3 percent 
of the gross national product for that year! This section discusses some of the funda- 
mental processes that occur in corrosion and methods used to protect metals against it. 

By far the most familiar example of corrosion is the formation of rust on iron. 
Oxygen gas and water must be present for iron to rust. Although the reactions involved 
are quite comple and not completely understood, the main steps are believed to be as 
follows. A region of the metal’s surface serves as the anode, where oxidation occurs: 


Fe(s) ——> Fe?*(aq) + 2e7 
The electrons given up by iron reduce atmospheric oxygen to water at the cathode, 
which is another region of the same metal’s surface: 
O.(g) + 4H* (aq) + 4e° —> 2H,0(/) 
The overall redox reaction is 
2Fe(s) + Ox(g) + 4H*(aq) —> 2Fe**(aq) + 2H20(/) 
With data from Table 19.1, we find the standard emf for this process: 
€° = Go + Ered 
= 0.44 V + 1.23 V 
= 1.67 V 


Note that this reaction occurs in an acidic medium; the H™ ions are supplied in part by 
the reaction of atmospheric carbon dioxide with water to form HjCO3. 
The Fe2* jons formed at the anode are further oxidized by oxygen: 


4Fe?* (ag) + Oo(g) + (4 + 2x)H20() —> 2Fe203 * xH20(s) + 8H *(aq) 


This hydrated form of iron(II) oxide is known as rust. The amount of water associated 
with the iron oxide varies, so we represent the formula as FeO; -xH20. 

Figure 19.|4 shows the mechanism of rust formation. The electric circuit is com- 
pleted by the migration of electrons and ions; this is the reason that rusting occurs so 
rapidly in salt water. In cold climates, salts (NaCl or CaCl) spread on roadways to 
melt ice and snow are a major cause of rust formation on automobiles. 


Air 


y. 


FIGURE 19.14 The electrochemical process involved in rust formation. The H* ions are 
Supplied by HyCO3, which forms when CO> dissolves in water. 
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Metallic corrosion is not limited to iron. Consider aluminum, a metal used to make 
many useful things, including airplanes and beverage cans. Aluminum |.as a much 


greater tendency to oxidize than does iron; in Table 19.1 we see that Al has a more 
negative standard reduction potential than Fe. Based on this fact alone. we might 
expect to see airplanes slowly corrode away in rainstorms, and soda can: ansformed 
into piles of corroded aluminum. These processes do not occur because ‘hie layer of 
insoluble aluminum oxide (Al,O3) that forms on its surface when the metsi is exposed 
to air serves to protect the aluminum underneath from further corrosion. | rust that 
forms on the surface of iron, however, is too porous to protect the under!ying metal. 

Coinage metals such as copper and silver also corrode, but much mre slowly. 


Cu(s) —> Cu?*(aq) + 2e7 


Ag(s) —> Ag*(aq) + e~ 


In normal atmospheric exposure, copper forms a layer of copper carbonate uCOs), a 
green substance also called patina, that protects the metal underneath from further 
corrosion. Likewise, silverware that comes into contact with foodstuffs cevelops a 
layer of silver sulfide (Ag,S). 

A number of methods have been devised to protect metals from corrosio:). Most of 
these methods are aimed at preventing rust formation. The most obvious approach is to 
coat the metal surface with paint. However, if the paint is scratched, pitted, or dented 
to expose even the smallest area of bare metal, rust will form under the paint ‘ayer. The 
surface of iron metal can be made inactive by a process called passivation. A ‘hin oxide 
layer is formed when the metal is treated with a strong oxidizing agent such 9° concen- 
trated nitric acid or a solution of potassium dichromate (K3Cr>07). In fact, potassium 
dichromate is often added to cooling systems and radiators to prevent rust i -rmation. 

The tendency for iron to oxidize is greatly reduced in alloys with other s«ials. For 


example, when iron is alloyed with chromium and nickel to become stainles¢ sicel, the 
layer of chromium oxide that is formed protects the iron from corrosion. 

An iron container can be covered with a layer of another metal such as tin or zinc. A 
“‘tin”’ can is made by applying a thin layer of tin over iron. Rust formation is prevented 


FIGURE 19.15) An iron nail 
that is cathodically protected by 
a piece of zinc strip does not rust 
in water, while an iron nail with- 
out such protection rusts readily. 
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FIGURE 19.16 sthodic protection of an iron storage tank (cathode) by magnesium, a more 
electropositive »ial (anode). Since only the magnesium is depleted in the electrochemical 
process, it is sometimes called the sacrificial anode. 

as long as the ‘\. \ayer remains intact. However, once the surface has been scratched, 
rusting occurs ‘idly. If we look up the standard reduction potentials we find that iron 
acts as the anod. and tin as the cathode in the corrosion process: 


Fe(s) —> Fe?+ +2e €°= +0.44V 
Sn?* (aq) + 2e7 —> Sn(s) €° = -0.14 V 


The protecti« process is different for zinc-plated, or galvanized, iron. Zinc is more 
easily oxidized than iron (see Table 19.1): 


Zn(s) —> Zn?*+(aq)+2e O° = +0.76 V 


So even if a scratch exposes the iron, the zine is still attacked. In this case, the zinc 
metal serves as the anode and the iron is the cathode. 

Cathodic protection is a process in which the metal that is to be protected from 
Corrosion is made the cathode in what amounts to an electrochemical cell. Figure 19.15 
shows how an iron nail can be protected from rusting by connecting the nail to a piece 
of zinc. Without such protection, an iron nail quickly rusts in water. Rusting of under- 
ground iron pipes and iron storage tanks can be prevented or greatly reduced by con- 
necting them to metals such as zinc and magnesium, which oxidize more readily than 
iron (Figure 19.16). 


19.8 Electrolysis 

In contrast to spontaneous redox reactions, which result in the conversion of chemical 
energy into electrical energy, electrolysis is the process in which electrical energy is 
used to cause a nonspontaneous chemical reaction 10 occur. Here we will discuss three 
€xamples of electrolysis, all of which show that electrolysis is based on the same 
Principles as those that apply to electrochemical processes carried out in galvanic cells. 
Then we will look at the quantitative aspects of electrolysis. 
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These are nonspontaneous 
reactions, which are driven by 
the battery. 
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Electrolysis of Molten Sodium Chloride 


In its molten state, sodium chloride, an ionic compound, can be electrolyzed to form 
sodium metal and chlorine. Figure 19.17(a) is a diagram of a Downs cell, which is used 
for large-scale electrolysis of NaCl. In molten NaCl, the cations and anions are the 
Na‘ and Cl” ions, respectively. Figure 19.17(b) shows the reactions that occur at the 
electrodes. The electrolytic cell contains a pair of electrodes connected to the battery. 
The battery serves as an ‘‘electron pump,”’ driving electrons to the cathode, where 
reduction occurs, and withdrawing electrons from the anode, where oxidation occurs, 
The reactions at the electrodes are 


Anode (oxidation): 2Cl” — > Clo(g) + 2e7 
Cathode (reduction): | 2Na* + 2e~ ——> 2Na(/) 
Overall: 2Na* + 2CI7 —> 2Na() + Cl(g) 


This process is a major source of pure sodium metal and chlorine gas. 


Electrolysis of Water 


Water in a beaker under atmospheric conditions (1 atm and 25°C) will not spontane- 
ously decompose to form hydrogen and oxygen gas because the standard free-energy 
change for the reaction is a large positive quantity: 


——— 
Battery 
Liquid Liquid e- .- 
Na Na 7 
Anode Cathode 
Molten 
NaCl 
Iron cathode Iron cathode 
Oxidation Reduction 
Carbon anode 2Cl" > Cla (g) + 2e— 2Na* + 2e~ > 2Na(/) 


(a) (b) 
el =) 


FIGURE 19.17 (a) A practical arrangement called a Downs cell for the electrolysis of molten 
NaCl (m.p. = 801°C). The sodium metal formed at the cathodes is in the liquid state. Since 
liquid sodium metal is lighter than molten NaCl, the sodium floats to the surface as shown and is 
collected. Chlorine gas forms at the anode and is collected at the top. (b) A simplified diagram 
Showing the electrode reactions during the electrolysis of molten NaCl. ; 
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2H,O(l) —> 2Ha(g) + O2(g) AG° = 474.4 kJ 


this reaction can be induced by electrolyzing water in a cell like the one 


However, 
shown in Figure 19.18. This electrolytic cell consists of a pair of electrodes made of a 
nonreactive meta! such as platinum immersed in water. When the electrodes are con- 
nected to the battery, nothing happens because there are not enough ions in pure water 
to carry much o/ an electric current. (Remember that at 25°C, pure water has only 
1x 107-7 M H® ions and 1 x 10-7 M OH™ ions.) 

The cell reaction starts when a few drops of sulfuric acid are added to the water. 


Almost immediate!y, gas bubbles begin to appear at both electrodes. We can predict 
the outcome of the electrolysis by looking up the standard reduction potentials in Table 
19.1. The oxidation that occurs at the anode is 


2H,0(/) —> O2(g) + 4H*(aq) + 4e7 


(The sulfate ions act as spectator ions in solution.) Reductions that might occur at the 
cathode are 


O(l) + 2e7 —> Ho(g) + 20H~(aq) = 6° = —0.83 V 


4H * (aq) + 4e~ —— 2H(g) €° = 0.00 V 


Because the second reduction has a more positive ° value, it is the preferred reaction 
at the cathode (Figure 19.19). We can now represent the processes at the electrodes as 


Anode (oxidation): 2H,0(1) —> O2(g) + 4H* (aq) + 4e7 
Cathode (reduction): 4H*(ag) + 4e7 —> 2Hb(8) 
Overall: 2H,O(1) —> 2H2(g) + O2(g) 


The predictions represented by these equations are indeed confirmed by experiment. 


———__{ sae 


Battery 


Dilute H, SO, 
solution 


Reduction 


Oxidation 
4H? (aq) + 4e7 > 2H (8) 


2H, O(/) > On(g) + 4H" (aq) + 4e7 


ctrode reactions during the electrolysis of 


slag 19.19 A simplified diagram showing the ele 
er. 


789 


FIGURE 19.18 Apparatus for 
small-scale electrolysis of water. 
The volume of hydrogen gas gen- 
erated (left column) is twice that 
of oxygen gas (right column). 
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Because Cl, is more easily 
reduced than O., it follows 
that it would be more difficult 
to oxidize CI~ than H,0 at the 
anode, 
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Electrolysis of an Aqueous Sodium Chloride Solution 


This is the most complicated of the three examples of electrolysis considered here 
because aqueous sodium chloride solution contains several species that could possibly 
be oxidized and reduced. The oxidation reactions that might occur at th= anode are 


(1) 2H,O(/) —> O,(g) + 4H*(aq) + 4e7 
(2) 2Cl (aq) —> Cl(g) + 2e7 
Referring to Table 19.1, we find 
O2(g) + 4H* (aq) + 4e~ —> 2H,0(/) €° = 1.23 V 
Ch(g) + 2e~ —+ 2Cl (aq) €° = 1.36 V 


The standard reduction potentials of (1) and (2) are not very different, but values do 


Suggest that HO should be preferentially oxidized at the anode. Howeve by experi- 
ment we find that the gas liberated at the anode is Clz, not O»! In studying electrolytic 
processes we sometimes find that the voltage required for a reaction is considerably 
higher than the electrode potential indicates. The additional voltage require to cause 
electrolysis is called the overvoltage. The overvoltage for O» formation is suite high. 
Therefore, under normal operating conditions Cl, gas is actually formed @: the anode 


instead of Op. 
The possible reductions that can occur at the cathode are 


(3) Na*(aq) + e~ —+ Na(s) 6° = -2.71 \ 
(4) 2H,0(/) + 2e7 —+» H,(g) + 20H (aq) S° = —0.83 V 


(5) 2H*(aq) + 2e7 —-» H,(g) $° = 0.00 V 
Apparently, reduction becomes more difficult from (5) to (4) to (3); that is fydrogen 
ions should accept electrons from the cathode more readily than do water molecules or 


sodium ions. However, the pH of an aqueous NaCl solution is near 7 (remember that 

NaCl does not hydrolyze), so the concentration of H™* ions is about | x 1077 M, 

which is much too low to make (5) a reasonable choice to represent the net change at 

the cathode. For this reason, we generally use (4) to describe the cathode reaction. 
Thus, the reactions in the electrolysis of aqueous sodium chloride are 


Anode (oxidation): 2Cl" (aq) —> Ch(g) + 2e7 
Cathode (reduction): 2H,0(1) + 2e7 —, Hy(g) + 20H~ (aq) 
Overall: 2H,0(/) + 2Cl" (aq) —> H2(g) + Ch(g) + 20H (aq) 


As the overall reaction shows, the concentration of the Cl~ ions decreases during 
electrolysis and that of the OH™ ions increases. Therefore, in addition to H, and Ch, 
the useful by-product NaOH can be obtained by evaporating the aqueous solution at the 
end of the electrolysis. 


The following example deals with the electrolysis of another aqueous salt solution. 


EXAMPLE 19.9 


An aqueous Na)SO, solution is electrolyzed, using the apparatus shown in Fi gure 19.18. 


If the Products formed at the anode and cathode are oxygen gas and hydrogen gas, respec- 
tively, describe the electrolysis in terms of the Teactions at the electrodes. 
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Answer 
Before we loo! « the electrode reactions, we should consider the following facts: (1) 
Since Na2SO. s not hydrolyze in water, the pH of the solution is close to 7. (2) The 
Na* ions are no: seduced at the cathode and the SO3” ions are not oxidized at the anode. 
These conclus are drawn from the electrolyses of water in the presence of sulfuric acid 
and in aqueo dium chloride solution. Thus the electrode reactions are 
fe: 2H,0() —> O2(g) + 4H*(aq) + 4e7 
tode: 2H,O() + 2e~ —> Ho(g) + 20H” 
The overall res: ion, obtained by doubling the cathode reaction coefficients and adding 
the result to inode reaction, is 
1,0(1) —> 2Ho(g) + O2(g) + 4H*(aq) + 40H (aq) 
If the H* an 1 ions are allowed to mix, then 
4H* (aq) + 40H (aq) —> 44200) 
and the over: action becomes 
2H,0(1) —> 2H2(g) + O2(g) 
Similar proly 19.48. 
_ en EEE 
Electrolysis »2s many important applications in industry, mainly in the extraction 
and purificatio’ of metals. We will discuss some of these applications in Chapter 20. 


Quantitative Aspects of Electrolysis 


The quantitative treatment of electrolysis was developed primarily by Faraday. He 
observed that ihe mass of product formed (or reactant consumed) at an electrode is 
proportional to both the amount of electricity transferred at the electrode and the molar 


mass of the substance in question. For example, in the electrolysis of molten NaCl, the 


cathode reaction tells us that one Na atom is produced when one Na* ion accepts an 
ions, we must supply Avogadro’s 


electron from the electrode. To reduce 1 mole of Na* 

number (6,02 x 1023) of electrons to the cathode. On the other hand, the stoichiometry 
of the anode reaction shows that oxidation of two Cl” ions yields one chlorine mole- 
cule. Therefore, the formation of 1 mole of Cl, results in the transfer of 2 moles of 
electrons from the Cl~ ions to the anode. Similarly, it takes 2 moles of electrons to 
reduce 1 mole of Mg2* ions and 3 moles of electrons to reduce 1 mole of Al’* ions: 


Mg2* + 2e7° —> Mg 
ABt + 3e —> Al 
Therefore 
2 F = 1 mol Mg* 
3 F = 1 mol AP* 


where F is the faraday. 
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The SO3- ion is the conjugate 
base of the weak acid HSO4 
(K, = 1.3 x 1077). However, the 
extent to which SO4~ 
hydrolyzes is negligible. 
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FIGURE 19.20 Steps involved in calculating amounts of substances oxidized or reduced in electrolysis. 


In an electrolysis experiment, we generally measure the current (in amperes, A) that 
passes through an electrolytic cell in a given period of time. The relationsiiip between 
charge (in coulombs, C) and current is 


I1C=1AX1s 
that is, a coulomb is the quantity of electrical charge passing any point in the circuit in 
1 second when the current is 1 ampere. 


Figure 19.20 shows the steps involved in calculating the quantities of substances 
produced in electrolysis. These steps are illustrated in the following example. 


- eee 
EXAMPLE 19.10 


A current of 0.452 A is passed through an electrolytic cell containing molten MgCl) for 
1.50 hours. Write the electrode reactions and calculate the quantity of products (in grams) 
formed at the electrodes. 


Answer 


Since the only ions present in molten MgCl) are Mg?* and Cl-, the reactions are 


Anode: AGH UBER (oihi¢ 3) ae 


Cathode: _Mg?* + 2e7 —> Mg 


Overall: Mg?* + 2CI- —>4 Mg + CL(g) 


The quantities of Mg metal and chlorine gas formed depend on the number of electrons 
that pass through the electrolytic cell, which in turn depends on the current and time, or 


charge: 
3600 s nC 
2 C= 0,452 AX 1.50h X=——— x = 2.44 x 10° 
lh 1A:s oo 


Since 1 F = 96,500 C and 2 F are required to reduce 1 mole of Mg?* ions, the mass of 
Mg metal formed at the cathode is calculated as follows: 

1F x 1 mol Mg <4 24.31 g Mg 
96,500 C 2F 1 mol Mg 


The anode reaction indicates that 1 mole of chlorine is produced per 2 faradays of electric- 
ity. Hence the mass of chlorine gas formed is 


2g Mg =2.44 x 10°C x = 0.307 g Mg 
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1F 1 molCl, 70.90 g Ch 
9 Ch = 2.44 X 10? Cc Xx x x = 0.896 L 
gCh 96,500C 2F | mol Ch ech 


Similar problems: 19.45, 19.46. 


Quantitative electrolysis also enables us to determine the charge of an ion. The 
charge is calculated by electrolyzing a solution containing the ion and relating the 
quantity of the element produced (either oxidized or reduced) to the number of cou- 
lamhs of charge passing through the cell. 


es a 


EXAMPLE 19.11 
An aqueous solution of a platinum salt is electrolyzed by passing a current of 2.50 A for 
t the cathode. Calculate the 


2.00 h. As a result, 9.09 g of metallic platinum are formed at 
charge on the platinum ions in this solution. 


Answer 


Our first step is to calculate the quantity of charge in coulombs passing through the cell: 


600s 2.50 
C= 2.00 hx = x = 1.80 10°C 
Ss 


The number of faradays corresponding to this quantity of charge is 


?F = 1.80 x 10°C x = 0.187 F 
‘ 96,500 C 
The half-ce!l reaction for the reduction is 
Pet ne~ =~ Pt 
1 mol (6.02 x 10) 1 mol 
195.1 g (96,500 C) 195.1 g 
195.1 g nF 195.1 g 


where n is the number of charges on the platinum ion. The mass of Pt produced is 


1 mol Pt 195.1 g Pt 
9 = x —— = = 9.09 'g Pt 
? g Pt= 0.187 F x i mol Ft 


Solving for n, we get 


Thus the platinum ion is Pt**. 


Similar problem: 19.58. 
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In modern dentistry the material most commonly used 
for filling decaying teeth is a composition known as 
dental amalgam. (An amalgam is a substance made by 
combining mercury with another metal or metals.) It 
actually consists of three solid phases having stoichi- 
ometries approximately corresponding to Ag>Hg3, 
Ag3Sn, and SngHg. The standard reduction potentials 
for these phases are Hg3*/AgHg3, 0.85 V; Sn2*/ 
Ag3Sn, —0.05 V; Sn?*/SngHg, —0.13 V. 

Anyone who bites a piece of aluminum foil (such as 
that used for wrapping candies) in such a way that the 
foil presses against a dental filling will probably experi- 
ence a momentary sharp pain. In effect, a galvanic cell 
has been created in the mouth, with aluminum (6° = 
—1.66 V) as the anode, the filling as the cathode, and 
saliva as the electrolyte. Contact between the alumi- 
num foil and the filling short-circuits the cell, causing a 
weak current to flow between the electrodes. This cur- 
rent is detected by the sensitive nerve of the tooth as an 
unpleasant sensation. 

Another type of discomfort results when a less elec- 
tropositive metal touches a dental filling. For example, 
if a filling makes contact with a gold inlay in a nearby 
tooth, corrosion of the filling will occur (Figure 19.21). 
In this case, the dental filling acts as the anode and the 
gold inlay as the cathode. Referring to the &° values 
given for the three phases, we see that the SngHg phase 


CHEMISTRY IN ACTION 


DENTAL FILLING DISCOMFORT 


oo 


is most likely to corrode. When that happens, r</case of 
Sn(II) ions in the mouth accounts for the trpleasant 
metallic taste. Prolonged corrosion will even: «oily re- 
sult in another visit to the dentist for a ‘‘refilliny’’ job. 


Dental filling 


Leas sia 


FIGURE 19.21 Corrosion of dental filling when it is in con- 
tact with gold inlay. 


SUMMARY 


1. All electrochemical reactions involve the transfer of electrons and are therefore 


redox reactions. 


2. Ina galvanic cell, electricity is produced by a spontaneous chemical reaction. The 
oxidation at the anode and the reduction at the cathode take place separately, and 
the electrons flow through an external circuit. 

3. The two parts of a galvanic cell are the half-cells, and the reactions at the elec- 
trodes are the half-cell reactions. A salt bridge allows ions to flow between the 


half-cells. 


4. The electromotive force (emf) of a cell is the voltage difference between the two 
electrodes. In the external circuit, electrons flow from the anode to the cathode in 


EXERCISES. 


In solution, the anions move toward the anode and the cations 
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a galvanic o>"! 
move toware the cathode. 
5. The quantit: -lectricity carried by 1 mole of electrons is called a faraday, which 
is equal to % 500 coulombs. 
6. Standard r ion potentials show the relative likelihood of half-cell reduction : 
reactions 4 wn be used to predict the products, direction, and spontaneity of 
redox reac\ between various substances. 
7. The decre: free energy of the system in a spontaneous redox reaction is equal 
to the elec | work done by the system on the surroundings, or AG = -nFé. 
8. The equili®: im constant for a redox reaction can be found from the standard 
electromo! force of a cell. 
9. The Nerns ation gives the relationship between the cell emf and the concentra- 
tions of the -eactants and products under conditions other than the standard state. 
10. Batteries, ». sich consist of one or more electrochemical cells, are used widely as 
self-conta) power sources. Some of the better-known batteries are the dry cell, 
such as th clanché cell, the mercury battery, the nickel—cadmium battery, and 
the lead sic-e battery used in automobiles. Fuel cells produce electrical energy 
from a cor\ sous supply of reactants. The aluminum air battery is a combination 
of a batt: id a fuel cell. 
11. The corr of metals, the most familiar example of which is the rusting of iron, 
is an ele nemical phenomenon. 
12. Electric at from an external source is used to drive a nonspontaneous chemi- 
cal reacti» in an electrolytic cell. The amount of product formed or reactant 
consume /pends on the quantity of electricity transferred at the electrode. 
KEY WOR 
Anode, p. 76! Electrolysis, p. 787 Overvoltage, p. 790 
Battery, p. 77: Electromotive force (emf), p. 762 Standard emf, p. 763 
Cathode, p. 761 Faraday, p. 769 Standard oxidation potential, p. 763 
Corrosion, p. 784 Half-cell reaction, p. 761 Standard reduction potential, p. 763 
EXERCISES cussed in redox processes in Chapter 12 and the half-cell 


GALVANIC CELLS 


reactions discussed in Section 19.2? 


R 19.6 After operating a galvanic cell like the one shown in 
EVIEW QUESTIONS Figure 19.1 for a few minutes, a student notices that the 
: i 9 

19.1 Discuss the role of redox reactions in electrochemical cell emf begins to drop. Why? 
EROcesaes PROBLEMS 

ee ey pai icieecoiicts! ae 19.7 Calculate the standard emf of Il that uses the 
tive force, st: idati tential, standard reduc- ; culate the standard emf of a cell that uses ° 
tion a ae Mg/Mg?* and Cu/Cu?* half-cell reactions at 25 (oh 

19.3 Describe the — features of a galvanic cell. Why are Write the equation for the cell reaction occurring under 
the two c i ic cell separated from standard-state conditions. 

i aaceialncininlee - 19.8 Consider a galvanic cell consisting of a magnesium 


each other? 
rns What is the function of a salt bridge in a galvanic cell? 
9.5 What is the difference between the half-reactions dis- 


electrode in contact with 1.0 M Mg(NOs)2 and a cad- 
mium electrode in contact with 1.0 M Cd(NOs)2- Cal- 
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culate 6° for the cell and draw a diagram showing the 
cathode, the anode, and the direction of electron flow. 

19.9 Calculate the standard emf of a cell that uses Ag/Ag* 
and AVAL’* half-cell reactions. Write the cell reaction 
occurring under standard-state conditions. 


SPONTANEITY OF REDOX REACTIONS 
REVIEW QUESTION 


19.10 Referring to Table 19.1, explain the diagonal rule. How 
can it be used to predict the spontaneity of a redox reac- 
tion? 


PROBLEMS 


19.11 Predict whether Fe3* can oxidize I” to I, under stan- 
dard-state conditions. 

19.12 Predict whether the following reactions would occur 
spontaneously in aqueous solution at 25°C. Assume that 
the initial concentrations of dissolved species are all 
1.0M. 

(a) Ca(s) + Cd?* (aq) —> Ca**(aq) + Cd(s) 

(b) 2Br (aq) + Sn?*(ag) —> Bro(1) + Sn(s) 

(c) 2Ag(s) + Ni?*(ag) —> 2Ag*(aq) + Ni(s) 

(d) Cu*(aq) + Fe?*(ag) —> Cu**(aq) + Fe?* (aq) 

19.13 Which of the following reagents can oxidize H,0 to 
O.(g) under — standard-state conditions? H* (aq), 
Cl"(aq), Clo(g), Cu?* (ag), Pb?*(aq), MnOx(aq) (in 
acid) 

19.14 Predict whether a spontaneous reaction will occur (a) 
when a piece of silver wire is dipped in a ZnSO, solu- 
tion; (b) when iodine is added to a NaBr solution; (c) 
when a piece of zinc metal is dipped in a NiSO, solu- 
tion; (d) when chlorine gas is bubbled through a KI so- 
lution. Assume all species to be in their standard states. 

19.15 For each of the following redox reactions (i) write the 
half-reactions; (ii) write a balanced equation for the 
whole reaction; (iii) determine in which direction the 
reaction will proceed Spontaneously under standard- 
state conditions. 

(a) H2(g) + Ni?*(ag) —> H*(aq) + Ni(s) 
(b) Ni?*(aq) + Cd(s) —s Ni(s) + Cd?* (aq) 
(c) MnO, (aq) + Cl (aq) —> 
Mn**(aq) + Clo(g) (in acid solution) 
(d) Ce**(aq) + H*(aq) —s Ce**(aq) + Hy(g) 
(e) Cr(s) + Zn?* (aq) —s Cr+ (ag) + Zn(s) 

9.16 Consider the half-cell reactions involving the following 
oxidized and reduced forms of a number of elements: 
Sn?*(aq) and Sn(s); Cl(g) and Cl (aq); Ca?* (aq) and 
Ca(s); Fe?*(ag) and Fe(s); Ag*(ag) and Ag(s). (a) Of 
the species listed, which is the strongest oxidizing agent 
under standard-state conditions? (b) Which is the 
strongest reducing as under standard-state- condi- 
tions? (c) What are the standard cell potential and the 


overall spontaneous cell reaction for the galvanic cell 
constructed from the Ag(s), Ag*(aq) and the Fe(s), 
Fe?* (aq) half-cells? (d) Draw a diagram of this cell as 
you would construct it in order to measure its potential, 
and indicate the direction of electron flow 

19.17 Consider the following half-reactions: 


MnO, (aq) + 8H* (aq) + Se~ ——> 
Mn?" (aq) + 4H,0(?) 


NO; (aq) + 4H* (aq) + 3e~ —+ NO(g) + 2H0(1) 


Predict whether NO3 ions will oxidize Mn2* to MnO; 
under standard-state conditions. 

19.18 Which species in each pair is a better oxidizing agent 
under standard-state conditions? (a) Br) or Au**, (b)H, 
or Ag*, (c) Cd?* or Cr>*, (d) Op in acidic media or Op 
in basic media 

19.19 Which species in each pair is a better red) cing agent 
under standard-state conditions? (a) Na or Li. (b) H, or 
I, (c) Fe** or Ag, (d) Br~ or Co2* 


RELATIONSHIP AMONG €°, AG?, ANI) 
REVIEW QUESTION 


19.20 Write the equations relating AG? and K to the standard 
emf of a cell. Define all the terms. 


PROBLEMS 


19.21 Use the standard reduction potentials to find the equilib- 
rium constant for each of the following reactions at 
25°C: 

(a) Bro(/) + 21 (aq) 2Br (aq) + I5(s) 
(b) 2Ce** (aq) + 2Cl-(aq) —= Cl(g) + 2Ce?* (aq) 
(c) SFe**(ag) + MnO; (aq) + 8H* (aq) == 
Mn?* (aq) + 4H,0 + 5Fe3*(aq) 
19.22 The equilibrium constant for the reaction 


Sr(s) + Mg?*(aq) —= Sr°*(aq) + Mg(s) 


is 2.69 X 101? at 25°C. Calculate €° for a cell made up 
of the St/Sr>* and Mg/Mg?* half-cells. 

19.23 Calculate AG° and K.. for the following reactions at 
25°C; 
(a) Mg(s) + Pb?*(aq) —= Mg?*(aq) + Pb(s) 
(b) Br5(/) + 21 (aq) == 2Br (aq) + L(s) 
(c) Ox(g) + 4H* (aq) + 4Fe?* (aq) ——= 

2H,O(/) + 4Fe** (aq) 

(d) 2Al(s) + 31,(s) —+ 2A1** (aq) + 61 (aq) 

19.24 What is the equilibrium constant for the following reac- 
tion at 25°C? 


Mg(s) + Zn?* (aq) —— Mg?* (aq) + Zn(s) 


19.25 What spontaneous reaction will occur in aqueous solu- 
tion, under standard-state conditions, among the ions 
Ce**, Ce**, Fe?+, and Fe?*? Calculate AG? and K, for 
the reaction. 


19.26 Given that €° = 0.52 V for the reduction Cu* (aq) + 
oe —> Cu(s), calculate €°, AG°, and K for the fol- 
lowing reaction at 25°C: 


u*(aq) —> Cu?*(aq) + Cu(s) 


THE NERNS' UATION 

REVIEW QUESTION 

19.27 What is the Nernst equation? Write the Nernst equation 
for the following processes at some temperature T K: 
(a) Mg(s) + Sn?*(aqg) —> Mg?*(aq) + Sn(s) 
(b) 2Cr(s) + 3Pb?*(aq) —> 2Cr**(aq) + 3Pb(s) 


Explain al! terms. 
PROBLEMS 


19.28 What is the potential of a cell made up of Zn/Zn>* and 


CwCu2* palf-cells at 25°C if [Zn?*] = 0.25 M and 
[Cu?*] = 0.15 M? 

19.29 Calculate the standard potential of the cell consisting of 
the Zn/Zn°* half-cell and the SHE. What will be the 


emf of the cell if [Zn?*] = 0.45 M, Pu, = 2.0 atm, and 
{H*] = 1.8 M? 
19.30 What is the emf of a cell consisting of a Pb/Pb** half- 


cell and « PUH./H* half-cell if [Pb’*] = 0.10 M, 
(H*] = 0.050 M, and Py, = 1.0 atm? 

19.31 Calculate @°, €, and AG from the following cell reac- 
tions. 


(a) Mg(s) + Sn?*(aqg) —> Mg?*(aq) + Sn(s) 
[Mg?*] = 0.045 M, [Sn?*] = 0.035 M 
(b) 3Zn(s) + 2Cr°*(aqg) —> 3Zn?*(aq) + 2Cr(s) 
[Cr3*] = 0.010 M, [Zn?*] = 0.0085 M 
19.32 Referring to Figure 19.1 calculate the [Cu?*V/[Zn?*] 
ratio at which the following reaction will become spon- 
taneous at 25°C: 


Cu(s) + Zn?*(aq) —> Cu?*(ag) + Zn) 
19.33 Calculate the emf of the following concentration cell: 


Mg(s)|Mg?* (ag, 0.24 M)|KCI(sat’d)|Mg?*(aq, 0.53 M)|Mg(s) 


BATTERIES AND FUEL CELLS 
REVIEW QUESTIONS 


19.34 Explain clearly the differences between a primary gal- 
vanic cell—one that is not rechargeable—and a storage 
cell (for example, the lead storage battery), which is 
rechargeable. 

19.35 Discuss the advantages and disadvantages of fuel cells 
over conventional power plants in producing electricity. 

19.36 What are the advantages of the aluminum-air battery 
over a fuel cell using only gases, such as the hydrogen— 
oxygen fuel cell? 
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PROBLEMS 


19.37 The hydrogen—oxygen fuel cell is described in Section 
19.6. (a) What volume of H2(g), stored at 25°C ata 
pressure of 155 atm, would be needed to run an electric 
motor drawing a current of 8.5 amperes for 3.0 h? (b) 
What volume (L) of air at 25°C and 1.00 atm will have 
to pass into the cell per minute to run the motor? As- 
sume that air is 20 percent O, by volume, and that all 
the O, is consumed in the cell. The other components of 
air do not affect the fuel-cell reactions. Assume ideal 
gas behavior. 

19.38 Calculate the standard emf of the propane fuel cell dis- 
cussed on p. 781 at 25°C, given that AGf for propane is 
—23.5 kJ/mol. 


CORROSION 
REVIEW QUESTIONS 


19.39 Steel hardware, including nuts and bolts, is often coated 
with a thin cadmium plating. Explain the function of the 
cadmium layer. 

19.40 ‘Galvanized iron’’ is steel sheet coated with zinc; 
“tin”? cans are made of steel sheet coated with tin. Dis- 
cuss the functions of these coatings and the electro- 
chemistry of the corrosion reactions that occur if an 
electrolyte contacts the scratched surface of a galva- 
nized iron sheet or a tin can. 

19.41 Tarnished silver contains AgS. The tarnish can be re- 
moved from silverware by placing the silver in an alu- 
minum pan containing an inert electrolyte solution, such 
as NaCl. Explain the electrochemical principle for this 
procedure. (The standard reduction potential for the 
half-cell reaction 


AgyS(s) + 2e7 —> 2Ag(s) + S?-(aq) 


is —0.71 V.) 
19.42 How does the tendency of iron to rust depend on the pH 
of solution? 


ELECTROLYSIS 
REVIEW QUESTIONS 


19.43 What is the difference between an electrochemical cell 
(such as a galvanic cell) and an electrolytic cell? 

19.44 What is Faraday’s contribution to quantitative electroly- 
sis? 


PROBLEMS 
19.45 The half-reaction at an electrode is 
Mg?* (molten) + 2e°§ —> Mais) 


Calculate the number of grams of magnesium that can 
be produced by passing 1.00 faraday through the elec- 
trode. 
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19.46 Consider the electrolysis of molten calcium chloride, 
CaCl). (a) Write the electrode reactions. (b) How many 
grams of calcium metal can be produced by passing 
0.50 A for 30 min? 

19.47 In the electrolysis of water one of the half-reactions is 


2H,0(1) —> O.(g) + 4H*(aq) + 4e7 


Suppose 0.076 L of O, is collected at 25°C and 
755 mmHg. How many faradays of electricity must 
have passed through the solution? 

19.48 Explain why different products are obtained in the elec- 
trolysis of molten ZnCl, and in the electrolysis of an 
aqueous solution of ZnCl. 

19.49 Considering only the cost of electricity, would it be 
cheaper to produce a ton of sodium or a ton of aluminum 
by electrolysis? 

19.50 How many faradays of electricity are required to pro- 
duce (a) 0.84 L of O, at exactly 1 atm and 25°C from 
aqueous H2SO4 solution; (b) 1.50L of Cl, at 
750 mmHg and 20°C from molten NaCl; (c) 6.0 g of Sn 
from molten SnCl,? 

19.51 Calculate the amounts of Cu and Bry produced at inert 
electrodes by passing a current of 4.50 A through a so- 
lution of CuBr for 1.0 h. 

19.52 In the electrolysis of an aqueous AgNO3 solution, 
0.67 g of Ag is deposited after a certain period of time. 
(a) Write the half-reaction for the reduction of Ag*. (b) 
What is the probable oxidation half-reaction? (c) Calcu- 
late the quantity of electricity used, in coulombs. 

19.53 A steady current was passed through molten CoSQ, 
until 2.35 g of metallic cobalt was produced. Calculate 
the number of coulombs of electricity used. 

19.54 A constant electric current flows for 3.75 h through two 
electrolytic cells connected in series. One contains a 
solution of AgNO; and the second a solution of CuCl). 
During this time 2.00 g of silver are deposited in the 
first cell. (a) How many grams of copper are deposited 
in the second cell? (b) What is the current flowing, in 
amperes? 

19.55 What is the hourly production rate of chlorine gas (in 
kg) from an electrolytic cell using aqueous NaC] elec- 
trolyte and carrying a current of 1.500 x 103 amperes? 
The anode efficiency for the oxidation of Cl is 93.0 
percent. 

[9.56 Chromium plating is applied by electrolysis to objects 
suspended in a dichromate solution, according to the 
following (unbalanced) half-reaction: 


Cr,07" (aq) + e~ + H*(aqg) —> Cr(s) + H,0(/) 


How long (in hours) would it take to apply a chromium 
plating of thickness 1.0 x 10~? mm to a car bumper of 
surface area 0.25 m? in an electrolysis cell carrying a 
current of 25.0 amperes? (The density of chromium is 
7.19 g/cm.) 


19.57 The passage of a current of 0.750 A for 25.0 min de- 
posited 0.369 g of copper from a CuSO, si‘ution. From 


this information, calculate the molar mess of copper. 
19.58 A quantity of 0.300 g of copper was deposited from a 
CuSO, solution by passing a current 3.00 A for 


304 s. Calculate the value of the faraday ~onstant. 


19.59 In a certain electrolysis experiment, 1.44 © of Ag were 
deposited in one cell (containing an ag. ous AgNO, 
solution), while 0.120 g of an unknown “etal X was 
deposited in another cell (containing ar cous XCl, 
solution) in series. Calculate the molar mass of X, given 


that the ion derived from X bears a +3 rge. 


19.60 If the cost of electricity to produce magi ium by the 
electrolysis of molten magnesium chloride is $155 per 
ton of metal, what is the cost (in dollars) ctricity to 
produce (a) 10.0 tons of aluminum, (b 0 tons of 
sodium, (c) 50.0 tons of calcium? 

19.61 In the electrolysis of water one of the hal’ “cactions is 

4H* (aq) + 4e~ —» 2Ho(¢ 
Suppose 0.845 L of H is collected 25°C and 
782 mmHg. How many faradays of ek city must 
have passed through the solution? 

19.62 A current of 6.00 A passes for 3.40 h throw <h an elec- 
trolytic cell containing dilute sulfuric acid. ‘/ the vol- 
ume of O, gas generated at the anode 26 L (at 
STP), calculate the charge (in coulombs) o electron. 


MISCELLANEOUS PROBLEMS 
19.63 Complete the following table. 


AG | Cell Reaction 


State whether the cell reaction is spontaneous, nonspon- 
taneous, or at equilibrium. 

19.64 Distinguish between processes carried out in an electro- 
lytic cell and those carried out in a galvanic cell. 

19.65 Most useful galvanic cells give voltages of no more than 
1.5 to 2.5 V. Explain why this is so. What are the pros- 
pects for developing practical galvanic cells with volt- 
ages of 5 V or more? 

19.66 Consider the cell composed of the SHE and a half-cell 
using the reaction Ag*(aq) + e~ ——> Ag(s). (a) Cal- 
culate the standard cell potential. (b) What is the sponta- 
neous cell reaction under standard-state conditions? (c) 
Calculate the cell potential when [H*] in the hydrogen 
electrode is changed to (i) 1.0 x 10-2 M, and (ii) 
1.0 x 1075 M, all other reagents being held at standard- 


\ 


19.67 


19,68 


19.69 


19.70 


19.71 


19.72 


19,73 


state condi’ ns. (d) Based on this cell arrangement, 
suggest a design for a pH meter. 
From the fe ‘owing information, calculate the solubility 
product of ar 
AgBr(s) —> Ag(s) + Br (aq) 

€° = 0.07 V 
Ag* (aq) —— Ag(s) 

€° = 0.80 V 
A silver yoo end a SHE are dipped into a saturated aque- 
ous solut silver oxalate, AgzC,04, at 25°C. The 
measurec tial difference between the rod and the 
SHE is 0 V, the rod being positive. Calculate the 
solubility »roduct constant for silver oxalate. 
A galvani consists of a silver electrode in contact 
with 346 {0.100 M AgNO; solution and a magne- 
sium ele: e in contact with 288 mL of 0.100 M 
Mg(NO, lution. (a) Calculate © for the cell at 25°C. 
(b) A cur s drawn from the cell until 1.20 g of silver 
has bee: sited at the silver electrode. Calculate € 
for the « this stage of operation. 
Use dat: able 19.1 to explain why nitric acid oxi- 
dizes Cu u’* but hydrochloric acid does not. 
Consid¢ \vanic cell for which the anode reaction is 

) — > Pb(s)?*(aq, 0.10 M) + 2e7 
and the ode reaction is 
VO** (ax, 0.10 M) + 2H*(aq, 0.10 M) + e&° —> 
v3*(aq, 1.0 X 10-° M) + H20(/) 

At 25°C tlic measured emf of the cell is 0.67 V. Calcu- 
late (a) the standard reduction potential for the vo?*/ 
V** couple; (b) the equilibrium constant for the reaction 


Pb(s) + 2VO?*(aq) + 4H* (aq) == 
Pb?* (ag) + 2V**(aq) + 220) 


Explain why chlorine gas can be prepared by electrolyz- 
ing an aqueous solution of NaCl but fluorine gas cannot 
be prepared by electrolyzing an aqueous solution of 
NaF, 

Suppose you are asked to verify experimentally the 
electrode reactions shown in Example 19.9. In addition 
to the apparatus and the solution, you are also given two 
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pieces of litmus paper, one blue and the other red. De- 
scribe what steps you would take in this experiment. 


19.74 Calculate the emf of the following concentration cell at 


19.75 


19.76 


19.77 


19.78 


19.79 


257C: 


Cu(s)|Cu?* (aq, 0.080 M)|KCI(sat’ d)| 
Cu?*(aq, 1.2 M)|Cu(s) 


The cathode reaction in the Leclanché cell is given by 
2MnO,(s) + Zn?* + 2e~ —> ZnMn20O,(s) 


If a Leclanché cell produces a current of 0.0050 A, cal- 
culate how many hours this current supply can last if 
there is initially 4.0 g of MnO, present in the cell. As- 
sume that there is an excess of Zn?* ions. 

For a number of years it was not clear whether mercury 
ions existed in solution as Hg* or as Hg3*. To distin- 
guish between these two possibilities, we could set up 
the following system: 


Hg(J)|soln A|KCI(sat’d)|soln BJHg(/) 


where soln A contained 0.263 g HgNOs per liter and 
soln B contained 2.63 g HgNO; per liter. If the meas- 
ured emf of such a cell is 0.0289 V at 18°C, what can 
you deduce about the nature of the mercury ions? 

An aqueous KI solution to which a few drops of phenol- 
phthalein have been added is electrolyzed using an ap- 
paratus similar to that shown in Figure 19.18. Describe 
what you would observe at the anode and the cathode. 
(Hint: Molecular iodine is only slightly soluble in water, 
but in the presence of I~ ions, it forms the brown color 
of Ij ions according to the equation: IT + I, —> ];.) 
A piece of magnesium metal weighing 1.56 g is placed 
in 100.0 mL of 0.100 M AgNO; at 25°C. Calculate 
[Mg?*] and [Ag*] in solution at equilibrium. What is 
the mass of the magnesium left? Assume that the vol- 
ume remains constant. 

An acidified solution was electrolyzed using copper 
electrodes. After passing a constant current of 1.18 A 
for 1.52 x 10° s, the anode was found to have lost 
0.584 g. (a) What is the gas produced at the cathode and 
what is its volume at STP? (b) Given that the charge of 
an electron is 1.6022 x 107° C, calculate Avogadro’s 
number. Assume that copper is oxidized to Cu?* ions. 
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Metallurgy and the 


Chemistry of Metals 


\loO. + 2H.0) is a major source of aluminum. 


OCCURRENCE OF METALS 


METALLURGICAL PROCESSES 
Preparation of the Ore / Production of 
Metals / The Metallurgy of Iron / Steelmaking / 
Purification of Metals 

BONDING IN METALS AND 
SEMICONDUCTING ELEMENTS 
Conductors / Semiconductors 
PERIODIC TRENDS IN METALLIC 
PROPERTIES 

THE ALKALI METALS 

Lithium / Sodium and Potassium 


These ores of bauxite (of different composition) are from various parts of the 


20.6 


THE ALKALINE EARTH METALS 
Beryllium / Magnesium / Calcium / Strontium 
and Barium 


ALUMINUM 
CHEMISTRY IN ACTION / RECYCLING 
ALUMINUM 


TIN AND LEAD 

Tin / Lead 

CHEMISTRY IN ACTION / THE TOXICITY OF 
LEAD 


ZINC, CADMIUM, AND MERCURY 
Zinc and Cadmium / Mercury 
CHEMISTRY IN ACTION / MAD AS A HATTER 
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p to this point we have concentrated mainly on fundamental principles: theories of 

chemical bonding, intermolecular forces, rates and mechanisms of chemical reas‘ions, 

equilibrium, the laws of thermodynamics, and electrochemistry. Familiarity with ‘hese 
topics is necessary for an understanding of the properties of the elements and their c.:n- 


pounds. 

We have seen that elements can be classified as metals, nonmetals, or metalloids. |» this 
chapter we will study the methods for extracting, refining, and purifying metals and i): 
properties of metals that belong to the representative elements. We will emphasize (1) ihe 


occurrence and preparation of metals, (2) the physical and chemical properties of soie of 
their compounds, and (3) their uses in modern society and their roles in biological systems. 


ra 


20.1 Occurrence of Metals 


Most metals occur in nature in a chemically combined state as minerals. A. »vineral is 
a naturally occurring substance with a characteristic range of chemical coy sosition. A 
mineral deposit concentrated enough to allow economical recovery of a desired metal 
is known as ore. Table 20.1 lists the principal types of minerals, and Figure 70). | shows 
a classification of metals according to their minerals. In addition to the mincrals found 
in Earth’s crust, seawater is a rich source of some metal ions, such as Mg?* and Ca?*. 
Furthermore, vast areas of the ocean floor are covered with manganese nocii!es, which 
are made up mostly of manganese, along with iron, nickel, copper, and cobalt (Figure 
20.2). 


TABLE 20.1 Principal Types of Minerals 


Type 


Native metals 
Carbonates 


Chromate 
Halides 
Hydroxides 
Oxides 


Phosphates 
Silicates 
Sulfides 


Sulfates 


2 


Minerals 


Ag, Au, Bi, Cu, Pd, Pt 

BaCO3 (witherite), CaCO; (calcite, limestone), MgCO; (magnesite), 
CaCO; .MgCO; (dolomite), PbCO3 (cerussite), ZnCO; (smithsonite) 

PbCrO, (crocoite) 

CaF, (fluorite), NaCl (halite), KCl (sylvite), Na3AIF¢ (cryolite) 

Mg(OH)> (brucite), Mg3(SisO19)(OH), (talc) 

Al,03 + 2H20 (bauxite), Al,O; (corundum), Fe,0; (hematite), Fe;O4 
(magnetite), CuO (cuprite), MnO, (pyrolusite), SnO, (cassiterite), 
TiO) (rutile), ZnO (zincite) 

Ca3(PO4)2, Cas(PO,4)30H (hydroxyapatite) 

Be3Al,SigOj (beryl), ZrSiO, (zircon), NaAISi;Og (albite) 

Ag)S (argentite), CdS (greenockite), CusS (chalcocite), FeS, (pyrite), 
HgS (cinnabar), PbS (galena), ZnS (sphalerite) 

BaSO, (barite), CaSO, (anhydrite), PbSO, (anglesite), SrSO, (celestite), 
MgSO, : 7H20 (epsomite) 


20.1 OCCURRENCE OF METALS 803 


Sulfides Uncombined 
8A 


Other compounds; 


Chlorides 
secre D oon 3A 4A SA 6A. 7A 


Oxides 


FIGURE 20.1 1 of the best-known minerals of the metals. The lithium-containing metal is spodumene (LiAISiz0¢), the beryl- 
lium-containing eral is beryl (see Table 20.1). The minerals containing the rest of the alkaline earth metals are the carbonates 


and sulfates. 7) inerals for Sc, Y, and La are the phosphates. Some metals have more than one type of important mineral. For 
example, in ad to the sulfide, iron is found as the oxides hematite (Fe203) and magnetite (Fe304); and aluminum, in addition to 
the oxide, is fi in beryl (Be3AlpSizO 1). Technetium (Tc) is a synthetic element. 


FIGURE 20.2 Manganese nodules on the ocean floor. 
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20.2 Metallurgical Processes 


Metallurgy is the science and technology of separating metals from their ores and of 
compounding alloys. (An alloy is a solid solution composed of two or move metals, or 
of a metal or metals with one or more nonmetals.) The three principa) steps in the 
recovery of a metal from its ore are (1) preparation of the ore, (2) production of the 
metal, and (3) purification of the metal. 


Preparation of the Ore 


In the preliminary treatment of an ore, the desired mineral is separated from waste 
materials—usually clay and silicate minerals—which are collectively called the 
gangue. One very useful method for carrying out such a separation is called flotation. 
In this process the ore is finely ground and added to water containing oil and detergent. 
The liquid mixture is then beaten or blown to form a froth. The oil preferentially wets 
the mineral particles, which are then carried to the top in the froth, while the gangue 
settles to the bottom. The froth is skimmed off, allowed to collapse, and dried to 
recover the mineral particles. 

Another physical separation process makes use of the magnetic properties of certain 
minerals. The mineral magnetite (Fe;04), in particular, can be separ: from the 
gangue by using a strong electromagnet. Substances like iron and cobalt that are 
strongly attracted to magnets are called ferromagnetic. 

Mercury forms amalgams with a number of metals. (An amalgam is an alloy of 
mercury with another metal or metals.) It can therefore be used to extract metal from 
ore. Mercury dissolves the silver and gold in an ore to form a liquid amalgam, which is 
easily separated from the remaining ore. The gold or silver is then recovered by distill- 
ing off the mercury. 


Production of Metals 


Because metals in their combined forms always have positive oxidation numbers, the 
production of a free metal is always a reduction process. Preliminary operations may 
be necessary to convert the ore to a chemical state more suitable for reduction. For 
example, an ore may be roasted to drive off volatile impurities and at the same time to 
convert the carbonates and sulfides to the corresponding oxides, which can be reduced 
more conveniently to yield the pure metals; 


CaCO3(s) 45 Ca0(s) + CO.(g) 


2PbS(s) + 302(g) +. 2PO(s) + 250,(g) 


This last equation points up the fact that the conversion of sulfides to oxides is a major 
source of sulfur dioxide, a notorious air pollutant (p. 637). The development in recent 
years of processes for converting this by-product to sulfuric acid instead of releasing it 
into the air has helped to reduce SO emissions in some parts of the country. 

How a pure metal is obtained by reduction from its combined form depends on the 
standard reduction potential of the metal (see Table 19.1). Table 20.2 outlines the 
reduction processes for several metals. Currently the major metallurgical processes are 
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TABLE 20.2 Reduction Processes for Some Common Metals 
EE 


Metal Reduction Process 
a sf. 
2 | Lithium, sodium, magnesium, calcium Electrolytic reduction of the molten chloride 
3 Aluminum Electrolytic reduction of anhydrous oxide (in molten cryolite) 
By Chromium, manganese, titanium, vanadium, — Reduction of the metal oxide with a more electropositive metal, or 
Fe 4 iron, zin¢ reduction with coke and carbon monoxide 
2 2 | Mercury, silver platinum, copper, gold These metals occur in the free (uncombined) state or can be obtained by 
As roasting their sulfides 
aT el 
carried out at high cemperatures in a procedure known as pyrometallurgy. The reduc- 
tion in these procedures may be accomplished either chemically or electrolytically. 


Chemical Reduction. Theoretically we can use a more electropositive metal as a A more electropositive metal 
has a more negative standard 


reducing agent {0 separate a less electropositive metal from its compound at high — yeduction potential (see Table 
temperatures: 19.1). 
V20(s) + SCa(l) —> 2V(I) + SCaO(s) 
TiCly(g) + 2Mg(l) —> Ti(s) + 2MgCla(/) 
CrsO3(s) + 2AKs) —> 2Cr(/) + Al,03(5) 
3Mn3O,(s) + 8Al(s) —> 9Mn(l) + 4A1,03(s) 


In some cases «ven molecular hydrogen can be used as a reducing agent, as in the 
preparation of tungsten (for making filaments in light bulbs) from tungsten(VI) oxide: 


WO;(s) + 3H2(g) —> W(s) + 3H20(g) 


Electrolytic Reduction. Electrolytic reduction is suitable for very electropositive 
metals, such as sodium, magnesium, and aluminum. The process is usually carried out 
on the anhydrous molten oxide or halide of the metal: 


2MO(l) ——> 2M (at cathode) + O» (at anode) 
2MC\(1) ——> 2M (at cathode) + Cl, (at anode) 


We will describe the specific procedures later in this chapter. 


The Metallurgy of Iron 


Iton exists in Earth’s crust in many different minerals, such as iron pyrite (FeS), 
siderite (FeCO;), hematite (FesO3), and magnetite (Fe;04, often represented as 
FeO ‘Fe,0;). Of these, hematite and magnetite are particularly suitable for the extrac- 
tion of iron. The metallurgical processing of iron involves the chemical reduction of 
the minerals by carbon (in the form of coke) in a blast furnace (Figure 20.3). The 
Concentrated iron ore, limestone (CaCOs), and coke are introduced into the furnace 
from the top. A blast of preheated air is forced up the furnace from the bottom—hence 
the name blast furnace, The oxygen gas reacts with the carbon in the coke to form 
Mostly carbon monoxide and some carbon dioxide. These reactions are highly exother- 


Use of FeS, leads to SO, 
production and acid rain. 
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Compounds such as CaCO, 
which are used to form a 
molten mixture with the 
impurities in the ore for easy 
removal are called flux. 
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Charge (ore, 
limestone, coke) 


CO, CO; 
~*~ 200°C 


3Fe203 + CO > 2Fe30, + 
CaCO; + CaO + CO 
Fe304 + CO > 3FeO + CO 


3s ° 

5 I, — 700°C 

S ic 

% g C+ CO, +2C0 

g & FeO + CO> Fe + CO; 
3 i} 

si a 

5 — 1200°¢ = 


Iron melts 

Molten slag forms 

- 1500°C, ————__________.... 
2C +0,>CO 


Molten iron 


FIGURE 20.3 A blast furnace. Iron ore, limestone, and coke are introduced at the top of the 
furnace. Iron is obtained from the ore by reduction with carbon, 


mic, and, as the hot CO and CO) gases rise, they react with the iron oxides in different 
temperature zones as shown in Figure 20.3. The key steps in the extraction of iron are 


3Fe203(s) + CO(g) —> 2Fe30,4(s) + CO3(g) 
Fe3O4(s) + CO(g) —> 3FeO(s) + CO.(g) 
FeO(s) + CO(g) —s Fe(/) + CO3(g) 
The limestone decomposes in the furnace as follows: 
CaCO3(s) —> CaO(s) + CO,(g) 


The calcium oxide then reacts with the impurities in the iron, which are mostly sand 
(SiO3) and aluminum oxide (AI,O3): 


CaO(s) + SiO,(s) — CaSiO;(/) 
CaO(s) + AlO3(s) —s Ca(AIO3),(1) 


The mixture of calcium silicate and calcium aluminate that remains molten at the 
furnace temperature is known as slag. 


By the time th 
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iron is granulai 
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‘e works its way down to the bottom of the furnace, most of it has 
-| to iron. The temperature of the lower part of the furnace is above 
impure iron, and so the molten iron at the lower level can be run 
he slag, because it is less dense, forms the top layer above the 
be run off at that level, as shown in Figure 20.3. 
. this way contains many impurities and is called pig iron; it may 
nt carbon and some silicon, phosphorus, manganese, and sulfur. 
ties stem from the silicate and phosphate minerals (for example, 
and phosphorus), while carbon and sulfur come from coke. Pig 
brittle. It has a relatively low melting point (about 1180°C), so it 
, reason it is also called cast iron. 


- is one of the most important metal industries. In the United States, 
‘tion of steel is well above 100 million tons. Steel is an iron alloy 
).03 to 1.4 percent carbon plus various amounts of other elements. 
useful mechanical properties associated with steel is primarily a 
al composition and heat treatment of a particular type of steel. 
duction of iron is basically a reduction process (converting iron 
iron), the conversion of iron to steel is essentially an oxidation 
\¢ unwanted impurities are removed from the iron by reaction with 
s¢ several methods used in steelmaking is the basic oxygen process. 
© of operation and the relatively short time (about 20 minutes) re- 


«ge-scale (hundreds of tons) conversion, the basic oxygen process is 


mmon means of producing steel today. 
ows the basic oxygen process. Molten iron from the blast furnace 
previous section) is poured into a cylindrical vessel positioned origi- 


Ns 
CaO or 


Vertical position Horizontal position 


FIGURE 20.4 Arrangement for steelmaking. The capacity of a typica 
Cast iron, 


1 vessel is 100 tons of 
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nally in the vertical position. Pressurized oxygen gas is then introduced via a water- 
cooled tube above the molten metal. Under these conditions, manganese, phosphorus, 
and silicon, as well as the excess carbon, react with oxygen to form the oxides. These 
oxides are then reacted with the appropriate fluxes (for example, CaO oy SiO>) to form 
slag. The type of flux chosen depends on the composition of the iron. If the main 
impurities are silicon and phosphorus, a basic flux such as CaO is added to the iron: 


Si02(s) + CaO(s) —> CaSiO;(/) 
P4Oj0(/) + 6CaO(s) — > 2Ca3(PO,)2(/) 


On the other hand, if manganese is the main impurity, then an acidic flux such as SiO, 
is needed to form the slag: 


MnO(s) + SiO.(s) ——> MnSiO;(/) 


The molten steel is sampled at intervals. When the desired blend of carbon and other 
impurities has been reached, the vessel is rotated into a horizontal position so that the 
molten steel can be tapped off (Figure 20.5). 

The properties of steel depend not only on its chemical composition but also on the 
heat treatment. At high temperatures, iron and carbon in steel combine to form iron 
carbide, Fe3C, called cementite: 


3Fe(s) + C(s) == Fe3C(s) 


The forward reaction is endothermic so that the formation of cementite is favored at 


high temperatures. When steel containing cementite is cooled slowly, the above equi- 
librium shifts to the left and the carbon separates as small particles of graphite, which 
give the steel a gray color. (Very slow decomposition of cementite also takes place at 


FIGURE 20.5 Steelmaking. 
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TABLE 20.3. Types of Steel 
ee eee mn 
Composition (Percent by Mass)* 


Type eo Mn P 5 Si Ni Cr Others Uses 
eee eee ee ——_—_—_—ee 
Plain 13S 1.65 0.04 0.05 0.06 — — Cu (0.2-0.6) Sheet products, 

tools 
High- Construction 
strength 0.25 1.65 0.04 0.05 0.15-0.9 0.4-1.0 0.3-1.3 Cu (0.01-0.08) Steam turbines, 
Stainless 0.03-1.2 1.0-10 0.04-0.06 0.03 1-3 1-22 4.0-27 — kitchen utensils, 


razor blades 
eee a 


ndicates the maximum amount of the substance present. 


*A single number i 
eee — 


room temperature.) If the steel is cooled rapidly, equilibrium is not attained and the 
carbon remains largely in the form of cementite, FesC. Steel containing cementite is 
light in color, and it is harder and more brittle than that containing graphite. 

It is apparent, then, that the mechanical properties of steel can be altered by ‘“‘tem- 
pering,”’ that is, by heating the steel to some appropriate temperature for a short time 
and then cooling it rapidly. In this way, the ratio of carbon present as graphite and as 
cementite can be varied within rather wide limits. Table 20.3 shows the composition, 
properties, and uses of various types of steel. 


Purification of Metals 


Metals prepared by reduction usually need further treatment to remove various impuri- 
ties. The extent of purification, of course, depends on the use to be made of the metal. 
Below we describe three common purification procedures. 


Distillation. Metals that have low boiling points, such as mercury, magnesium, and 
_ Zinc, may be separated from other metals by fractional distillation. One well-known 
method of fractional distillation is the Mond? process for the purification of nickel. 
Carbon monoxide gas is passed over the impure nickel metal at about 70°C to form the 
Volatile tetracarbonylnickel (b.p. 43°C), a highly toxic substance, which is separated 
from the less volatile impurities by distillation: 


Ni(s) + 4CO(g) —> Ni(CO)a(8) 


Pure metallic nickel is then recovered from Ni(CO)4 by heating the gas at 200°C: 


Ni(CO),(g) > Ni(s) + 4C0() 


The carbon monoxide that is released is recycled back into the process. 


fLudwi ; F ‘oi d important contributions 
udwig Mond (1839-1909). British chemist of German origin. Mond made many po" 
0 industrial chemistry. His method for purifying nickel by converting it to the volatile Ni(CO), compound 


has been described as having given ‘‘wings’’ to the metal. 
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FIGURE 20.6 Electrolyticpur- 
ification of copper. 


The metal impurities separated 
from the copper anode are 
valuable by-products that can 
often pay for the electricity 
used. 
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~] Electrolysis. Electrolysis is another important purification technique 


The copper 


metal obtained by roasting copper sulfide usually contains a number of i: ‘purities such 


as zinc, iron, silver, and gold. The more electropositive metals are re 
electrolysis process in which the impure copper acts as the anode and pur 
as the cathode in a sulfuric acid solution containing Cu** ions (Figur 
reactions are 


Anode (oxidation): Cu(s) —> Cu?*(aq) + 2¢ 


Cathode (reduction): Cu**(aq) + 2e~ —> Cu(s) 


Iron and zinc, like the other more reactive metals in the copper anode, are 


at the anode and enter the solution as Fe2* and Zn2*. They are not 1 


cathode, however. The less electropositive metals, such as gold and ; 
oxidized at the anode. Eventually, as the copper anode dissolves, these 
the bottom of the cell. Thus, the net result of this electrolysis process is tli 
copper from the anode to the cathode. Copper prepared this way has a 
than 99.5 percent (Figure 20.7). 


Zone Refining. Another often-used method of obtaining extremely pu 


zone refining. In this process a metal rod containing a few impurities is d 


the molten metal. As the metal rod emerges from the heating coil, it cools 


FIGURE 20.7 Copper cathodes used in the electrorefining process. 
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metals is 


awn through 
an electrical heating coil that melts the metal (Figure 20.8). Most impurities 


dissolve in 


and the pure 
metal crystallizes, leaving the impurities in the molten metal portion that i 
heating coil. (This is analogous to the freezing of seawater, discussed 01 


still in the 
p. 484, in 
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FIGURE 20.8 ne-refining technique for purifying metals. Top to bottom: An impure metal 
rod is moved slo.» through a heating coil. As the metal rod moves forward, the impurities 
dissolve in the 1’ portion of the metal while pure metal crystallizes out in front of the molten 
zone. Eventually ¢..° end portion of the rod, which contains most of the impurities, is allowed to 
cool and is cut «‘ ‘rom the rest of the rod. 


which the solic ‘hat separates is mostly pure solvent—water. In zone refining the 
liquid metal acts as the solvent and the impurities as the solutes.) When the molten 
zone carrying (he impurities, now at increased concentration, reaches the end of the 
rod, it is allowed to cool and is then cut off. Repeating this procedure a number of 
times results in metal with a purity greater than 99.99 percent. 


20.3 Bonding in Metals and Semiconducting Elements 


Having briefly acquainted ourselves with the metallic state in Section 10.6, we can 
now take a closer look at metals, particularly with respect to bonding. Quantitative 
treatment of metallic bonding, which is beyond our needs here, requires a thorough 
knowledge of quantum mechanics. However, we can gain a qualitative understanding 
of the bonding in metals through a discussion of the band theory. We will also apply 
the band theory to a class of elements called the semiconducting elements. 


Conductors 
Metals are characterized by their high electrical conductivity. Consider, for example, 


Sodium metal. The electron configuration of Na is [Ne]3s', so each atom os one 
valence electron in the 3s orbital. In a metal the atoms are packed closely together, so 


811 


812 


20 / METALLURGY AND THE CHEMISTRY OF METALS 


Empty 3s states 


Filled 3s states 


Energy 
Energy 


} Filled 2s states 


ee rites aint 


Filled 1s states 


FIGURE 20.9 Formation of conduction band in sodium metal. (a) When sodium atoms are far 
apart, there is no interaction among the corresponding atomic orbitals (see left portion of the 
diagram where the atomic orbitals 1s, 2s, and so forth, retain their identities). When they are 
close to one another, as in the metal, the orbitals overlap to form bonding and antibonding 
molecular orbitals. Because of the very large number of atoms present, the molecular orbitals 
formed are closely spaced, giving rise to the bands. (b) Band structure in sodium metal. Note 
that the 1s, 2s, and 2p bands are filled with electrons, whereas the band formed by the overlap of 
3s orbitals is only half filled, since each sodium atom possesses only one 3s electron. 


the energy levels of each sodium atom are affected by the immediate neighbors of the 
atom as a result of orbital overlaps. In Chapter 9 we saw that the interaction between 
two atomic orbitals leads to the formation of a bonding and an antibonding molecular 
orbital. Since the number of atoms in even a small piece of sodium metal is enormously 
large (on the order of 10° atoms), the corresponding number of molecular orbitals 
formed is also very large. These molecular orbitals are so closely spaced on the energy 
scale that they are more appropriately described as forming a ‘‘band’’ (Figure 20.9). 
Even though each level can accommodate two electrons, there is only one electron to 
contribute in the case of the sodium atom. Thus, only the lower half of the energy 
levels (the bonding molecular orbitals) are filled. This set of closely spaced filled levels 
is called the valence band, as shown in Figure 20.10. The upper half of the energy 
levels corresponds to the empty antibonding molecular orbitals. This set of closely 
spaced empty levels is called the conduction band. 

We can imagine sodium metal as an array of positive ions immersed in a sea of 
delocalized valence electrons (see Figure 10.32). The great cohesive force resulting 
from the delocalization is partly responsible for the strength noted in most metals. 
Because the valence band and the conduction band are adjacent to each other, only @ 
negligible amount of energy is needed to promote a valence electron to the conductien 
band, where it is free to move through the entire metal, since the conduction band is 
largely void of electrons. This freedom of movement accounts for the fact that metals 
are capable of conducting electric current, that is, they are good conductors. 

Why don’t substances like plastics and glass conduct electricity, as metals do? 
Figure 20.10 provides an answer to this question. Basically, the electrical conductivity 
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FIGURE 20.10 Comparison of the energy gaps between valence band and conduction band in a metal, a semiconductor, and an 
insulator. In a metal the energy gap is virtually nonexistent; in a semiconductor the energy gap is small; and in an insulator the 
energy gap is very large, thus making the promotion of an electron from the valence band to the conduction band difficult. 


of a solid depends on the spacing and the state of occupancy of the energy bands. Many 
metals resemble sodium in that their valence bands are adjacent to their conduction 
bands and, therefore, these metals readily act as conductors. In an insulator the gap 
between the valence band and the conduction band is considerably greater than that in 
a metal; consequently, much more energy is needed to excite an electron into the 
conduction band. Lacking this energy, free motion of the electrons is not possible. 
Typical insulators are glass, wood, rubber, and plastics. 


Semiconductors 


A number of elements, especially Si and Ge in Group 4A, have properties that are 
intermediate between those of metals and nonmetals and are therefore called semicon- 
ducting elements. The energy gap between the filled and empty bands for these solids 
is much smaller than that for insulators (see Figure 20.10). If the energy needed to 
excite electrons from the valence band into the conduction band is provided, the solid 
becomes a conductor. Note that this behavior is opposite that of the metals. A metal’s 
ability to conduct electricity decreases with increasing temperature, because the en- 
hanced vibration of atoms at higher temperatures tends to disrupt the flow of electrons. 

The ability of a semiconductor to conduct electricity can also be enhanced by adding 
small amounts of certain impurities to the element (a process called doping). Let us 
Consider what happens when a trace amount of boron or phosphorus is added to solid 
Silicon. (In this doping, about five out of every million Si atoms are replaced by B or 
P atoms.) The structure of solid silicon is similar to that of diamond; each Si atom is 
covalently bonded to four Si atoms. Phosphorus ({Ne]3s73p°) has one more valence 
electron than silicon ({Ne]3s23p?), so there is a valence electron left over after four of 
them are used to form covalent bonds with silicon (Figure 20.11). This extra electron 
Can be removed from the phosphorus atom by applying a voltage across the solid. The 
free electron can then move through the structure and function as a conduction elec- 
‘ton. Impurities of this type are known as donor impurities, since they provide conduc- 
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(a) (b) 


FIGURE 20.11 (a) Silicon crystal doped with phosphorus. (b) Silicon crysia! doped with 
boron. Note the formation of a negative center in (a) and of a positive center in (b). 


tion electrons. Solids containing donor impurities are called n-type semiconductors, 
where n stands for negative (the charge of the ‘‘extra’’ electron). 
The opposite effect occurs if boron is added to silicon. A boron atom has three 


valence electrons (1s?2s?2p'), Thus, for every boron atom in the silicon crystal there is 
a single vacancy in a bonding orbital. It is possible to excite a valence electron froma 
nearby Si into this vacant orbital. A vacancy created at that Si atom can then be filled 


by an electron from a neighboring Si atom, and so on. In this manner, electrons can 
move through the crystal in one direction while the vacancies, or ‘‘positive holes,” 
move in the opposite direction, and the solid becomes an electrical conductor, Semi- 
conductors that contain acceptor impurities are called p-type semiconductors, where p 
stands for positive. Impurities that are electron deficient are called acceptor impuri- 
ties. 

In both the p-type and n-type semiconductors the energy gap between ‘he valence 
band and the conduction band is effectively reduced, so that only a smal! amount of 
energy is needed to excite the electrons. Typically, the conductivity of a semiconductor 
is increased by a factor of 100,000 or so by the presence of impurity atoms. 

The growth of the semiconductor industry since the early 1960s has been truly 
remarkable. Today semiconductors are essential components of nearly all electronic 
equipment, ranging from radio and television sets to pocket calculators and computer 
facilities. One of the main advantages of solid-state devices over vacuum tube electron- 
ics is that the former can be made on a single “chip’’ of silicon no larger than the cross 
section of a pencil eraser. In this manner, much more equipment can be packed into a 
small volume—a point of particular importance in space travel, as well as in hand-held 
calculators and microprocessors (computers-on-a-chip). 


20.4 Periodic Trends in Metallic Properties 


Before we study specific metals, let us look at the general properties of metallic ele- 
ments. Metals are lustrous in appearance, solid at room temperature (with the excep- 
tion of mercury), good conductors of heat and electricity, malleable (can be hammered 
flat), and ductile (can be drawn into wire). A 

Figure 20.12 shows the positions of the representative metals and the group 2B 
metals in the periodic table. (The transition metals are discussed in Chapter 22.) As we 
saw in Chapter 8, the electronegativity of elements increases from left to right across @ 
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— aes 

FIGURE 20.12 —epresentative metals and Group 2B metals according to their positions in the periodic table. 
period and fro: bottom to top in a group (see Figure 8.8). The metallic character of 

metals increas. \n just the opposite directions, that is, from right to left across a period 

and from top «© bottom in a group. Because metals generally have low electronegativi- 

ties, they tend ©» form cations and almost always have positive oxidation numbers in 

their compour However, metals that are early members in their groups and metals 

in Group 3A sod beyond also form covalent compounds. 


In the next {ive sections we will study the chemistry of the following metals: Group 
1A (the alkali metals), Group 2A (the alkaline earth metals), Group 3A (aluminum), 
Group 4A (tin and lead), and Group 2B (zinc, cadmium, and mercury). 


20.5 The Alkali Metals 


AS a group, the alkali metals (the Group 1A elements) are the most electropositive (or 
the least electronegative) elements known. They exhibit many similar properties. Table 
20.4 lists some common properties of the alkali metals. From their electron configura- 
tions we expect the oxidation number of these elements in their compounds to be +1 
Since the cations would be isoelectronic with the noble gases. This is indeed the case. 
The alkali metals have low melting points and are soft enough to be sliced with a 
knife (see Figure 7.19). These metals all possess a body-centered crystal structure (see 
Figure 10.31) with low packing efficiency. This accounts for their low densities. In 
fact, lithium is the lightest metal known. 
f Because of their great chemical reactivity, 
orm; they are found combined with halide, sulfate, 
Section we will describe the chemistry of the first three 
oe and potassium. The chemistry of rubidium an 
topes of francium, the last member of the group, are 


the alkali metals never occur in elemental 
carbonate, and silicate ions. In this 
members of Group 1A: lithium, 
d cesium is less important; all 
radioactive. 
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TABLE 20.4 Properties of Alkali Metals 


Li Na K Rb Cs 
a a ns ad —— 
Valence electron configuration 2s! 35! 4s! Ss 6s! 
Density (g/cm*) 0.534 0.97 0.86 1.53 1.87 
Melting point (°C) 179 97.6 63 39 28 
Boiling point (°C) 1317 892 770 688 678 
Atomic radius (pm) 155 190 235 248 267 
Ionic radius (pm)* 60 95 133 148 169 
Ionization energy (kJ/mol) 520 496 419 403 375 
Electronegativity 1.0 0.9 0.8 0.8 0.7 
Standard reduction potential (V)+ —3.05 =2.93 271 =2.93 —2.92 


*Refers to the cation M*, where M denotes an alkali metal atom. 
+The half-reaction is M*(aq) + e~ — > M(s). 


a = 
Lithium 


Earth’s crust is about 0.006 percent lithium by mass. The element is also present in 
seawater to the extent of about 0.1 ppm by mass. The most important lithium-contain- 
ing mineral is spodumene (LiAISi,0¢), shown in Figure 20.13. Lithium metal is ob- 
tained by the electrolysis of molten LiCl to which some inert salts have been added to 
lower the melting point to about 500°C. 

Like all alkali metals, lithium reacts with cold water to produce hydrogen gas: 


2Li(s) + 2H,O(/) —> 2LiOH(aq) + H2(g) 
But, as we mentioned in Chapter 7 (p. 288), the chemistry of the first member of a 
group differs in some ways from the rest of the members of the same group. The 
following examples illustrate the differences between lithium and the rest of the alkali 
metals: 
® On combustion, lithium forms the oxide (containing the O?~ ion): 
4Li(s) + Ox(g) —> 2Li,0(s) 


while sodium forms the peroxide (containing the O3~ ion) and potassium forms 
both the peroxide and the superoxide (containing the Oz ion). 


FIGURE 20.13 Spodumene (LiAISi206¢). 
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@ Lithium nitride is formed from the direct combination of the metal and molecular 
nitrogen. The nitrides of other alkali metals are formed more indirectly. 

@ Lithium carbonate and lithium phosphate are much less soluble than the carbon- 
ates and phosphates of other alkali metals. 


Like the other alkali metal oxides, LiO is basic (see Figure 15.5) and reacts with 
water to yield the corresponding hydroxide: 


Li,O(s) + H,O() —> 2LiOH(aq) 


When this is written as a net ionic equation, we see that this reaction is the hydrolysis 
of the oxide ion, which is a strong Brénsted—Lowry base: 


07> (aq) + H,O(l) —> 20H (aq) 


The ability of lithium hydroxide to react with carbon dioxide to form lithium car- 
bonate makes it a useful air purifier in space vehicles and submarines: 


2LiOH(aq) + CO2(g) —> Li,CO3(aq) + H,0(/) 


Lithium combines with molecular hydrogen at high temperatures to yield lithium hy- 
dride: 


2Li(s) + Hg) 42> 2LiH(s) 
Lithium hydride reacts readily with water as follows: 
2LiH(s) + 2H,O() —> 2LiOH(aq) + 2H2(g) 


This property makes LiH useful for drying organic solvents. Lithium aluminum hy- 
dride, LiAIH,, is a powerful reducing agent that has many uses in organic synthesis. It 
can be prepared by reacting lithium hydride with aluminum chloride: 


4LiH(s) + AICI,(s) —> LiAIH4(s) + 3LiCl(s) 


Lithium chloride and bromide are highly hygroscopic; that is, they have a great 
tendency to absorb water. For this reason, they are sometimes used in dehumidifiers 
and air conditioners. Certain lithium salts, particularly lithium carbonate, are valuable 


drugs in the treatment of manic-depressive patients. 


Sodium and Potassium 


Sodium and potassium are about equally abundant in nature. They occur in silicate 
Minerals such as albite (NaAISi3O) and orthoclase (KAISi3Og). Over long periods of 
time (on a geologic scale), silicate minerals are slowly decomposed by wind and rain, 
and their sodium and potassium ions are converted to more soluble compounds. Even- 
tually rain leaches these compounds out of the soil and carries them to the sea. Yet 
When we look at the composition of seawater, we find that the concentration ratio of 
Sodium to potassium is about 28 to 1. The reason for this uneven distribution is that 
Potassium is essential to plant growth, while sodium is not. Plants take up many of the 
Potassium ions along the way, while sodium ions are free to move on to the sea. Other 
Minerals that contain sodium or potassium are halite (NaCl), shown in Figure 20.14, 
Chile saltpeter (NaNO3), and sylvite (KCI). Sodium chloride is also obtained from 


Tock salt (see Figure 8.3). 
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NaOH and KOH react with CO, 
in a similar way. However, 
because LiOH is lighter, it is 
more suitable for space 
vehicles. 


The stability of alkali halides 
can be studied by the Born— 
Haber cycle (see Section 8.3). 


FIGURE 20.14 Halite (NaCl). 
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FIGURE 20.15 Electrolytic cell 
for the preparation of sodium 
from molten sodium hydroxide. 


Remember that Ca* is harder 
to reduce than Nat. 


Note that this is a chemical 
rather than electrolytic 
reduction. 
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Metallic sodium is most conveniently obtained from molten sodium chloride by 
electrolysis in the Downs cell (see Section 19.8). The melting point of sod:um chloride 
is rather high (801°C), and much energy is needed to keep large amounts of the 
substance molten. Adding a suitable substance, such as CaCly, lowers ‘he melting 
point to about 600°C—a more convenient temperature for the electro! \s process. 

Alternatively, sodium can be obtained by the electrolysis of molten so’ 1m hydrox- 
ide (Figure 20.15). The half-cell reactions are 

Anode (oxidation): 40H” —=> 2H,0(g) + Ox(g) + 4 
Cathode (reduction): 4Na* + 4e7 —> 4Na/(/) 
Overall: 4Na* + 40H” —> 4Na(l) + 2H,0(g) + © 


The design of the cell should be such that the steam liberated at the anode || not come 
in contact with sodium; otherwise, the following reaction would occu: 


2Na(/) + 2H,O(g) —> 2NaOH(/) + H2(g) 


The advantage of using sodium hydroxide is its lower melting point (318.4°C). 

Metallic potassium cannot be easily prepared by the electrolysis of molten KCI 
because it is too soluble in the molten KCI to float on top of the cell for collection. 
Moreover, it vaporizes readily at the operating temperatures, creating hazardous condi- 
tions. Instead, it is usually obtained by the distillation of molten KCI in the presence of 
sodium vapor at 892°C. The reaction that takes place at this temperature is 


Na(g) + KCI() == NaCl(/) + K(g) 


This reaction may seem strange because in Table 20.4 we have seen that potassium 1s 
a stronger reducing agent than sodium. However, potassium has a lower boiling point 
(770°C) than sodium (892°C), so it is more volatile at 892°C and distills off more 
easily. According to Le Chatelier’s principle, constant removal of potassium vapor 
shifts the above equilibrium from left to right, assuring recovery of metallic potassium. 
: Sodium and potassium are both extremely reactive, but potassium is the more reac- 
tive of the two. Both react with water to form the corresponding hydroxides. In 4 
limited supply of oxygen, sodium burns to form sodium oxide (Na,O). However, in 
the presence of excess oxygen, sodium forms the pale yellow peroxide: 


2Na(s) + Oo(g) —> Na20,(s) 
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Sodium peroxide reacts with water to give an alkaline solution and hydrogen peroxide: 
Na,O,(s) + 2H,O0(/) —> 2NaOH(aq) + H202(aq) 
Like sodium, .ssium forms the peroxide. In addition, potassium also forms the 
superoxide w! burns in air: 
K(s) + Ox(g) —> KO2(s) 
When potassium superoxide reacts with water, oxygen gas is evolved: 
KO.(s) + 2H,O() —> 2KOH(aq) + 0.(g) + H202(aq) 

This reaction is utilized in breathing equipment (Figure 20.16). Exhaled air contains 
both moisture and carbon dioxide. The moisture reacts with KO, in the apparatus to 
generate oxygen gas as shown above. Furthermore, KO, also reacts with the CO in the 
exhaled air, which produces more oxygen gas: 


4KOx(s) + 2CO2(g) —> 2K2CO3(s) + 302(g) 


In this manner, a user can continue to breathe in oxygen generated internally in the 


apparatus without being exposed to the toxic fumes outside. ‘ A A 
Potassium oxide can be prepared by reacting metallic potassium with potassium 
Nitrate at high temperatures: 


10K(1) + 2KNO3(s) > 6K20(s) + No(s) 


Sodium and potassium metals dissolve in liquid ammonia to produce a beautiful 


blue solution: 
Na =4siNa" Ae" 
eee es 


Both the cation and the electron exist in the solvated form; the solvated electrons are 
fesponsible for the characteristic blue color of such solutions. Metal—-ammontia solu- 
tions are powerful reducing agents (because they contain free electrons); they are 
Useful in synthesizing both organic and inorganic compounds. It was discovered re- 
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FIGURE 20.16 Self-contained 
breathing apparatus. 
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FIGURE 20.17 Crystals of a 
salt composed of sodium anions 
and a complex of sodium cations. 


cently that the hitherto unknown alkali metal anions, M~, are also formed in such 


solutions. This means that an ammonia solution of an alkali metal contains ion pairs 
such as Na*Na~ and K*K~! (Keep in mind that in each case the metal cation exists as 
a complex ion.) In fact, these ‘‘salts’’ are so stable that they can be isolated in crystal- 
line form (Figure 20.17). This finding is of considerable theoretical interest, for it 
shows clearly that the alkali metals can have an oxidation number of —1, although —1 
is not found in ordinary compounds. 

Sodium and potassium are essential elements of living matter. Sodium ions and 


potassium ions are present in intracellular and extracellular fluids, and they are essen- 
tial for osmotic balance and enzyme functions. We now describe the preparations and 
uses of several of the important compounds of sodium and potassium. 


Sodium Chloride. The source, properties, and uses of sodium chloride were dis- 
cussed in Chapter 8 (see p. 313). 


Sodium Carbonate. The preparation and uses of sodium carbonate were discussed 
in Chapter 17 (see p. 721). For many years the major source of supply was the 
Solvay process. However, the rising cost of ammonia and the pollution problem result- 
ing from calcium chloride discharge have prompted chemists to look for other sources 
of sodium carbonate. In recent years, discoveries of large deposits of the mineral trona 
[Nas(CO3).(HCO;) - 2H,0] have been made in Wyoming. When solid trona is crushed 
and heated, the hydrogen carbonate ion decomposes as follows: 


2HCO; —> CO} + H,0 + CO, 


Removal of gaseous HO and CO) drives the reaction from left to right. The overall 
reaction is 


2Nas(CO3)9(HCOs) - 2H,0(s) —> 5NazCO3(s) + CO.(g) + H,O(g) 


The sodium carbonate obtained this way is dissolved in water, the solution is filtered to 
remove the insoluble impurities, and the sodium carbonate is crystallized as 
Na2CO; - 10H,0. Finally, the hydrate is heated to give pure, anhydrous sodium cat- 
bonate. 


Sodium Hydroxide and Potassium Hydroxide. The properties of sodium hydrox- 
ide and potassium hydroxide are very similar. Both hydroxides are prepared by the 
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electrolysis of aqueous NaCl and KCI solutions (see Section 19.8); both hydroxides are 
strong bases and very soluble in water. Sodium hydroxide is used in the manufacture of 
soap and many organic and inorganic compounds. Potassium hydroxide is used as an 
electrolyte in some storage batteries, and aqueous potassium hydroxide is used to 
remove carbon dioxide and sulfur dioxide from air. 


Sodium Nitrate and Potassium Nitrate. Large deposits of sodium nitrate (saltpe- 
ter) are found in Chile. It decomposes with the evolution of oxygen at about 500°C: 
2NaNO;(s) —> 2NaNO,(s) + O2(g) 

Potassium nitrate is prepared beginning with the ‘‘reaction’’ 
KCl(aq) + NaNO3(aq) —> KNO3(aq) + NaCl(aq) 


This process is carried out just below 100°C. Because KNO; is the least soluble salt at 
room temperature, it is separated from the solution by fractional crystallization. Like 
NaNO 3, KNO; decomposes when heated. 

Gunpowder consists of potassium nitrate, wood charcoal, and sulfur in the approxi- 
mate proportions of 6:1:1 by mass. When gunpowder is heated, the reaction is 


2KNO,(s) + S(s) + 3C(s) > K,S(s) + Nog) + 3CO2(g) 


The sudden formation of hot expanding gases causes an explosion. 


20.6 The aline Earth Metals 


The alkaline earth metals are somewhat less electropositive and less reactive than the 
alkali metals. Except for the first member of the family, beryllium, which resembles 
aluminum (a Group 3A metal) in some respects, the alkaline earth metals have similar 
chemical properties. Because their M2* ions attain the stable noble gas electron config- 
uration, the oxidation number of alkaline earth metals in the combined form is almost 
always +2. Table 20.5 lists some common properties of these metals. 


TABLE 20.5 Properties of Alkaline Earth Metals 


Be Mg Ca Sr Ba 
Valence electron 2s? 352 4s? 58° 6s” 
configuration 
Density (g/cm) 1.86 1.74 ee 2.6 35 
Melting point (°C) 1280 650 838 770 714 
Boiling point (°C) 2770 1107 1484 1380 1640 
Atomic radius (pm) 112 160 197 215 222 
Tonic radius (pm)* 31 65 99 113 135 
First and second 899 738 590 548 502 
ionization energies 1757 1450 1145 1058 ae 
(kJ/mol) 
Electronegativity 15 1:2 1.0 1.0 0.9 
Standard reduction =1.85 -2.37 —2.87 —2.89 —2.90 


potential (V)+ 


* . 
Refers to the cation M2*, where M denotes an alkaline earth metal atom. 


iThe half-reaction is M2*(aq) + 2e~ —> M(s). 


siti eanieiis BheMES:: °° — "eae 
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This is a metathesis reaction. 


All isotopes of radium are 
radioactive. Therefore, it is 
difficult and expensive to study 
the chemistry of radium. 
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FIGURE 20.18 Beryllium ore, 
beryl (Be3AlzSisO js). 


FIGURE =. 20.19 
(CaCO; MgCOQ3). 


Dolomite 
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Beryllium 


Beryllium (see Figure 7.20) is relatively rare, ranking 32 in order of e!orental abun- 
dance in the Earth’s crust. The only important beryllium ore is beryl (bery lium alumi- 


num silicate, BezAl,SigO jg) (Figure 20.18). Pure beryllium is obtaine: »y first con- 
verting the ore to the oxide (BeO). The oxide is then converted to (/- chloride or 
fluoride. Beryllium fluoride is heated with magnesium in a furnace at abt 1000°C to 


produce metallic beryllium: 
BeF,(s) + Mg(!) —> Be(s) + MgF,(s) 


Beryllium is highly toxic, especially if inhaled as a dust. Its toxicity is the result of 
the ability of Be** ion to compete with Mg?* at many enzyme sites. Bery!!ium is used 
mainly in alloys with copper to enhance the hardness of copper. Beryl!iim atoms do 
not absorb high-energy radiation readily, so beryllium is used also as a ‘‘indow’? for 
X-ray tubes. It is also used as a moderator for neutrons produced in nucl<2r reactions, 

Because only two electrons (the 1s electrons) shield the outer 2s elect: 1s, the first 
and second ionization energies of Be are higher than those of other »!kaline earth 


metals. On the other hand, it takes less energy to promote one of the 2s el trons to the 
2p orbital, followed by sp hybridization (see p. 364). For this reason bery!) um forms a 
number of simple covalent gaseous compounds such as BeH>, BeCl,, 2° BeBr. In 
many of its compounds beryllium forms four tetrahedral bonds, with Be «* the center, 
for example, in complexes like BeF}~, BeCl3~, and BeBrz. 

Beryllium being the first member of the Group 2A, its chemistry differs in a number 


of respects from that of the other alkaline earth metals. For example, ‘here are no 
known compounds containing the uncomplexed Be?* ion. Beryllium oxi and beryl- 
lium halides are essentially covalent, whereas other alkaline earth oxides, chlorides, 


and fluorides are ionic. 

As an example of the diagonal relationship (see Section 7.6), beryllium resembles 
aluminum in a number of respects. Thus, both Be2+ and A+ hydrolyze to yield acidic 
solutions: 


Be(H,0);*(aq) + H,O(I) == Be(OH)(H,0)3 (aq) + H30* (aq) 
Al(H;0)3*(aq) + HO(1) == Al(OH)(H,0)3* (aq) + H30* (aq) 
Both BeO and AI1,0, are amphoteric; that is, they react with acids and with bases: 
BeO(s) + 2H*(aq) + 3H,0() —> Be(H,0)}*(aq) 
Al,03(s) + 6H* (ag) + 9H,O(1) —> 2A1(H20)8* (aq) 
and 
BeO(s) + 20H” (aq) + H,0(1) —+ Be(OH)}~(ag) 
Al,03(s) + 60H (aq) + 3H,0(1) —> 2Al(OH)3- (aq) 


Magnesium 


Magnesium (see Figure 7.20) is the eighth most plentiful element in Earth’s crust 
(about 2.5 percent by mass). Among the principal Magnesium ores are brucite, 
Mg(OH),; dolomite, MgCO; - CaCO, (Figure 20.19); and epsomite, MgSO, ° 7H20. 
Seawater is a good source of magnesium; there is about 1.3 g of magnesium in each 
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FIGURE 20.20 A commer- 
cially available milk of magne- 
sia. 


kilogram of seawater. As is the case with most alkali and alkaline earth metals, metal- 
lic magnesium is obtained by the electrolysis of its molten chloride, MgCl, (obtained 
from seawater) 

The chemistry of magnesium is intermediate between that of beryllium and the 
heavier Group 2.\ elements. Magnesium does not react with cold water but does react 
slowly with stea: 


n: 
Mg(s) + H:O(g) —> MgO(s) + H2(g) 
It burns brilliantly in air to produce magnesium oxide and magnesium nitride (see 
Figure 3.3): 
2Mg(s) + Ox(g) —> 2MgO(s) 
3Mg(s) + No(g) —> Mg3N2(s) 
This property makes magnesium (in the form of thin ribbons or fibers) useful in flash 
photography and flares. 
Magnesium oxide reacts very slowly with water to 


white solid suspension called milk of magnesia (Figure 
acid indigestion: 


form magnesium hydroxide, a 
20.20) which is used to treat 


MgQ(s) + H,0() —> Mg(OH)2(s) 


Magnesium is a typical alkaline earth metal in that its hydroxide is a strong base. [The 


only alkaline earth hydroxide that is not a strong base is Be(OH)>, which is ampho- 
teric.] As Table 20.6 shows, all alkaline earth hydroxides except Ba(OH)2 have low 
solubilities. 


TABLE 20.6  Solubilities of Alkaline Earth Hydroxides at 25°C 


Solubility Product Molar Solubility 


Ke (M) 
Be(OH), 1 x 107" 3x 1077 
Mg(OH)» 12 Sonn 1.4 x 10 
Ca(OH), 5.4 x 10° 0.011 
Sr(OH)> 3.1 X:10m 0.043 
Ba(OH)> 5.0 x 10° 0.11 
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FIGURE 20.21 Fluorite (CaF>). 
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Magnesium reacts with dilute hydrochloric acid and with sulfuric acid to produce 

hydrogen gas: 
Mg(s) + 2H* (aq) —> Mg?*(aq) + H,(g) 
It reacts with concentrated nitric acid as follows: 
3Mg(s) + 8HNO3(aq) —> 3Mg(NO3),(aq) + 4H,0() + 2NO(e) 
On heating, magnesium reacts with a number of nonmetals, sometimes violently: 
Mg(s) + Cl(g) —> MgCl(s) 
Mg(s) + S() —> MgS(s) 
Magnesium nitride reacts with water to produce ammonia: 
Mg3N2(s) + 6HO(/) —+> 3Mg(OH),(s) + 2NH3(g) 


The major uses of magnesium are in alloys, as a lightweight structural metal, for 
cathodic protection (see Section 19.7), in organic synthesis, and in batteries. Magne- 
sium is essential to plant and animal life, and Mg?* ions are not toxic. It is estimated 
that the average adult ingests about 0.3 g of magnesium ions daily. Magnesium plays 
several important biological roles. It is present in intracellular and extracellular fluids, 
Magnesium ions are essential for the proper functioning of a number of enzymes. 
Magnesium is also present in the green plant pigment chlorophyll, which plays an 
important part in photosynthesis. 


Calcium 


Earth’s crust contains about 3.4 percent calcium (see Figure 7.20) by mass. Calcium 
occurs in limestone, calcite, chalk, and marble as CaCO;; in dolomite as 
MgCO; CaCO; (see Figure 20.19); in gypsum as CaSO, -2H,O; and in fluorite as 
CaF, (Figure 20.21). Metallic calcium is best prepared by the electrolysis of molten 
calcium chloride (CaCl). 

As we read down Group 2A from beryllium to barium, we note an increase in 
metallic properties. Unlike beryllium and magnesium, calcium (like strontium and 
barium) reacts with cold water to yield the corresponding hydroxide, although the rate 
of reaction is much slower than the rates of reactions involving the alkali metals (see 
Figure 3.7): 


Ca(s) + 2H,0(1) —> Ca(OH),(aq) + Hp(g) 


The term lime does not refer to a single substance. Rather, it includes quicklime, or 
calcium oxide (CaO), and slaked lime, or hydrated lime, which is calcium hydroxide 
[Ca(OH)>]. Lime is one of the oldest materials known to mankind. Quicklime is pro- 
duced by the thermal decomposition of calcium carbonate (see Section 18.4): 


CaCO3(s) —+ CaO(s) + CO2(g) 
while slaked lime is produced by the reaction between quicklime and water: 


CaO(s) + H,O()) —> Ca(OH),(s) 
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Quicklime is used in metallurgy (see Section 20.2), the removal of SO, when fossil 
fuel is burned (see p. 637), and the Solvay process (see p. 721). Slaked lime is used in 
water treatment. Water containing Ca2* ions is called hard water. The presence of 
Ca2* ions cause: precipitation problems in boilers and hot-water pipes (see p. 459). 
The Ca2* ions also react with soap molecules to form insoluble salts, or curds. In the 
lime-soda process used to soften hard water (that is, to remove the Ca?* ions), both 
Na,CO3 and Ca(OH) are added to temporary hard water. (Temporary hard water is 
water that contains bicarbonate ions, HCO3, in addition to Ca?* ions.) The choice of 
Na,CO; is obvious—the carbonate ions form a precipitate with the Ca’* ions. It may 
seem strange, at first, that Ca(OH), is used to remove Ca?* ions. However, the follow- 
ing reactions show the chemical reasoning for this choice: 


Ca(OH)2(s) —~> Ca?*(aq) + 20H (aq) 
20H™~ (aq) + 2HCO3 (aq) —> 2CO% (aq) + 2H,0()) 
The Ca2* ions in water then precipitate as follows: 
Ca?* (aq) + COX (aq) —> CaCO3(s) 
The net reaction from these three steps is 
Ca(OH)9(s) + 2HCO5 (aq) —> CaCO,(s) + CO3(aq) + 2H20() 


The carbonate ion produced then reacts with another Ca?* ion to give CaCO3. Thus, 
the overall reaction for the lime—soda process is 


Ca(OH) (s) + Ca?*(aq) + 2HCO3 (aq) —> 2CaCO;(s) + 2H20(/) 


For many years, farmers have used lime to lower the acidity of soil for their crops (a 
process called i 
rain. 

Metallic calcium has rather limited uses. It is used mainly as an alloying agent for 
metals like aluminum and copper and in the preparation of beryllium metal from its 
compounds. It is also used as a dehydrating agent for organic solvents. 

Calcium is an essential element in living matter. It is the major component of bones 
and teeth; the calcium ion is present in a complex phosphate salt, hydroxyapatite, 
Cas(PO,)3OH (see p. 710). A characteristic function of Ca?* ions in living systems 1s 
the activation of a variety of metabolic processes. Calcium plays an important role in 


heart action, blood clotting, muscle contraction, and nerve transmission. 


Strontium and Barium 


Strontium and barium have properties similar to those of calcium except that, in gen- 


eral, they are more reactive. Strontium occurs as the carbonate SrCO; (strontianite) 
and as the sulfate SrSO, (celestite) (Figure 20.22). There is no large-scale use of 


strontium. It is extracted by the electrolysis of its fused chloride (SrClb). 
Barium occurs as the carbonate BaCOs (witherite) and as the sulfate BaSO4 
ysis of the fused chloride 


(barytes). Metallic barium can be prepared by the electrol 
(BaCl,) or by reduction of its oxide with aluminum: 


3Ba0(s) + 2AK(s) —> 3Ba(s) + Al,03(s) 


FIGURE 
(SrSO4). 


20.22 
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Celestite 
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FIGURE 20.24 Barium sul- 
fate is opaque to X rays. An 
aqueous suspension of the sub- 
stance is used to examine diges- 


tive tracts. 
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FIGURE 20.23 Red fireworks contain strontium compounds. 


The similarity between calcium and the radioactive strontium-90 was ussed on 
p. 290. Strontium salts such as Sr(NO3)> and SrCO; are used in red firey (Figure 
20.23) as well as in the familiar red warning flares on highways. 

Unlike that of strontium, barium’s toxicity to the human body is chem \cal rather 
than radioactive in nature. If taken into the body as a soluble salt (for exampic, BaCh), 
barium causes serious deterioration of the heart’s function—a phenomen nown as 
ventricular fibrillation. Interestingly, the insoluble barium sulfate, BaSO nontoxic 
to humans, presumably because of the low Ba2* ion concentration in solution. This 
dense barium salt absorbs X rays and acts as an opaque barrier to them. Thus, X-ray 
examination of a patient who has swallowed a solution containing finely divided 


BaSO, particles allows the radiologist to diagnose an ailment of the patient's digestive 
tract (Figure 20.24). Barium sulfate is quite insoluble (K,, = 1.1 x 107‘), so it 
2+ 


passes through the digestive system and no appreciable amounts of Ba2* ions are taken 
up by the body. 


20.7 Aluminum 


Aluminum (see Figure 7.21) is the most abundant metal and the third most plentiful 
element in Earth’s crust (7.5 percent by mass). The elemental form does not occur in 
nature; its principal ore is bauxite (Al,O; -2H,0). Other minerals containing alumi- 
num are orthoclase (KAISi;Os), beryl (Be3Al,Sic0,) (see Figure 20.18), cryolite 
(Na3AIFe), and corundum (AlLO3) (Figure 20.25). 

Aluminum is usually prepared from bauxite, which is frequently contaminated with 
silica (SiO3), iron oxides, and titanium(IV) oxide. The ore is first heated in sodium 
hydroxide solution to convert the Silica into soluble silicates: 


SiO2(s) + 20H (ag) —> Si0?-(aq) + H,0(/) 
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FIGURE 20.25 Corundum 
(ALO3). 


‘luminum oxide is converted to the aluminate ion (A103 ): 


At the same ti 


A1,03(s) + 20H (aq) —> 2A103 (aq) + H2O(/) 


wnium oxide are unaffected by this treatment and are filtered off. 


Iron oxide anc 
; treated with acid to precipitate the insoluble aluminum hydroxide: 


Next, the solut 
A103 (aq) + H30* (aq) —> Al(OH)3(s) 


After filtration, ‘se aluminum hydroxide is heated to obtain aluminum oxide: 


2A1(OH)3(s) —> AlO3(s) + 3H20(g) 


imum oxide, or corundum, is reduced to aluminum by the Hall? proc- 
5 shows a Hall electrolytic cell, which contains a series of carbon 
de is also made of carbon and constitutes the lining inside the cell. 
il process is the use of cryolite, or Na3AIFe (m.p. 1000°C), as solvent 
ide (m.p. 2045°C). The mixture is electrolyzed to produce aluminum 


Anhydrous al| 
ess. Figure 2\ 
anodes. The c: 
The key to the 
for aluminum 
and oxygen 9 
3[202- —> O2(g) + 4e7] 
4[AB* + 3e —> AIO) 
2A1,0; —> 4Al(/) + 302(g) 
d temperatures) to form carbon 


tal (m.p. 660.2°C) sinks to 
me to time during the 


node (oxidation): 
athode (reduction): 


Overall: 


Oxygen gas reacts with the carbon anodes (at elevate 
monoxide, which escapes as a gas. The liquid aluminum me 
the bottom of the vessel, from which it can be drained from ti 
procedure. 

Aluminum is one of the most versatile metals kn 
cm?) and high tensile strength (that is, it can be strete 
malleable, it can be rolled into thin foils, and it is an excellent electrical conductor. Its 
conductivity is about 65 percent that of copper. However, because aluminum is 
cheaper and lighter than copper, it is widely used in high-voltage transmission lines. 
Although aluminum’s chief use is in aircraft construction, the pure metal itself is too 
Soft and weak to withstand much strain. Its mechanical properties are greatly improved 
by alloying it with small amounts of metals such as copper, magnesium, and manga- 


own. It has a low density (2.7 g/ 
hed or drawn out). Aluminum is 


Charles Martin Ha 3 ican inventor. While Hall was an undergraduate at Oberlin Col- 
lege, he became aoe . tating ane e way to extract aluminum. Shortly after graduation, 
When he was only 22 years old, Hall succeeded in obtaining aluminum from aluminum oxide in a backyard 
Woodshed. Amazingly, the same discovery was made at almost the same moment in France, by Paul 
Héroult, another 22-year-old inventor working in a similar makeshift laboratory. 
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Molten cryolite provides a 
good conducting medium for 
electrolysis. 


Carbon anodes 


Carbon 
cathode 


Molten 
aluminum 


AO in molten cryolite 


FIGURE 20.26 Electrolytic 
production of aluminum based 
on the Hall process. 
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nese, as well as silicon. Aluminum is not involved in living systems and is generally 
considered to be nontoxic. 

As we read across the periodic table from left to right in a given period, we note a 
gradual decrease in metallic properties. Thus, although aluminum is considered an 
active metal, it does not react with water as do sodium and magnesium. Aluminum 
reacts with hydrochloric acid and with strong bases as follows: 


2Al(s) + 6HCl(aq) —+ 2AICI3(aq) + 3H2(g) 
2Al(s) + 6NaOH(aq) —> 2Na3A103(aq) + 3H2(g) 
Aluminum readily forms the oxide Al,O3 when exposed to air: 
4Al(s) + 302(g) —> 2A1,0;(s) 


A tenacious film of this oxide protects metallic aluminum from corrosion and accounts 
for some of the unexpected inertness of aluminum. 

Aluminum oxide has a very large exothermic enthalpy of formation (AH? = 
—1670 kJ/mol). This property makes aluminum suitable for use in solid propellants for 
rockets such as those used for the space shuttle Columbia. When a mixture of alumi- 
num and ammonium perchlorate (NH,CIO,) is ignited, aluminum is oxidized to Al,03, 
and the heat liberated in the reaction causes the gases that are formed to expand with 
great force. This action is responsible for lifting the rocket. The great affinity of 
aluminum for oxygen is illustrated nicely by the reaction of aluminum powder with a 
variety of metal oxides, particularly the transition metal oxides, to produce the corre- 
sponding metals. A typical reaction is 


2Al(s) + Fe203(s) —> Al,O3(/) + 2Fe(/) AH® = —852 kJ 


which can result in temperatures approaching 3000°C. This reaction is an example of 
the thermite reaction, which is used in the welding of steel and iron (see Figure 12.5). 

Anhydrous aluminum chloride is prepared by heating the metal in dry chlorine or 
dry hydrogen chloride: 


2Al(s) + 3Cl(g) —> 2AICl3(s) 
2Al(s) + 6HCI(g) —+ 2AICI3(s) + 3H3(g) 
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FIGURE 20.27 The sp’ hybridization of an Al atom in Al,C Is. Each Al atom has one vacant 
sp” hybrid orbital that can accept a lone pair from the bridging 


Cl atom. 


CHEMISTRY IN ACTION/RECYCLING ALUMINUM 


Aluminum chloride exists as a dimer: 


Each of the bridging chlorine atoms forms a normal covalent bond and a coordinate 
covalent bond with two aluminum atoms. Each aluminum atom is assumed to be 
sp’-hybridized, so the vacant sp® hybrid orbital can accept a lone pair from the chlorine 
atom (Figure 20.27). Aluminum chloride undergoes hydrolysis as follows: 


AICh(s) + 3H,0() —> AI(OH)s(s) + 3HCI(aq) 


Aluminum hydroxide is an amphoteric hydroxide: 
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FIGURE 20.28 Structure of 
aluminum hydride. Note that this 
compound is a polymer. Each Al 
atom is surrounded octahedrally 
by six bridging H atoms. 


Al(OH),(s) + 3H*(aqg) —> AP*(aq) + 3H,0(0) 


Al(OH)3(s) + OH (aq) —> Al(OH), (aq) 


In contrast to the boron hydrides, which are a well-defined series of compounds, 


aluminum hydride is a polymeric substance in which each aluminum atom is sur- 
rounded octahedrally by bridging hydrogen atoms (Figure 20.28). 
When an aqueous mixture of aluminum sulfate and potassium sulfate is evaporated 


A polymer is a large molecule 
containing hundreds or 
thousands of atoms that are 
covalently bonded together. 


slowly, crystals of KAI(SO4)2 * 12H2O are formed. Similar crystals can be formed by 
substituting Na’ or NH? for K*, and Cr°* or Fe?* for Al>*. These compounds are 


called alums, and they have the general formula 


M*M3*(SO,)2 * 12H2O 


Mt: K*, Na*, NHy 


Mt) ALT, Crt, Fe** 


Aluminum beverage cans were virtually unknown in 
1960, yet by the early 1970s over 1.3 billion pounds of 
aluminum had been used for these containers. What 
Properties of aluminum account for its popularity in the 
beverage industry? The metal is nontoxic, odorless, 
tasteless, and lightweight. Furthermore, it is thermally 
conducting, so the fluid inside the container can be 
chilled rapidly. Such a tremendous increase in the use 
of aluminum does have definite drawbacks, however. 
More than 3 billion pounds of the metal cans and foils 
are discarded annually. The immense litter and landfills 
of our throwaway society stand as a testimony to a way 
of life we know to be both wrong and costly. The best 
solution to this environmental problem is recycling. 


CHEMISTRY IN ACTION 


RECYCLING ALUMINUM 


Let us compare the energy consumed in the produc- 
tion of aluminum from bauxite with that consumed 
when aluminum is recycled. The overall reaction for 
the Hall process can be represented as 


Al,O; (in molten cryolite) + 3C(s) —> 2Al(1) + 3CO(g) 


for which AH° = 1340 kJ and AS° = 586 JK. At 
1000°C, which is the temperature of the process, the 
standard free-energy change for the reaction is given by 


AG° = AH? — TAS° 


586 J 1 kJ 
= 1340 kJ — (1273 K) (Se4\(= ) 
K 1000 J 


= 594 kJ 
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Equation (19.3) states that AG° = —nF€°; therefore, To compare the energy requirements of the ‘vo meth- 
the amount of electrical energy needed to produce | ods we write 
mole of Al from bauxite is 594 kJ/2, or 297 kJ. 


When aluminum metal is recycled, the only energy energy needed to recycle 1 mol Al __ 26.1 | 100% 
required is the energy to heat the can to its melting energy needed to produce | mol Al —.297 | 
point (660°C) plus the heat of fusion (10.7 kJ/mol). by electrolysis 
The heat change for heating 1 mole of the metal from = 8.8! 
25°C to 660°C is 
heat input = pAr Thus, by recycling aluminum cans w in save 
= (27.0 g)(0.900 J/g -°C)(660 — 25)°C about 91 percent of the energy required ke new 
= 154k) metal from bauxite. By recycling most of | iminum 
: et cans thrown away each year, the saving w: amount 
where Mt is the molar mass and p the specific heat of Al to 20 billion kilowatt-hours of electricity it 1 per- 
and At is the temperature change. Thus, the total en- cent of the electric power used in the | | States 
ergy needed to recycle 1 mole of Al is given by annually. (Watt is the unit for power; | w | joule 
total energy = 15.4 kJ + 10.7 kJ per second.) Figure 20.29 shows aluminum ans being 


= 26.1 kJ recycled. 


FIGURE 20.29 Recycling aluminum: (a) collecting aluminum cans; (b) melting and purifying aluminum 
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TABLE 20.7 & »perties of Tin and Lead 
——— a ISS 
Sn Ph 

ee 
Valence electron guration 5s°5p7 6526p? 
Density (g/cm*) 7.28 11.4 
Melting point (°C 231.9 327.5 
Boiling point (°C 2270 1740 
Atomic radius (p 1.62 1.75 
Jonic radium (pn 132 1.20 
First and second ation 

energies (kJ/n 709; 1413 716; 1451 
Electronegativity 1.8 1.9 
Standard reductic tential (V)T —0.14 —0.13 


*Refers to the cali 
+The half-reaction 


20.8 Tin : 


* where M denotes Sn or Pb. 
(aq) + 2e~ ——> M(s). 


| Lead 


Tin 


Figure 7.22) are the only metallic elements in Group 4A (Table 
among the first metals used by humans. The principal ore of tin is 
cassiterite (Figure 20.30). Metallic tin is prepared by reducing SnO2 


ievated temperatures: 


Tin and lead 
20.7). They w 
Sn(IV) oxide, 
with carbon at 
SnO,(s) + 2C(s) —> Sn(1) + 2CO(g) 


There are three allotropic forms of tin with the following transition temperatures: 


2 Wigs ISLC ; 
gray tin 13°C. white tin ——> y-tin 
able. Its valence electron configura- 


Metallic tin (that is, white tin) is soft and malle 
oxidation numbers of +2 and +4. 


tion is 5s*5p; the metal forms compounds with of 
Tin(l) compounds (called stannous compounds) are generally more tonic and reduc- 
Ing, while tin([V) compounds (called stannic compounds) are more covalent and oxi- 
dizing. Tin reacts with hydrochloric acid to give tin(II) chloride: 

Sn(s) + 2HCl(aq) —> SnCl,(aq) + Ho(g) 


and with oxidizing acids such as nitric acid to give Sn(IV) compounds: 


Sn(s) + 4HNO3(aq) —> SnO2{s) + 4NO2(8) + 2H,0(/) 
Tin also reacts with hot concentrated aqueous solutions of sodium hydroxide and 


Potassium hydroxide to form the stannate ion (SnO3): 


Sn(s) + 20H~ (ag) + H20() — sn03~ (aq) + 2H2(g) 


Thus, tin exhibits amphoteric properties. It combines directly with chlorine to form 
tin(IV) chloride, which is a liquid: 
Sn(s) + 2Clo(g) — SnCl4(1) 


FIGURE 20.30 The mineral 
cassiterite (SnO2). 
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FIGURE 20.31 Solder is used 
extensively in the construction of 
electronic circuits. 


FIGURE 20.32 Galena (PbS). 
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Unlike carbon and silicon, tin forms only two hydrides: SnH, and Sn>H,g, neither of 
which is very stable. In both compounds the tin atom is sp*-hybridized. 

Tin is used mainly to form alloys. For example, bronze is 20 percent tin and 80 
percent copper; soft solder is 33 percent tin and 67 percent lead; and pewter is 85 
percent tin, 6.8 percent copper, 6 percent bismuth, and 1.7 percent antimony (Figure 
20.31). Of course, tin is also used in the manufacture of ‘‘tin’’ cans (see Section 19.7), 


Lead 
The chief ore of lead is galena, PbS (Figure 20.32). Metallic lead is obtained by first 
roasting the sulfide in air: 
2PbS(s) + 302(g) —> 2PbO(s) + 2S0,(g) 
The oxide is then reduced in a blast furnace with coke: 


PbO(s) + C(s) —> Pb(/) + CO(g) 


PbO(s) + CO(g) —> Pb(I) + CO,(g) 


Because both tin and lead are much less electropositive than the alkali and alkaline 
earth metals, they can be prepared more readily by chemical reduction than by the 
expensive process of electrolysis. 

The Group 4A elements form compounds in both the +2 and +4 oxidation states. 
For the early members (carbon and silicon), the +4 oxidation state is the more stable 
one. For example, CO, is more stable than CO; and while SiO, is a stable compound, 
SiO does not exist under normal conditions. As we move down the group in the 
periodic table, however, the trend in stability is reversed. In tin compounds the +4 
oxidation state is only slightly more stable than the +2 oxidation state. In lead com- 
pounds the +2 oxidation state is unquestionably the more stable one. The valence 
electron configurations of tin and lead are 5s5p? and 6s*6p”, respectively. The ten- 
dency for tin and lead to lose only their outer p electrons to form Sn2* and Pb2* ions is 
Sometimes called the inert pair effect. The term ‘‘inert pair’’ refers to the two rela- 
tively stable and unreactive outer s electrons. 

Practically all common lead compounds contain lead in the +2 oxidation state 
(PbO, PbCl,, PbS, PbSO4, PbCO3, and PbCrO,). Except for lead acetate and lead 
nitrate, most lead compounds are insoluble. Lead(II) oxide, known as litharge, is used 
to glaze ceramic vessels. For a number of years, white lead, Pb3(OH)2(CO3)2, was 
used as a pigment for paints, but because of its toxicity, its use in the United States has 
been banned. Lead(IV) oxide is a covalent compound and a strong oxidizing agent. It 
can oxidize hydrochloric acid to molecular chlorine: 


PbO2(s) + 4HCl(aq) —+ PbCI,(s) + Ch(g) + 2H>0(/) 


The two major uses of lead are in lead storage batteries (see Section 19.6) and in 
gasoline as the antiknocking agent tetraethyllead, (C)H;)4Pb. This compound is 
formed by heating ethyl chloride (CHsCl) with an alloy containing about 90 percent 
Pb and 10 percent Na by mass. It is a colorless, oily liquid (b.p. 200°C) that is soluble 
in most organic solvents but insoluble in water. Because lead is relatively impenetrable 
to high-energy radiation, it is also used in Protective shields for nuclear chemists, 
X-ray operators, and radiologists. 


CHEMISTRY IN ACTION/THE TOXICITY OF LEAD 


—————— 


Lead has no known beneficial function in human me- 
tabolism. On the contrary, its toxicity has been known 
for over 2000 years. Although we know lead is a poi- 
son, it is still widely used in our society. At present, 
lead poisoning is one of the most serious environmental 
concerns. Tetraethyllead has long been used as an an- 
tiknocking agent for improving the performance of gas- 
oline. Some ‘‘leaded”’ gasolines contain as much as 2 
to 4 g of the substance per gallon of gasoline. Figure 
20.33 shows the annual consumption of lead-contain- 
ing antiknock additives in the United States since 1925. 
In cities with heavy automobile traffic, lead concentra- 
tions in the atmosphere may be as high as 10 micro- 
grams per cubic meter of air, which endangers the 
health of countless people. Others exposed to lead in- 
clude young children living in dilapidated houses who 
nibble sweet-tasting chips of leaded paint, whiskey 
drinkers who consume quantities of lead-contaminated 
moonshine, and people who eat or drink from improp- 
erly lead-glazed earthenware. 

Lead is extremely toxic; its effect on humans are 
cumulative. It enters the body either as inorganic lead 
(Pb?*) ion or as tetraethyllead. Inhaled or ingested lead 
concentrates in the blood, tissues, and bones. Lead 
content in human blood exceeding 0.40 ppm is consid- 
ered dangerous. The Pb2* ion has a pronounced ten- 
dency to react with the sulfhydryl (—SH) groups of 
proteins; for example, 


(rs + Poet ps-(poe) Ee 


The two —SH groups may be on the same or different 
Protein molecules. It is known also that lead ions in- 
hibit at least two enzymes that catalyze the reactions for 
biosynthesis of hemoglobin. Thus, one symptom of 


lead poisoning is anemia. 


CHEMISTRY IN ACTION 


THE TOXICITY OF LEAD 
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FIGURE 20.33 Annual consumption of gasoline antiknock 
additives in the United States since 1925. Note the magnitude 
of lead consumption in gasoline compared to that in industry 
and coal burning for the year 1967. 


Tetraethyllead is even more poisonous than Pb?*. In 
the liver it is converted to the (C>Hs)3Pb* ion. Because 
the hydrocarbon group is nonpolar, this ion can move 
across membrane layers more easily than uncomplexed 
lead ions, and can therefore attack enzymes in various 
locations, such as in the brain. Indeed, brain damage is 
the most common symptom of those—especially chil- 
dren—afflicted with acute lead poisoning. Lead also 
affects the central nervous system and impairs kidney 
functions. 

Lead poisoning is usually treated with chelating 
agents—substances that can form stable complex ions 
with Pb2*. Two particularly effective compounds for 
removing lead ions from blood and tissues are 
ethylenediaminetetraacetate ion (EDTA) and 2,3- 
dimercaptopropanol, which is more commonly called 
BAL (British Anti-Lewisite): 


2 3 CH,— SH 
OOCCcH, H,CCOO e 
JA —CH,—CH,—N al SH 
=) H,CCOO- 
OOCCH, 2 CH,OH 
EDTA BAL 
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BAL was developed during World War II as an antidote 
for lewisite, a poison gas containing arsenic. In ionized 
form, both compounds yield very stable complexes 
with lead (Figure 20.34) that are eventually excreted 
through the kidney and the liver. 


FIGURE 20.34 (a) EDTA complex of lead. The complex 
bears a net charge of —2, since each O donor atom has one 
negative charge and the lead ion carries two positive 
charges. Note the octahedral geometry around the Pb?* ion. 
(b) BAL complex of lead. This complex also bears a net 
charge of —2, since each § atom has one negative charge. 
The Pb?* ion is tetrahedrally bonded to the four S atoms. 


20.9 Zinc, Cadmium, and Mercury 


The Group 2B elements—zinc, cadmium, and mercury (Figure 20.35)-- :2semble the 
alkaline earth metals in that they all have the same valence electron confi. vation, ns’. 
Yet their chemical properties are quite different (Table 20.8). This differe:ice is a result 
of the difference in the number of electrons in the next-to-outermost she!!. Ca, Sr, and 
Ba have 8 electrons (s*p°), whereas Zn, Cd, and Hg have 18 electrons (s?p°d"). 
Because the d orbitals do not shield outer electrons effectively from the »ucleus, the 
increase in nuclear charge from calcium to zinc results in an increase in (hie ionization 
energies of the valence electrons. Further, we expect the zinc atom to be smaller than 
the calcium atom, and this is indeed the case (Ca: 197 pm; Zn: 138 pm). Hor similar 
reasons, cadmium and mercury lose electrons less readily than strontium and barium. 
Thus, the Group 2B elements are less reactive and less electropositive and have a 
greater tendency to form covalent compounds than the alkaline earth metals. 


FIGURE 20.35 (a) Zinc, (b) cadmium, and (c) mercury. 
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TABLE 20.8 “voperties of the Group 2B Elements 
sa I ee 
Zn Cd He 

se a TT 
Valence electron «onfiguration 43°3d'° 58°40 6s°5d'° 
Density (g/em* 7.14 8.64 13.59 
Melting point 419.5 320.9 —38.9 
Boiling point ( 907 767 357 
Atomic radius (9% 138 154 157 
Ionic radius (pi 74 97 110 
First and second ‘osization 

energies (kJ) 906; 1733 867; 1631 1006; 1809 
Electronegativi' 1.6 ei 1.9 
Standard reduct »otential (V)T —0.76 —0.40 0.85 
*Refers to the ca i>", where M denotes Zn, Cd, or Hg. 
+The half-reacti s M?*(aq) + 2e~ —» M(s) for Zn and Cd. For Hg, it is M3*(aqg) + 


2e~ —> 2M(/) 


Zinc and ¢ nium 

The propertic: \ zinc and cadmium are so similar that we will describe their chemis- 
tries together *!o: an abundant element (about 0.007 percent of Earth’s crust by mass), 
zine occurs »yucipally as the mineral sphalerite, ZnS (Figure 20.36), also called 
zincblende. !\i--allic zine is obtained by roasting the sulfide in air to convert it to the 
oxide and the» reducing the oxide with finely divided carbon: 


2ZnS(s) + 30(g) —> 2ZnO(s) + 2SO2(g) 
ZnO(s) + C(s) —> Zn(s) + CO(g) 


Cadmium is only about one-thousandth as abundant as zinc and is present in small 
amounts in most zinc ores as CdS. Cadmium is obtained from flue dust emitted during 
the purification of zine by distillation. Because cadmium is more volatile (b.p. 767°C) 
than zine (b.p. 907°C), it evaporates first and concentrates in the first distillates. 

Both zine and cadmium are silvery metals in the pure state. Zinc is hard and brittle, 
but cadmium is soft enough to be cut with a knife. 

The only known oxidation number of these metals is +2. Both metals react with 
Strong acids to produce hydrogen gas: 


Zn(s) + 2H* (ag) —> Zn?*(aq) + Hol(g) 
Cd(s) + 2H*(ag) —> Cd?*(aq) + Ha(g) 


Zinc and cadmium oxides are formed through direct combination of these metals with 
Oxygen. Zinc is amphoteric, but cadmium is not. In addition to its reaction with strong 
acids, zinc also reacts with strong bases: 

Zn(s) + 20H~(aq) + 2H;0() —> Zn(OH)s (aq) + Hele) 
The inertness of cadmium toward basic solutions makes it a useful metal for plating 
other metals used in alkaline solutions. 
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FIGURE 20.36 — Sphalerite 
(ZnS). 
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These are Lewis acid—base 
reactions, 
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FIGURE 20.37 Brass is used 
to make many wind instruments 
such as the French horn. 


Both Zn?* and Cd?* ions form a variety of similar complex ions in solution, Some 
examples are 


Zn°* (aq) + 4NH3(aqg) — Zn(NH;)i* (ag) 
Zn?* (aq) + 4CN~(aq) ——= Zn(CN)3" (aq) 
Cd?* (ag) + 4C1- (ag) == CdCI? (aq) 


These complexes are generally tetrahedral in structure, indicating sp* hybridization for 
the central metal atom. 

Metallic zinc is used to form alloys. For example, brass is an alloy containing about 
20 percent zinc and 80 percent copper by mass (Figure 20.37). Because zinc forms a 
protective oxide layer that withstands corrosion well, it is used to provide cathodic 
protection (see Section 19.7) for less electropositive metals. Iron protected this way, 
called galvanized iron, is prepared by dipping iron into molten zinc or by plating zinc 
On iron by electrolysis (using iron as the cathode in a solution containing Zn?* ions). 

Zinc sulfide is used in the white pigment lithopone, which contains a roughly 
equimolar mixture of ZnS and BaSO,. Unlike the white lead discussed earlier, this 
substance is nontoxic. Zinc sulfide emits light when struck by X rays or an electron 
beam. Therefore it is used in screens of television sets, oscilloscopes, and X-ray 
fluoroscopes. 

Zinc oxide, an important zinc compound, is prepared by burning the metal in air, 


2Zn(s) + Ox(g) —> 2Zn0(s) 
and by the thermal decomposition of zinc nitrate or zinc carbonate, 
2Zn(NOs)x(s) —> 2ZnO(s) + 4NO,(9) + O2(g) 
ZnCO3(s) —> ZnO(s) + CO3(g) 
Zinc oxide is amphoteric: 
ZnO(s) + 2HCl(aq) —> ZnCl,(aq) + Hy0(2) 
Zn0(s) + 2NaOH(aq) —> Na,ZnO,(aq) + H;0(!) 


The compound is used in the treatment of rubber. It is also used as a white pigment in 
paint, ah ointment base, and in cement. An interesting property of zinc oxide is its 
photoconductivity. A photoconductor is a substance that conducts electric current 
when illuminated; when the light is turned off, it becomes an insulator. This property 


finds important commercial application in a Process called xerography (from the Greek 
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FIGURE 20.38 Basic steps in xerography. (a) A photoconductive surface containing ZnO is 
given a positive electric charge (+). (b) The image of a document is exposed on the surface. The 
charge drains away from the surface in all but the image area, which remains unexposed and 
charged. (c) Negatively charged powder is cascaded over the surface. The powder adheres 
electrostatically to the positively charged image area, making a visible image. (d) A sheet of 
plain paper is placed over the surface and given a positive charge. (e) The negatively charged 
powder image on the surface is electrostatically attracted to the positively charged paper. (f) The 
powder image is fused to the paper by heat. 


words ‘‘xeros’’ meaning dry and ‘‘graphein’’ meaning to write). Xerography is a dry 
process for photocopying. Figure 20.38 shows the basic steps involved in making a 
xerographic copy. 

Zinc is an essential element in living matter; its presence in the human body is 
necessary for the activity of a number of enzymes such as carbonic anhydrase, which 
catalyzes the hydration and dehydration of carbon dioxide. 

The major use of cadmium is to plate other metals. In the electroplating of steel, for 
example, the anode (Cd) and cathode (steel) are dipped into a solution containing 
Ca(CN)}- ions. Normally, a very thin film of metallic cadmium (about 0.0005 cm 
thick) is sufficient for protecting the metal. ; 

Although cadmium has no biological significance, there is growing concern over its 
effect as an environmental pollutant. Like compounds of most heavy metals, cadmium 
Compounds are exceedingly toxic. The common symptoms of cadmium poisoning are 
hypertension (high blood pressure), anemia, and kidney failure. The action of cad- 
mium on our bodies is not as well understood as that of lead; presumably the edz ions 
also react with proteins. Electroplating industries are the main source of cadmium 
Poilution, by discharging waste solutions into lakes and rivers, but there may be 
enough cadmium in the air alone to cause health problems. : 

As mentioned earlier, zinc oxide is used to treat rubber. Because zinc and cadmium 
have similar properties, zinc oxide is always contaminated with a small amount of 
cadmium oxide. As an automobile tire wears, both ZnO and CdO are liberated to the 
atmosphere as fine dust, which may not settle for quite some time. Tobacco, too, 
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contains a small amount of cadmium, so smokers probably have a hi 
of cadmium than nonsmokers. 


Mercury 


Mercury has been known since ancient times. It is the only metal that 
at room temperature. (Two other metals—cesium, Mp, 20.7 C, 
29.8°C—come quite close to being liquids at room temperature.) A\i 


mass), its sources are so much more concentrated that the metal 
readily. The principal ore of mercury is mercury(I) sulfide, HgS 
(Figure 20.39). The ore is first concentrated by flotation and then roa 
mercury(II) oxide, 


be ae hk: | 
a Cae 2HgS(s) + 302(g) —s 2Hg0(s) + 2S03(g) 
ee, Pint 
FIGURE 20.39 Cinnabar which decomposes to yield mercury vapor, 
(HgS). 2HgO(s) —> 2Hg(g) + O2(g) 


Metallic mercury is a bright, silvery, dense liquid that freezes at — 
Mercury does not dissolve iron; at 357°C, Liquid mercury dissolves many metals, such as copper, sil\ 
for this reason mercury has alkali metals, to form amalgams that may be either solids or liquids. 
been stored in iron containers : cS 6 : 
since ancient times. a metal is generally lowered when it is amalgamated with mercury. 


rarer than gold and platinum (it constitutes about 8 x 1076 percent oi 


: ver body content 


ists as a liquid 
‘allium, m.p. 
igh mercury is 
rth’s crust by 
be obtained 
led cinnabar 
n air to yield 


C and boils 
er, 2old, and the 
I) reactivity of 

For example, the 


sodium—mercury amalgam is so much less reactive than sodium that }» decomposes 


water at a considerably slower rate. Such amalgams are useful as mil¢ 
in organic synthesis. 

Unlike cadmium and zinc, mercury has both +1 (mercurous) an 
oxidation numbers in its compounds. Because the standard reduction 


i reducing agents 


d +2 (mercuric) 
potential of mer- 


cury is positive, the metal does not react with water and does not decon pose nonoxi- 


dizing acids like HCI. Many of the mercury(II) salts (HgS and Hgl, 


for example) are 


insoluble. This is particularly significant, for if HgS were soluble, rain and weathering 


might have distributed mercury throughout the planet in sufficient 


concentration to 


poison the environment. Life as we know it might have been impossible. (On the other 


hand, mercury might have become an essential element to other kinds 
Mercury(II) oxide is formed by heating the metal in air slowly: 


2Hg(!) + O2(g) —> 2Hg0(s) 


of life systems.) 


At higher temperatures, the oxide decomposes to yield elemental mercury and molecu- 


lar oxygen again: 


2HgO(s) —+» 2Hg(/) + O2(g) 


In fact, this was the famous experiment conducted by Joseph Priestle 
he discovered oxygen. 


Mercury with an oxidation number of +2 has a greater tendency 


yt in 1774 when 


to form covalent 


bonds than do zine and cadmium. Mercury(II) chloride has a linear structure, as pre- 


dicted by the VSEPR model: 
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‘ec, HgFo, on the other hand, is essentially ionic. The Hg?* ion also 


Mercury(II) fluo: 
form very stable complex ions, such as HgClZ~, Hg(NH3)3*, and 


has a tendency 


Hg(CN)4 - 

For a num! { years the true identity of mercurous ion was not clear; the two 
possibilities are “1” and Hg3". If the mercury(I) ion existed as Hg* (electron configu- 
ration 6s'), it ' d be paramagnetic, but there is no experimental evidence to support 
this structure. vad, the ion consists of two mercury atoms held together by a sigma 
bond: 


[Hg—Hg]** 


This was one he first metal-metal bonds known in a compound. 


The most non mercury(I) compound is probably mercury(I) chloride, Hg2Clo, 
an insoluble w solid called calomel. At one time, calomel was used in medicine as 
a purgative. Hovever, it has a tendency to disproportionate to Hg and HgCls, which is 
quite poison: o calomel is no longer used in internal medicine. 

It has been nated that mercury and its compounds have over 2000 uses. Only the 
more familia important applications will be mentioned here. Mercury has a large 
and uniform « icient of volume expansion (with temperature) and is therefore suita- 
ble for therm: ors. The liquid has a very high density (13.6 g/cm*) and is employed 


in baromete: 
copper, the 
electrical con 
the cathode 


\though the conductivity of mercury is only about 2 percent that of 
itages of its fluidity are so great that the metal is used in making 
, in household light switches and thermostats. Mercury is also used as 
> electrolytic production of many elements, for example, chlorine. 


CHEMISTRY IN ACTION 


MAD AS A HATTER 


Mercury is a heavy metal poison whose influence is as 3 mL of mercury could saturate a large (and poorly 


cumulative and whose effects on neurological behavior ventilated) room with its vapor within a week, making 
are notorious. However, the toxicity of mercury very it unsafe to work in. Spilled mercury is almost impossi- 
much depends on the physical and chemical states of ble to recover completely because the liquid enters the 
the element. Pure metallic mercury is not particularly cracks in the floor. The usual remedy is to cover the 
Poisonous; in fact, ingestion of a very small amount of mercury with yellow sulfur powder, which retards the 


Mercury (as from the dental amalgam mentioned on p. 
794) produces no noticeable ill effects. The metal ap- 
parently passes through the body without undergoing 
chemical change. Mercury vapor, on the other hand, is 
very dangerous because it causes irritation and destruc- 
tion of lung tissues. Although the liquid is not very 
Volatile (vapor pressure is only 2.5 X 107° atm at 
25°C), prolonged exposure to mercury vapor should be 
avoided. Because the substance is so widely used in 
households and laboratories, spillage of mercury OC- 
Curs frequently. Simple calculations show that as little 


evaporation rate by reducing its surface area and also 
slowly converts the mercury to the less harmful com- 
pound HgS. 

The toxicity of inorganic mercury compounds de- 
pends on their solubilities. For example, the insoluble 
mercurous chloride is not considered very toxic and, in 
fact, has been used in medicine as a purgative and a 
drug to kill intestinal worms. Such treatment may be 
termed selective poisoning. The substance is harmful to 
the human body; but, by a judicious choice of the quan- 
tity administered, the poison kills the worms before it 
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endangers the patient. Because mercuric salts are gen- 
erally more soluble, they are considerably more toxic. 
The Hg?* ions concentrate chiefly in the liver and kid- 
neys. The harmful effects are usually slow to develop. 
Some symptoms are sore gums and loose teeth. Mer- 
Cury poisoning can cause brain damage to unborn in- 
fants and can lead to a condition called erethism, which 
is characterized by jerking, irritability, and mental and 
emotional disturbances. 

The mad hatter of Alice in Wonderland was no 
whimsical invention. Solutions of mercuric chloride 
and mercuric nitrate were once used in the production 
of felt hats, and mercury poisoning was a serious occu- 
pational hazard for workers in that industry. Presuma- 
bly, the Hg?* ions react with the sulfhydryl groups of 
the proteins and therefore inhibit enzymatic activities in 
a manner similar to that of the Pb?* ions discussed in 
Section 20.8. The most toxic of all the mercury com- 
pounds are believed to be dimethylmercury, (CH3)2Hg, 
and the methylmercury ion, CH3Hg*. As in the case of 
alkylated lead compounds, the presence of the methyl 
groups makes these substances much more soluble in 
the membranes Separating the bloodstream from the 
brain and in those membranes in the placenta through 
which nutrients must pass to a developing fetus. 

Because of the enormously damaging effects of 
mercury on the biological environment, an intense ef- 
fort is under way at present to trace the sources of all 
mercury pollution in order to eliminate them. Mercuric 
salts such as HgCl, have been used for a number of 
years as disinfectants for seeds and to control diseases 
of tubers and bulbs (including potatoes). Methylated 
mercury compounds are used as fungicides, pesticides, 
and mildew killers. Another organomercury compound 
is phenylmercury acetate, CeHsHgOOCCH;, used in 
the paper industry for in-process slime control. 

It was once believed that elemental mercury was 
sufficiently inert that it would Stay at the bottom of a 
lake or river and be slowly converted to the rather 
harmless HgS. This, unfortunately, is not the case. We 
now know that certain bacteria and microorganisms can 
metabolize mercury first to Hg?* ions and, eventually, 
to CH3Hg* and (CH3)2Hg (Figure 20.40). Fish take in 
bacteria, and methylmercury compounds slowly con- 
centrate in the fatty tissues of their bodies. Small fish 
are eaten by large fish until, finally, at the end of this 
food chain, we find humans. Because of the cumulative 

effect, by the time we eat a walleye caught from a 
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CH, + C,H, 


5 
(CH; ) Hg 


=I 


FIGURE 20.40 The biological cycle of mercury. Through 
the action of bacteria, the relatively harmless metallic mer- 
cury can be converted into the highly toxic substances 
CH3Hg* and (CH;),Hg. 


mercury-contaminated lake, the amount of the metal 
ion in its body may be 50,000 times greater than the 
mercury concentration in the lake water! The buildup of 
any poison along a food chain is sometimes called 
bioamplification. As in the case of lead, the best treat- 
ment for mercury Poisoning is a dosage of a chelating 
agent such as the calcium salts of EDTA. 

The impact of mercury pollution has been so strong 
that many mercury-containing compounds have been 
banned in industry and agriculture. Specific guidelines 
have been set up to determine the toxicity level. But the 
mercury problem will remain with us for quite some 
time. The discharge of mercury into the environment is 
by no means totally halted. It will take years to clean up 
lakes, rivers, and other waterways that already contain 
large deposits of mercury compounds. 
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. Lead and its compounds, cadmium and its compou 


Depending on their reactivities, metals exist in nature either in the free or com- 
bined state. 


. To recover 2 etal from its ore, the ore must first be prepared. The metal is then 
separated (usually by a reduction process) and purified. 

. The common procedures for purifying metals are distillation, electrolysis, and 
zone refinin 

. Metallic bon:! ng can be pictured as the force between positive ions immersed in a 
sea of electrons. The atomic orbitals merge to form energy bands, and a substance 
is a conductor when electrons can be readily promoted to the conduction band, 
where they are free to move through the substance. 

. In insulators, the energy gap between the valence band and the conduction band is 
so large that electrons cannot be promoted into the conduction band. In semicon- 
ductors, elecirons can cross the energy gap at higher temperatures, and conductiv~ 
ity increases with increasing temperatures as more electrons are able to reach the 
conduction band. 

. n-Type semiconductors contain donor impurities and extra electrons. p-Type semi- 
conductors contain acceptor impurities and positive holes. 

. The alkali metals are the most reactive of all the metallic elements. They have an 
oxidation number of +1 in their compounds. Under special conditions, some of 
them also {orm uninegative anions. 

. The chemistry of lithium resembles that of magnesium in some ways. This is an 
example of ihe diagonal relationship. 

. The alkaline earth metals are somewhat less reactive than the alkali metals. They 
almost always have an oxidation number of +2 in their compounds. The chemis- 


try of beryllium, the first member of Group 2A, differs appreciably from that of 
other members. It resembles aluminum in some ways. This is another example of 
the diagonal relationship. The properties of the alkaline earth elements become 
more metallic as we go down their periodic table group. 


. Aluminum does not react with water due to the formation of a protective oxide, 


and its oxide is amphoteric. 

Tin and lead both have oxidation numbers of +2 and +4 in their compounds. 
Zine, cadmium, and mercury are less reactive and less electropositive and have a 
greater tendency to form covalent compounds than the alkaline earth metals. 


. Zinc and cadmium have very similar properties, although zinc is amphoteric and 


cadmium is not. Both of these elements always have an oxidation number of +2 in 
their compounds, and both form a variety of complex ions in solution. 


- Mercury forms Hg3* and Hg?* ions, and also forms a number of stable complex 


ions in solution. Mercury(II) compounds tend to be covalent. 
nds, mercury vapor, soluble 


inorganic mercury, and organic mercury compounds are all very toxic substances. 
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EXERCISES 
MINERALS 
REVIEW QUESTIONS 


20.1 Define mineral, ore, and metallurgy. 

20.2 List three metals that are usually found in an uncom- 
bined state in nature and three metals that are always 
found in a combined state in nature. 

20.3 What are manganese nodules? 

20.4 Write chemical formulas for the following minerals: (a) 
calcite, (b) dolomite, (c) fluorite, (d) halite, (ec) corun- 
dum, (f) magnetite, (g) beryl, (h) galena, (i) epsomite, 
(j) anhydrite. 

20.5 Name the following minerals: (a) MgCOs3, (b) Na3AIFe, 
(c) AlO3, (d) AgyS, (e) HgS, (f) ZnS, (g) SrSO,, (h) 
PbCOs, (i) MnOy, (j) TiO>. 


METALLURGICAL PROCESSES 
REVIEW QUESTIONS 


20.6 Describe the main steps involved in the preparation of 
an ore. 

20.7 What does roasting mean in metallurgy? Why is it a 
main source of air pollution and acid rain? 

20.8 What is pyrometallurgy? 

20.9 Describe with examples the chemical and electrolytic 
reduction processes used in the production of metals. 

20.10 Describe the main steps used to purify metals. 

20.11 Describe the extraction of iron in a blast furnace. 

20.12 Briefly discuss the steelmaking process. 


PROBLEMS 


20.13 In the Mond process for the purification of nickel, CO is 
passed over metallic nickel to give Ni(CO),: 


Ni(s) + 4CO(g) —— Ni(CO),(g) 


Given that the standard free energies of formation of 
CO(g) and Ni(CO),(g) are —137.3 kJ/mol and 
—587.4 kJ/mol, respectively, calculate the equilibrium 
constant of the reaction at 80°C. (Assume AG? to be 
independent of temperature.) 

20.14 Copper is purified by electrolysis (see Figure 20.6). A 
5.00-kg anode is used in a cell where the current is 37.8 
amp. How long (in hours) must the current tun to dis- 
solve this anode and electroplate it on the cathode? 

20.15 Consider the electrolytic procedure for purifying copper 
described in Figure 20.6. Suppose that a sample of cop- 
per contains the following impurities: Fe, Ag, Zn, Au, 
Co, Pt, and Pb. Which of the metals will be oxidized 


and dissolved in solution and which »*) be unaffected 


and simply form the sludge that acceun.:/ates at the bot- 
tom of the cell? 
20.16 How would you obtain zinc from Spaaterite (ZnS)? 
20.17 Starting with rutile (TiO,), explain ) ou would ob- 
tain pure titanium metal. (Hint: Firs avert TiO, to 
TiCly. Next, reduce TiCl, with Mg k up physical 
properties of TiCl4, Mg, and Mg( a chemistry 


handbook.) 
20.18 A certain mine produces 2.0 x 10° } 
chalcopyrite (CuFeS3) each year. Th: 


copper from 
contains only 


0.80 percent Cu by mass. (a) If the d y of the ore is 
2.8 g/cm’, calculate the volume (i: ) of ore re- 
moved each year. (b) Calculate the m in kg) of SO, 
produced by roasting (assume chalcopyrite to be the 


only source of sulfur). 

20.19 Which of the following compounds wi 
trolysis to yield the free metals? Ag 
Fe,03, Al,O3, TiCly 

20.20 Although iron is only about two-thir: 
aluminum in the Earth’s crust, mass 


require elec- 
aC], NaCl, 


abundant as 
lass it costs 


only about one-quarter as much to prow: ce. Why? 
20.21 In steelmaking, nonmetallic impurities as P, S, and 
Si are removed as the corresponding o ». The inside 
of the furnace is usually lined with CaC’, and MgCO3, 
which decompose at high temperatures '« » ield CaO and 


MgO. How do CaO and MgO help in the removal of the 


nonmetallic oxides? 


CONDUCTORS, SEMICONDUCTORS, D 
INSULATORS 


REVIEW QUESTIONS 


20.22 Define the following terms: conductor, insulator, semi- 
conducting elements, donor impurities, acceptor impu- 
ities, n-type semiconductors, p-type semiconductors. 

20.23 Briefly discuss the nature of bonding in metals, insula- 
tors, and semiconducting elements. 

20.24 Describe the general characteristics of n-type and p-type 
semiconductors. 

20.25 Which of the following elements would form n-type of 
p-type semiconductors with silicon? Ga, Sb, Al, AS 

20.26 An early view of metallic bonding assumed that bonding 
in metals consisted of localized, shared electron-pait 
bonds between metal atoms. List the evidence that 
would help you to argue against this viewpoint. 


ALKALI METALS 
PROBLEMS 


20.27 How are lithium and sodium prepared commercially? 
20.28 Why is potassium usually not prepared electrolytically 
from one of its salts? 


0.29 Describe ‘© uses of the following compounds: LiH, 


LiAIHy, &.03, NaCl, NagCO3, NaOH, KOH, KO). 
20.30 Under whz: conditions do sodium and potassium form 
Na” and ons? 


um differ from the other alkali metals? 
balance the following equations: 


20.31 How doe 
20.32 Complet« 


(a) K(s) Ol) — 
(b) Li(s) (3) —> 
(c) CsHi 4,0(1) —> 
(d) Li(s) xg) —— 
(e) Na(s (2) —> 
(f) K(s) 2)— 
(g) Rb( )(g) —> 

20.33 Write a | ced equation for each of the following re- 
actions (assium reacts with water; (b) an aqueous 
solution o! ‘aOH reacts with CO); (c) solid Na,CO3 
reacts w HCI solution; (d) solid NaHCO; reacts 
with an | solution; (e) solid NaHCO; is heated; (f) 
solid Na is heated. 

20.34 Calculat volume of CO at 10.0°C and 746 mmHg 
pressure is obtained by treating 25.0 g of NayxCO3 
with an s of hydrochloric acid. 

ALKALINE it METALS 

PROBLEMS 

20.35 How ar yllium, magnesium, calcium, strontium, 
and bay btained commercially? 

20.36 How ci ryllium differ from the rest of the alkaline 
earth n ) 

20.37 Write t sd equations for the reactions between me- 
tallic b um and (a) an acid, (b) a base. 

20.38 From tt ‘rmodynamic data in Appendix 1, calculate 
the AH” vaiues for the following decompositions: 


(a) MgCO,(s) —> MgO(s) + CO2(g) 

(b) CaCOx(s) —» CaO(s) + CO2(g) 

Which of the two compounds is more easily decom- 
posed by heat? 

20.39 Starting with magnesium and concentrated nitric acid, 
describe how you would prepare magnesium oxide. 
[Hint: First convert Mg to MgNO3. Next, MgO can be 
obtained by heating Mg(NO3)9.] 

20.40 Describe two ways of preparing magnesium chloride. 

20.41 The second ionization energy of magnesium is only 
about twice as great as the first, but the third ionization 
energy is 10 times as great. Why does it take so much 
More energy to remove the third electron? 

20.42 Helium contains the same number of electrons in its 
Outer shell as do the alkaline earth metals. Explain why 
helium is inert whereas the Group 2A metals are not. 

20.43 List the sulfates of the Group 2A metals in order of 
increasing solubility in water. Explain the trend. (Hint: 
You need to consult a chemistry handbook.) 


EXERCISES 843 


20.44 When exposed to air, calcium first forms calcium oxide, 
which is then converted to calcium hydroxide, and fi- 
nally to calcium carbonate. Write a balanced equation 
for each step. 

20.45 Write chemical formulas for (a) quicklime, (b) slaked 
lime, (c) lime water. 

20.46 How would you prepare the following compounds? (a) 
BaO, (b) Ba(OH)2, (c) BaCO3, (d) BaSO,4 

20.47 Barium ions are toxic. Which of the following barium 
salts is more harmful if ingested: BaCl, or BaSO4? Ex- 
plain. 


ALUMINUM 
PROBLEMS 


20.48 Describe the Hall process for preparing aluminum. 

20.49 How long (in hours) will it take to deposit 664 g of Alin 
the Hall process with a current of 32.6 amp? 

20.50 Before Hall invented his electrolytic process, aluminum 
was produced by reduction of its chloride with an active 
metal. Which metals would you use for the production 
of aluminum in that way? 

20.51 The overall reaction for the electrolytic production of 
aluminum in the Hall process may be represented as 


Al,03(s) + 3C(s) —> 2Al(/) + 3CO(g) 


At 1000°C, the standard free-energy change for this 
process is 594 kJ. (a) Calculate the minimum voltage 
required to produce | mole of aluminum at this tempera- 
ture. (b) If the actual voltage applied is exactly three 
times the ideal value, calculate the energy required to 
produce 1.00 kg of the metal. 

20.52 Aluminum does not rust as iron does, Why? 

20.53 Aluminum forms the complex ions AlCl, and AIF”. 
Describe the shapes of these ions. AICI2~ does not 
form. Why? (Hint: Consider the relative sizes of APT, 
F-, and Cl ions.) 

20.54 In basic solution aluminum metal is a strong reducing 
agent, being oxidized to AIO . Give balanced equations 
for the reaction of Al in basic solution with the follow- 
ing: (a) NaNO, to give ammonia; (b) water, to give 
hydrogen; (c) Na,SnO3, to give metallic tin. 

20.55 Write a balanced equation for the thermal decomposi- 
tion of aluminum nitrate to form aluminum oxide, nitro- 
gen dioxide, and oxygen gas. 

20.56 Describe some important properties of aluminum that 
make it one of the most versatile metals known. 

20.57 Starting with aluminum, describe with balanced equa- 
tions how you would prepare (a) Al,Clg, (b) AlOs, (c) 
Al,(SOq4)3, (d) NH4Al(SOq)2 - 12H20. 

20.58 The pressure of gaseous Al,Cl¢ increases more rapidly 
with temperature than that predicted by the ideal gas 
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equation (PV = nRT) even though AlCl, behaves like 
an ideal gas. Explain. 

20.59 Explain the change in bonding when Al,Cl, dissociates 
to form AICI, in the gas phase. 


TIN AND LEAD 


PROBLEMS 


20.60 How are tin and lead prepared commercially? 

20.61 Briefly describe the change in chemical properties as we 
move down in Group 4A from carbon to lead. 

20.62 Use the compounds of tin and lead to illustrate what is 
meant by the inert pair effect. 

20.63 Define the following alloys: solder, bronze, pewter. 

20.64 Tin(II) chloride is a reducing agent. Write balanced 
ionic equations for the reaction between Sn2* and (a) 
acidified permanganate solution, (b) acidified dichro- 
mate solution, (c) Fe** ions, (d) Hg?* ions, (e) Hg3* 
ions. 

20.65 A 0.753-g sample of bronze dissolves in nitric acid and 
gives 0.171 g of SnO>. Calculate the percent by mass of 
tin in the bronze. 

20.66 Near room temperature tin exists in two allotropic forms 
called white tin and gray tin. White tin has a close- 
packed structure and is stable above 13°C; and gray tin, 
which has a diamond structure, is stable below this tem- 
perature. (a) Predict which of the two allotropic forms 
has a greater density. (b) Predict which of the two allo- 
tropic forms is a better conductor of electricity. (c) The 
standard entropies of gray tin and white tin at 13°C 
are 44.4 J/K-mol and 53.6 J/K- mol, respectively. 
Calculate the enthalpy change for the reaction 
Sn(gray) ——> Sn(white) at this temperature. 

20.67 Explain why Pb(II) compounds are usually ionic and 
Pb(IV) compounds are covalent. 

20.68 Oil paintings containing lead(II) compounds as constitu- 
ents of their pigments darken over the years. Suggest a 
chemical reason for the color change. 

20.69 Despite the known hazards of lead, lead pipes are still in 
use in many places. In such places it is safer to drink 
water that contains carbonate ions than water without 
carbonate ions. Why? 


ZINC, CADMIUM, AND MERCURY 
PROBLEMS 


20.70 How are zinc, cadmium, and mercury obtained com- 
mercially? 

20.71 Although zinc is not a toxic substance, water running 
through galvanized pipes often picks up substantial 
amounts of a toxic metal ion. Suggest what this metal 
ion might be. 


20.72 


20.73 


20.74 


20.75 
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Starting with zinc, describe how you would prepare (a) 
ZnO, (b) Zn(OH)2, (c) ZnCO3, (d) 29S, (e) ZnCl, 
Describe a method, giving equations, fo: ‘he removal of 
mercury from a solution of Cd(NO3)) #01 Hgo(NO3)., 
Look up the melting points of the follow:ag compounds 
in a handbook: HgF>, HgCl,, HgBry. and Hgl>. What 


can you deduce about the bonding in + 
The ingestion of a very small quantity « 
considered too harmful. Would this sta 
if the gastric juice in your stomach w: 
acid instead of hydrochloric acid? 


> compounds? 
vercury is not 
nent still hold 
mostly nitric 


20.76 Given that 

2Hg?* (aq) + 2e~ —> Hg3*(aq) = 0.92 V 
Hg3* (aq) + 2e- —> 2Hg(/) = 0.85 V 
calculate AG° and K for the disproportionation at 25°C: 
Hg3*(aq) —> Hg?* (aq) + Fa(1) 

MISCELLANEOUS PROBLEMS 

20.77 The quantity of 1.164 g of a certain m sulfide was 
roasted in air. As a result, 0.972 g of ie metal oxide 
was formed. If the oxidation number of th metal is +2, 
calculate the molar mass of the metal 

20.78 Referring to Figure 20.6, would you expect H,O and 
H* to be reduced at the cathode and H>© »»idized at the 
anode? 

20.79 A 0.450-g sample of steel contains marwanese as an 
impurity. The sample is dissolved in acidic solution and 
the manganese is oxidized to the permanganate ion 
MnO, .. The MnO; ion is reduced to Mn‘ by reacting 
with 50.0 mL of 0.0800 N FeSO, solution. The excess 
Fe** ions are then oxidized to Fe>* by 22.4 mL of 
0.0600 N K>Cr30;. Calculate the percent by mass of 
manganese in the sample. 

20.80 Given that AG?(Fe,03) = —741.0 kJ/mol and _ that 
AG?(HgS) = —48.8 kJ/mol, calculate AG® for the fol- 
lowing reactions at 25°C: 

(a) HgS(s) —+ Hg(l) + S(s) 
(b) 2Fe,03(s) —+ 4Fe(s) + 302(g) 
(c) 2Al,03(s) —> 4Al(s) + 302(g) 

20.81 When an inert atmosphere is needed in a metallurgical 
Process, nitrogen is frequently used. However, in the 
reduction of TiCl, by magnesium, helium is used. Ex- 
plain why nitrogen is not suitable for this process. 

20.82 Describe, with examples, the diagonal relationship be- 
‘ween lithium and magnesium and between beryllium 
and aluminum. 

20.83 Explain what is meant by amphoterism. Use compounds 


20.84 


of beryllium and aluminum as examples. 
Explain each of the following statements: (a) An aque- 
ous solution of AICI; is acidic. (b) Al(OH), is soluble in 


20.85 


20.86 


NaOH solutions but not in NH; solution. (c) The melt- 
Sn is lower than that of C. (d) Pb?* is a 


ing point oi 

weaker reducing agent than Sn?*. 

It has been shown that Nay species are formed in the 
vapor phase. Describe the formation of the “‘disodium 
molecule’’ .. terms of a molecular orbital energy level 
diagram. “ould you expect the alkaline earth metals to 
exhibit a similar property? 

Write balanced equations for the following reactions: (a) 
the heating of aluminum carbonate; (b) the hydrolysis of 
the Be(H.0)}* ion (the complex ion formed is 
[Be(H,Q)..OH)]*); (c) the reaction between lead(II) 
oxide and molecular hydrogen; (d) the reaction between 
AICI, anc “; (e) the reaction between Sn and hot con- 
centrated }',SO,; (f) the reaction between NaCO; and 


Ca(OH)» 
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20.90 
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What reagents would you employ to separate the fol- 
lowing pairs of ions in solution? (a) Na* and Ba?*, (b) 
Mg?* and Pb?*, (c) Zn?* and Hg?* 

Write balanced equations for the following reactions: (a) 
calcium oxide and dilute HCI solution; (b) a solution 
containing ammonium ions with Ba(OH),; (c) a solution 
containing Pb?* ion and H)S gas. 

Explain the following statements: (a) An aqueous solu- 
tion of aluminum chloride has a pH less than 7. (b) 
Molten beryllium chloride is a poor conductor of elec- 
tricity. (c) Mercury(ID) iodide, an insoluble compound, 
is soluble in a solution containing iodide ions. 
Compare the properties (such as bonding, structure, and 
acid—base character) of the following Group 4A oxides: 
CO>, SiO, SnOz, PbO>. 
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848 21 / NONMETALLIC ELEMENTS AND THEIR COMPOUNDS 


n this chapter we continue our survey of the elements by concentrating on the son- 
metals. Again the emphasis will be on important chemical properties and the ro‘es of 
nonmetals and their compounds in industrial, chemical, and biological process: 


21.1 General Properties of Nonmetallic Elements 


Properties of nonmetals are more varied than those of metals. A number of nonmetals 
are gases in the elemental state: hydrogen, oxygen, nitrogen, fluorine chlorine, and 
the noble gases. Only one, bromine, is a liquid. All the remaining noniietals are solids 
at room temperature. Unlike metals, nonmetallic elements are poor conductors of heat 
and electricity, and many of their compounds exhibit both positive and n= gative oxida- 


tion numbers. 
A small group of elements have properties characteristic of both metals and non- 


metals. These elements are called metalloids (see Figure 1.5). As we s«vv in Section 
20.3, some of the metalloids, such as boron, silicon, germanium, ai arsenic, are 
semiconducting elements. 

Nonmetals are more electronegative than metals. The electronegativiiy of elements 
increases from left to right across any period and from bottom to top in say group in 
the periodic table (see Figure 8.8). The locations of the nonmetals in the periodic table 
are consistent with these trends. With the exception of hydrogen, the « nmetals are 
concentrated in the upper right-hand corner of the periodic table (Figure 21.1). Com- 
pounds formed between metals and nonmetals often tend to be ionic, haying a metallic 


cation and a nonmetallic anion. 


FIGURE 21.1 Representative nonmetallic elements according to their positions in the periodic table. The metalloids are shown in 
yellow. 


21.2 HYDROGEN 


In this chapter we discuss the chemistry of a number of common and important 
nonmetallic elersents: hydrogen, Group 3A (boron), Group 4A (carbon and silicon), 
Group 5A (nitrozen and phosphorus), Group 6A (oxygen and sulfur), Group 7A (fluo- 
tine, chlorine, *yomine, and iodine), and Group 8A (helium, neon, argon, krypton, 


xenon, and rac 


21.2 Hydreseca 


Hydrogen is ff simplest element known—its most common atomic form contains 
only one proto snd one electron. In the atomic state hydrogen tends to combine in an 
exothermic reaction that results in molecular hydrogen: 


H(g) + H(g) —> H,(g) AH® = —436.4 kJ 


Molecular hydogen is a colorless, odorless, and nonpoisonous gas that boils at 
—252.9°C (20.3 K). 

Hydrogen is ‘he most abundant element in the universe, accounting for about 70 
percent of the sniverse’s total mass. It is the third most abundant element in Earth’s 
crust (see Figur: 7.28). Unlike Jupiter and Saturn, Earth does not have a strong enough 
gravitational p»'! to retain the lightweight Hy molecules, so hydrogen is not found in 
our atmosph 

We saw i \apter 7 that there is no totally suitable position for hydrogen in the 
periodic table. {he electron configuration of H is 1s!. It resembles the alkali metals in 
one respect— i! can be oxidized to the H* ion, which exists in aqueous solutions in the 
hydrated form. On the other hand, hydrogen can be reduced to the hydride ion, H’, 
which is isoe!-ctronic with helium (1s?). Hydrogen resembles the halogens in that it 
forms the uninegative ion. Hydrogen forms a large number of covalent compounds. It 


also takes pari in hydrogen bond formation (see Section 10.2). We will discuss the 
properties of some of hydrogen’s compounds shortly. 

Hydrogen gas plays an important role in industrial processes, and for this reason a 
number of methods have been developed for preparing it commercially. In one method 
Steam is passed over heated iron: 


3Fe(s) + 4H,0(g) > FexOu(s) + 4Ho(g) 


In another, steam is passed over a bed of red-hot coke: 


C(s) + HO(g) > CO(g) + Hale) 


The mixture of carbon monoxide and hydrogen gas produced in this reaction is com- 
monly known as water gas. Because both CO and H; burn in air, water gas was used as 
a fuel for many years. But since CO is poisonous, water gas has been replaced by 
Natural gases, such as methane and propane. 

Two other major industrial sources of hydrogen gas are th 
Pane and steam in the presence of a catalyst: 


e reaction between pro- 


CsHa(g) + 3H20(g) > 3CO(g) + 7H2(8) 


and the thermal decomposition of some hydrocarbons, for example 


CcHia(g) 29 CoHle(g) + 4H2(s) 
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Both of these processes 
involve the reduction of H,0 to 
Hy. 
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These reactions are too violent 
to be suitable for the 
laboratory preparation of 
hydrogen gas. 
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FIGURE 21.2 Apparatus for the laboratory preparation of hydrogen gas. The «sis collected 
over water as in the case of oxygen gas (see Figure 5.15). 


Small quantities of hydrogen gas can be prepared conveniently in the | oratory by 
the reaction of zinc with dilute hydrochloric acid (Figure 21.2): 


Zn(s) + 2HCl(aq) —> ZnCl(aqg) + H2(g) 


Hydrogen gas is also produced by the reaction between an alkali metal «» «n alkaline 
earth metal (Ca or Ba) and water: 


2Na(s) + 2H,O(1) —> 2NaOH(aq) + H2(g) 
Ca(s) + 2H,0(/) —+ Ca(OH) (aq) + H2(g) 
Very pure hydrogen gas can be obtained by the electrolysis of water (see p. 788). 


Binary Hydrides 


Binary hydrides are compounds containing hydrogen and another element, either a 
metal or a nonmetal. Depending on structure and properties, these hydrides can be 
broadly divided into three types: (1) ionic hydrides, (2) covalent hydrides, and (3) in- 
terstitial hydrides. 


tonic Hydrides. Jonic hydrides are formed when molecular hydrogen combines 
directly with any alkali metal or with some of the alkaline earth metals (Ca, Sr, and 
Ba): 


2Li(s) + H2(g) —> 2LiH(s) 
Ca(s) + H2(g) —+ CaH;(s) 


All ionic hydrides are solids that have the high melting points characteristic of ionic 
compounds. The anion in these compounds is the hydride ion, H~, which is a very 
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strong Brgnstes —.owry base. It readily accepts a proton from a proton donor such as 
water: 
H (aq) + H2,0() —> OH (aq) + H2(g) 


As aresult of » ir high reactivity with water, ionic hydrides are frequently used to 
remove traces .. water from organic solvents. 


Covalent Hy’) “es. In covalent hydrides the hydrogen atom is covalently bonded to 
the atom of ano vcr element. There are two types of covalent hydrides—those contain- 
ing discrete mo'ecular units, such as CH4 and NH3, and those having complex poly- 
meric structure such as (BeH>), and (AIH3),, where x is a very large number. This is an example of the 
Figure 21.’ «hows the binary ionic and covalent hydrides of the representative diagonal relationship between 
é Z : rides Be and Al (see p. 288). 
elements. The . )ysical and chemical properties of these compounds change from ionic 
to covalent ac a given period. Consider, for example, the hydrides of the second- 


period eleme: 
LiH BeH, BoH6 CH, NH; H,O HF 


LiH is an ionic ~ompound with a high melting point (680°C). The structure of BeH, (in 
the solid state’ . that of a polymer; it is a covalent compound. The molecules B2Hg and 


CH, are non; In contrast, NH;, HO, and HF are all polar molecules in which the 
hydrogen ato: the positive end of the polar bond. Of this group of hydrides (NH3, 
H,O, and H!. only HF is acidic in water. 

As we mo. down any group in Figure 21.3, for example, Group 2A, the com- 
pounds chany:* :rom covalent (BeH2 and MgHz) to ionic (CaH, StH, and BaH)), as 
might be exp ‘ed from the increase in metallic character as we go down any group in 


the periodic tante. 


Discrete 
molecular units 


Polymeric structure; 
covalent compound 


Tonic compound 


FIGURE 21.3 Binary hydrides of the representative elements. In cases in which hydrogen forms more than one compound with the 
Same element, only the formula of the simplest hydride is shown. The properties of many of the transition metal hydrides are not well 
Characterized. 


852 


These compounds are 
sometimes called 
nonstoichiometric compounds. 
Note that they do not obey the 
law of definite proportion (see 
Section 2.7). 


The {i isotope is also called 
protium. Hydrogen is the only 
element whose isotopes are 
given different names. 
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Interstitial Hydrides. Molecular hydrogen forms a number of hydrides with transi- 
tion metals. In some of these compounds, the ratio of hydrogen atoms to metal atoms is 
not a constant. Such compounds are called interstitial hydrides. For example, depend- 
ing on conditions, the formula for titanium hydride can vary between TiH, ¢ and TiH,, 

Many of the interstitial hydrides retain metallic properties such as electrical condue- 


tivity. Yet it is known that hydrogen is definitely bonded to the metal in these com- 
pounds, although the exact nature of bonding is often not clear. 
A particularly interesting reaction is that between H> and palladium (Pd). Hydrogen 


gas is readily adsorbed onto the surface of the palladium metal, which ‘ dissociates 
into atomic hydrogen. The H atoms then ‘‘dissolve’’ into the metal. On heating and 
under the pressure of H> gas on one side of the metal, these atoms diffuse through the 
metal and recombine to form molecular hydrogen, which emerges as the gas from the 
other side. Because no other gas behaves in this way with palladium, this process has 
been used to separate hydrogen gas from other gases. 


Isotopes of Hydrogen 


Hydrogen has three isotopes: }H (hydrogen), 7H (deuterium, symbol D). and 7H (trit- 


ium, symbol T). The natural abundances of the stable hydrogen isotopes are: hydro- 
gen, 99.985 percent; and deuterium, 0.015 percent. Tritium is a radioactive isotope 
with a half-life of about 12.5 years. 

Table 21.1 compares some of the common properties of HjO with those of D,0. 
Deuterium oxide, or heavy water as it is commonly called, is used in some nuclear 
reactors as a coolant and a moderator of nuclear reactions (see Chapter 25}. DO can be 


separated from H,0O by fractional distillation because H2O boils at a lowes temperature, 
as Table 21.1 shows. Another technique for its separation is electrolysis of water. 
Since H gas is formed about eight times as fast as D2 during electrolysis, the water 
remaining in the electrolytic cell becomes progressively enriched with |),O. Interest- 
ingly, the Dead Sea, which for thousands of years has entrapped water that has no 
outlets other than through evaporation, has a higher [D0]/[H2O] ratio than water 
found elsewhere. 

Although DO chemically resembles HO in all respects, it is a toxic substance. 
This is so because deuterium is heavier than hydrogen; thus, its compounds often react 
more slowly than those of the lighter isotope. Regular drinking of DO instead of H,0 
could prove fatal because of the slower rate of transfer of D* compared to that of H* in 
the acid—base reactions involved in enzyme catalysis. This kinetic isotope effect is also 


manifest in acid ionization constants. For example, the ionization constant of acetic 
acid 


TABLE 21.1 Properties of H,0 and D0 


Property H30 D20 
Molar mass (g/mol) 18.0 20.0 
Melting point (°C) 0 3.8 
Boiling point (°C) 100 101.4 
Density at 4°C (g/cm>) 1.000 1.108 
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CH,COOH(ag) === CH3COO™(aq) + H* (ag) Ky = 1.8 x 10° 
is about three ves as large as that of deuterated acetic acid: 


CH OOD(aq) == CH3COO (aq) + D*(aq) K, =6 x 10°° 


Hydrogenal 


Hydrogenation \» the addition of hydrogen to compounds containing multiple bonds, 
especially C= and C=C bonds. In Section 13.5 we saw that hydrogenation is an 


important proc in food industry. 


The Hydrog:: Kconomy 


The world’s fos! fuel reserve is being depleted at an alarmingly fast rate. Faced with 
this dilemma, «cientists have made intensive efforts in recent years to develop a 
method of obt«.:ing hydrogen gas as an alternate energy source. Hydrogen gas could 


) power automobiles (after considerable modification of the engine, 


replace gasoli 
sed with oxygen gas in fuel cells to generate electricity (see p. 780). 


of course) or | 


One major ad tage of using hydrogen gas in these ways is that the reactions are 
essentially free »/ pollutants; the end product formed in a hydrogen-powered engine or 
in a fuel cel iid be water, just as in the burning of hydrogen gas in air: 


2H2(g) + O2(g) —> 2H20() 


Of course, the potential success of a so-called hydrogen economy would depend on 
how cheaply we could produce hydrogen gas and how easily we could store it. 
As you know, hydrogen gas can be obtained from water by electrolysis, but this 


method consumes too much energy. A more attractive approach, which is currently in 


the early stages of development, is to use solar energy to “‘split’? water molecules. In 
ining one or more transition metal 


this scheme a cavalyst (a complex molecule conta’ a 
atoms, such as ruthenium) absorbs a photon from solar radiation and becomes energeti- 
cally excited. {n its excited state the catalyst is capable of reducing water to molecular 
hydrogen 


a chemical rather than a photon-induced 


In another scheme, which is based on : 
rmochemical water- 


reaction, both hydrogen and oxygen gas can be produced in a the! 
splitting cycle. Consider the following sequence of reactions: 


CaBr,(s) + HO(g) +> CaO(s) + 2HBr(g) 


He(/) + 2HBr(g) +> HgBro(s) + Hots) 
HgBr,(s) + CaO(s) —> HgO(s) + CaBr2(s) 


HgO(s) Bs Hg(l) + 302(g) 


>> of reactions 1 mole of H,O molecules is converted to 


As you can see, in this ‘‘cycle 
e other starting compounds (CaBro, Hg, 


| mole of Hs and 4 mole of O> molecules; thi | 
and HgBr5) are regenerated at the end of the cycle so that they can be used again. 
_ Some of the interstitial hydrides we have discussed are suitable candidates for stor- 
'ng hydrogen gas. The reactions that form these hydrides are usually reversible, so 
hydrogen gas can be obtained simply by reducing the pressure of the hydrogen gas 
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The total volume of ocean 
water is about 1 x 107! L. Thus, 
the ocean contains an almost 
inexhaustible supply of 
hydrogen. 
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FIGURE 21.4 Borax (Na2B,07° 
10H>0). 


FIGURE 21.5 The basic unit in 
elemental boron is an icosa- 
hedron. The boron-to-boron 
bond is not the conventional two- 
electron pair discussed in Chap- 
ter 8. 


FIGURE 21.6 Three-centermo- 
lecular orbitals in diborane. 
Each molecular orbital is formed 
by the overlap of the sp? hybrid 
orbitals of boron and the Is or- 
bital of hydrogen. No more than 
two electrons can be placed in 
each molecular orbital. 
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above the metal. The advantages of using interstitial hydrides are as fo! 


metals have a high capacity to take up hydrogen gas—sometimes up | 
many hydrogen atoms as there are metal atoms; and (2) because th 
solids, they can be stored and transported more easily than gases 01 


21.3 Boron 


Since boron has semimetallic properties, it is classified as a metal! 
element, constituting less than 0.0003 percent of Earth’s crust by n 
does not occur in nature; it exists in the form of oxygen compound: 
compounds are borax, Na2B4O7 - 10H2O (Figure 21.4); orthoboric a: 
kernite, NaB4O7 - 4H2O. Elemental boron, a transparent, crystalline 
almost as hard as diamond (see Figure 7.21), can be prepared by reduc 
with magnesium powder: 


B,0;(s) + 3Mg(s) > 2B(s) + 3MgO(s) 


Boron is unique among the elements due to the structural complexi 
tal forms. The basic structural unit is an icosahedron, which is a th 


network having 20 equal faces (Figure 21.5). The B atoms occupy the | 


icosahedron. Each B atom is bonded to five other B atoms within the 
a sixth B atom outside the icosahedron. 

A binary compound formed by boron and hydrogen is called a bor: 
number of boranes, the simplest and most important of which is dibora 


has been a great deal of interest in the bonding scheme of this molecu! 
electron configuration of boron is 1s?2s?2p', there is a total of 12 vale) 
diborane (three for each boron atom and six for the hydrogen atoms). T! 


is impossible to represent diborane as 


H H 
I 
H—B—B—H 
[a] 
H H 


»ws: (1) many 
hree times as 
hydrides are 
uids. 


. It is a rare 
Pure boron 
me of these 
H3BOs; and 
tance that is 
boron oxide 


its elemen- 
\imensional 
rners of the 
ture and to 


There are a 
»Hg. There 
secause the 
Jectrons in 
veans that it 


because this structure would require 14 valence electrons (each of the seven covalent 
bonds would be made up of two electrons). Measurements have shown that there are 
actually two types of H atoms in diborane, in the ratio of 4:2. In the simple molecular 
orbital description, each B atom is assumed to be sp>-hybridized. Four of the six H 
atoms are bonded to borons by sigma bonds. The other two are held together by 
three-center molecular orbitals (Figure 21.6). Each of the three-center bonds extends 
over three atoms: the two boron atoms and a bridging hydrogen atom. 
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: bond is not restricted to diborane. Bridging hydrogen atoms are 
‘ver boranes, such as BsHg and BgHjo (Figure 21.7). Because of their 
bustion 


The three-ce 
present also in | 
high heats of ¢ 
AH® = —2137.7 kJ 


BoH..) + 302(g) —> B203(s) + 3H20(/) 


once considered for use as high-energy fuels for jet engines and 
‘hese compounds are expensive to prepare and difficult to store, so 
idoned. 
les (BF3, BCl;, BBr3, and BI,) are another series of interesting 
. they have planar structures (see Section 9.2), the boron atom in 
© be sp*-hybridized (Figure 21.8). The unhybridized 2p, orbital is 
cept a pair of electrons from another molecule to form an addition 


the boranes w« 
rockets. Howe 
the idea was a 
The boron 
compounds. S 
each is assum: 
vacant and ca 
compound: 


BF, + NH; —> F;B—NH3 


‘ron atom is sp*-hybridized and the octet rule is satisfied for boron. 
pe acid—base reaction as discussed in Section 15.7. 

tant oxide of boron is boron oxide, B20. Prepared by heating boric 

- is used in the production of boron, in heat-resistant glassware, in 
vents, and in herbicides. Like most other nonmetallic oxides, it is 
15.5). When dissolved in water, it yields boric acid: 


As a result, th 
This is a Lev 
The only i 
acid, boron « 
electronic co: 
acidic (see Fi 


B,0;(s) + 3H,0() —> 2B(OH)3(aq) 


ly soluble in water. Boric acid, which is often written as H3BOs3, is 
\oprotic acid (Figure 21.9). It behaves as a Lewis acid by accepting a 
from the hydroxide ion, which originates from the HO molecule: 


which is mod 
a very weak, 
pair of electr: 


K, = 7.3 x 10° 


B(OH -.ug) + H,O(2) == B(OH); (aq) + H*(aq) 


Its weak acid «‘rength and antiseptic properties make boric acid a suitable eyewash. 
Industrially, boric acid is used to make heat-resistant glass, called borosilicate glass. 

Finally, we pote that boron exemplifies the diagonal relationship between elements 
in the periodic table. The chemistry of boron resembles that of silicon in several ways: 


Ground em | 
2s 2p 
Promotion 


ale LI] 


state 


of electron 


sp? Orbitals 


orbital can accept a pair 


FIGURE 21.8 The sp? hybridization of a boron atom. The vacant 2P- 
of electrons from a donor atom. 
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Bg Hyo 
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FIGURE 21.7 Structures of 
BsHo and BeH jo. 


Pyrex glass is made of 
borosilicate glass. 
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@ Oxygen 


© Hydrogen 


FIGURE 21.9 Layer structure 
of boric acid. Dotted lines denote 
the hydrogen bonds. 
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® The oxides BO; and SiO, are both acidic; they form the oxoacids H3BO; and 
H2SiO3. 

® Both boron and silicon form a series of complex hydrides. 

® They form metallic borides and silicides, which react with hydrochloric acid to 
give boron hydrides and silicon hydrides, respectively. 

® Boron and silicon form similar glassy materials. 


21.4 Carbon and Silicon 
Carbon 


Although it constitutes only about 0.09 percent by mass of Earth’s crust, carbon is an 


essential element of living matter. It is found free in the form of diamond and graphite 
(see Figure 7.22) and also occurs in natural gas, petroleum, and coal. (Coc/ is a natural 
dark brown to black solid used as a fuel; it is formed from fossilized plants and consists 
of amorphous carbon with various organic and some inorganic compounds.) Carbon 
combines with oxygen to form carbon dioxide in the atmosphere and occui"s as carbon- 
ate in limestone and chalk. 

Diamond and graphite are allotropes of carbon (see Figure 2.17). Vigure 21.10 
shows the phase diagram of carbon. Although graphite is the stable form of carbon at 


1 atm and 25°C, owners of diamond jewelry need not be alarmed, for the rate of the 
spontaneous process 


C(diamond) —> C(graphite) AG° = —2.87 kJ 


is extremely slow. Millions of years may pass before a diamond turns fo graphite. 

Synthetic diamond can be prepared from graphite by applying very hizh pressures 
and temperatures. Figure 21.11 shows a synthetic diamond and its starting material, 
graphite. Synthetic diamonds generally lack the optical properties of natura! diamonds. 
They are useful, however, as abrasives and in cutting concrete and many other hard 
substances, including metals and alloys. The uses of graphite are described on p. 74. 

Carbon combines with hydrogen to form a very large number of compounds called 
hydrocarbons. The chemistry of hydrocarbons is discussed in Chapter 23. 


FIGURE 21.10 Phase diagram of carbon. Note that under atmospheric conditions, graphite is 
the stable form of carbon. 
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FIGURE 21.11 nthetic diamond and the starting material—graphite. 


oe 
Carbides and ©yanides. Carbon combines with metals to form a number of ionic 


compounds calle: carbides, in which carbon is in the form of C3~ or C*~ ions. Two 
examples are Ca, and BeC. These ions are strong Broénsted—Lowry bases and react 
with water as follows: 


C3-(aq) + 2H;0() —> 20H (aq) + CHo(g) 


c* (aq) + 4H2,0()) — 40H (aq) + CH,(g) 


Carbon also forms a covalent compound with silicon. Silicon carbide, SiC, is called 


carbor' a4 
borundum and is prepared as follows: 


SiO,(s) + 3C(s) +> SiC(s) + 2COL8) 


The compound is also formed by heating silicon with carbon at 1500°C. Carborundum 
nd structure; each carbon atom is 


i amt as hard as diamond and has the diamo 
etrahedrally bonded to four Si atoms, and vice versa. It is used mainly for cutting, 
grinding, and polishing metals and glasses. 

PF - chealaasie class of carbon compounds consists 
€ anion group : C==N : ~. Cyanide ions are extremely toxic because they bind 
almost irreversibly to the Fe(III) ion in cytochrome oxidase, a key enzyme in metabolic 
Processes. Hydrogen cyanide, which has the aroma of bitter almonds, is even more 
Plas because of its volatility (b.p. 26°C). A few tenths of 1 percent by volume of 
yolk air can cause death within minutes. Hydrogen cyanide can be prepared by 

g sodium cyanide or potassium cyanide with acid: 
NaCN(s) + HCl(aq) —? NaCl(aq) + HCN(aq) 


Because HCN (in solution, called hydrocyanic acid) is a very weak acid (K, = 4.9 X 


~1¢ oe 
* ’), most of the HCN produced in this reaction is in the nonionized form and leaves 
€ solution as hydrogen cyanide gas. For this reason acids should never be mixed with 
ilation. 


mete ani ; 
tal cyanides in the laboratory without proper vent 


of the cyanides, which con- 
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HCN is the gas used in gas 
execution chambers. 
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FIGURE 21.12 A cyanide pond for 
extracting gold. 


Cyanide ions are used to extract gold and silver from their ores. 7 metals are 
usually found in the uncombined state in nature. In other metal ores r and gold 
may be present in relatively small concentrations and are more difficul! » extract. Ina 
typical process, the crushed ore is treated with an aqueous cyanide «tion in the 
presence of air to dissolve the gold by forming the soluble complex io | Au(CN)s]": 

4Au(s) + 8CN” (aq) + O2(g) + 2H20(2) —> 4[Au(CN)s}-(aq) + 40°! (aq) 
The complex ion [Au(CN),]~ is separated from other insoluble materia!» by filtration 
(accompanied by a suitable cation such as Na‘) and treated with an ¢ ctropositive 


metal such as zinc to recover the gold: 

Zn(s) + 2[Au(CN)2]~ (aq) —> [Zn(CN)4]?~(aq) + 2Au(s) 
Figure 21.12 shows an aerial view of a ‘‘cyanide pond”’ used for the extraction of gold. 
Oxides of Carbon. Of the several oxides of carbon, the most important are carbon 


monoxide, CO, and carbon dioxide, CO . Carbon monoxide is a colorless, odorless 
gas formed by the incomplete combustion of carbon or carbon-containing compounds: 


2C(s) + O2(g) —> 2CO(g) 
Industrially, CO is prepared by passing steam over heated coke. Carbon monoxide 
burns readily in oxygen to form carbon dioxide: 
2CO(g) + O2(g) —> 2CO,(g) AH® = —566 kJ 


Carbon monoxide is not an acidic oxide (it differs from carbon dioxide in that regard) 
and is only slightly soluble in water. 

Although CO is relatively unreactive, it is a very poisonous gas because it has the 
unusual ability to bind very strongly to hemoglobin, the oxygen carrier in blood. Both 
molecular oxygen and carbon monoxide bind to the Fe(II) ion in hemoglobin. Unfortu- 
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of hemoglobin for CO is about 200 times greater than that for Oz. 
cules with tightly bound CO (called carboxyhemoglobin) cannot 
~eded for metabolic processes. A small amount of carbon monoxide 
drowsiness and headache; death may result when about half the 
hemoglobin mo: ules are complexed with CO. The best first-aid response to carbon 
monoxide pois” ‘ng is to remove the victim immediately to an atmosphere with a 
plentiful oxyg: ipply or to give mouth-to-mouth resuscitation. 

le is a major air pollutant. In cities with heavy automobile traffic, 
CO in air is about 40 ppm by volume, approximately 95 percent of 
tomobile exhaust. Note also that the concentration of carboxyhemo- 
id of people who smoke is two to five times higher than that in 


nately, the affir 
Hemoglobin m: 
carry the oxyge 
intake can cal 


Carbon mo! 
the concentrat 
which is due 
globin in the 


nonsmokers. 

Carbon dic is produced when any form of carbon or carbon-containing com- 
pounds are bu ved in an excess of oxygen. Many carbonates give off CO, when 
heated, and al! «ive off CO, when treated with acid: 

CaCO,(s) 4 CaO(s) + CO2(g) 
‘O,(s) + 2HCKag) ——> CaCh(aq) + H,O(1) + CO2(g) 
Carbon dioxix also a by-product of the fermentation of sugar: 
CoH 20¢aq) 2s 2C;H;0H(aq) + 2CO2(s) 
glucose ethanol 
and an end p ct of metabolism in animals: 


C6H206(aq). + 602(g) —> 6CO(g) + 6H20(/) 


Carbon dioyide is a colorless and odorless gas. Unlike carbon monoxide, CO, is 


nontoxic. It is an acidic oxide: 
CO,(g) + H20(!) == H2CO3(a9) 


(The reaction between CO, and H2O to form carbonic acid is an example of a Lewis 


acid—base reaction discussed on p. 636.) : 
Carbon dioxide is used in beverages, in fire extinguishers, and in the manufacture of 


baking soda, N aHCO3, and soda ash, NagCO3. Solid carbon dioxide, called Dry Ice, is 
used as a refrigerant (see Figure 10.49). Dry Ice is also used in cloud seeding to induce 
tain (see p. 439), 


cycle in our global ecosystem. 
here is an essential part of the 
s conducted by plants and 


The Carbon Cycle. Figure 21.13 shows the carbon 
The transfer of carbon dioxide to and from the atmosp! 
carbon cycle, which begins with the process of photosynthesi 


certain microorganisms: 
6CO, + 6H,0 —> CéHi0s+ 602 AG?= 2862 kJ 

Carbohydrates and other complex carbon-containing molecules are consumed by ani- 
mals, which respire and release CO>. After plants and animals die, they are decom- 
Posed by microorganisms in the soil; the carbon in their tissues is oxidized to CO, and 
Teturns to the atmosphere. In addition, there is a dynamic equilibrium between atmos- 
Pheric CO, and carbonates in the oceans and lakes. Two other major sources of CO2 
Production are volcanoes and combustion in homes and factories. 
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The abbreviation ppm means 
“parts per million.” 


Carbon dioxide is suffocating 
but not toxic. 


This reaction is not 
spontaneous and requires 
radiant energy (visible light). 
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FIGURE 21.13 The carbon cycle begins with the fixation of atmospheric carbon dioxide by the process of photosynthesis, con- 
ducted by plants and microorganisms. In this process carbon dioxide and water react to form carbohydrates; the reaction simultane- 
ously releases molecular oxygen. Some of the carbohydrates are consumed directly by the plant for energy; the carbon dioxide so 
generated is released either through the plant’s leaves or through its roots. Part of the carbon fixed by plants is consumed by 
animals, which respire carbon dioxide. Plants and animals die and ultimately are decomposed by microorganisms in the soil; the 
carbon in their tissues is oxidized to carbon dioxide and returns to the atmosphere. The widths of the pathways shown are roughly 
proportional to the quantities involved. A similar carbon cycle takes place within the sea. 


The following Chemistry in Action sections deal respectively with use of coal asa 
fuel source and the role of carbon dioxide in controlling our climate. 


CHEMISTRY IN ACTION 


SYNTHETIC GAS FROM COAL 


| 


The very existence of our technological society de- ergy! At present, the two major sources of energy are 
pends on an abundant supply of energy. Although the _ fossil fuels and nuclear fission (discussed in Chapters 
United States has only 5 percent of the world’s popula- 23 and 25 » Tespectively). Coal, oil (which is also 
tion, we consume about 20 percent of the world’s en- known as petroleum), and natural gas (mostly methane) 
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FIGURE 2 


Underground coal mining. 


called fossil fuels because they are the 
e decomposition of plants and animals 
vundreds of millions of years. Oil and 
cleaner-burning and more efficient fuels 
they are preferred for most purposes. 


are collect 
end result 
Over tens 
natural gas 
than coal, 


However, lies of oil and natural gas are being de- 
pleted at an alar ming rate, and research is underway to 
devise ways of making coal a more versatile source of 
energy. 


Coal consists of many high molar mass carbon com- 
pounds that also contain oxygen, hydrogen, and to a 
lesser extent, nitrogen and sulfur. Coal constitutes 
about 90 percent of the world’s fossil fuel reserves. For 
centuries coal has been used as a fuel both in homes 
sa in industry. However, underground coal mining 
(Figure 21.14) is expensive and dangerous, and strip 
Mining (that is, mining in an open pit after removal of 
the earth and rock covering coal) is tremendously 
harmful to the environment. Another problem, this one 
associated with the burning of coal, is the formation of 
Sulfur dioxide (SO>) from the sulfur-containing com- 
Pounds. This process leads to the formation of ‘‘acid 
Tain,”’ discussed on p. 637. 


One of the most promising methods for making coal 
a more efficient and cleaner fuel involves the conver- 
sion of coal to a gaseous form, called syngas for *‘syn- 
thetic gas.’’ This process is called coal gasification. In 
the presence of very hot steam and air, coal decom- 
poses and reacts according to the following simplified 
scheme: 


C(s) + H,O(g) —> CO(g) + Ha(g) 
C(s) + 2Hx(g) —~> CHa(g) 


The main component of syngas is methane. In addition, 
the reactions yield hydrogen and carbon monoxide 
gases and other useful by-products. Under suitable con- 
ditions, CO and Hz combine to form methanol: 


CO(g) + 2H2(g) —> CH3OH(/) 


Methanol has many uses—as a solvent, a starting ma- 
terial for plastics, and so on. Syngas is easier than coal 
to store and transport in pipelines. What’s more, it is 
not a major source of air pollution because sulfur is 
removed in the process. Figure 21.15 shows an under- 
ground coal gasification plant for power generation. 
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Water cleanup recycling Heat extraction 


Compression and combustion 
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FIGURE 21.15 An underground coal gasification plant for power generation. 


CHEMISTRY IN ACTION 


CARBON DIOXIDE AND CLIMATE 


Although carbon dioxide is only a trace gas in Earth’s 4000 nm, with much of the energy concentrated in the 


atmosphere, with a concentration of about 0.03 percent _visible region of the spectrum. By contrast, the thermal 
by volume, it plays a critical role in controlling our _ radiation emitted by Earth’s surface is confined to 
climate. The solar radiant energy received by Earth is wavelengths longer than 4000 nm because of the much 


distributed over a band of wavelengths. Energy from lower average surface temperature of 280 K (Figure 
the sun is emitted primarily at wavelengths shorter than 2] -16). 
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or a CO) molecule is promoted to a higher energy level: 
H,O + hv —> H,0* 


In ing 
s diation 


CO, + hv —> COx 


where hy represents the appropriate radiation energy 
and the asterisk denotes a molecule in the excited state. 
Energetically excited molecules are unstable, and they 
quickly lose their excess energy either by collision with 
other molecules or by spontaneous emission of radia- 
tion. Part of this radiation is emitted to outer space and 
part of it returns to Earth’s surface. 

The concentration of water vapor is highest near 
Earth’s surface (about 30,000 ppm by volume), but it 
decreases rapidly with altitude because of the decreas- 
ing temperature. Because water molecules absorb in- 
frared radiation very strongly, the presence of water 
vapor affects the atmospheric temperature at night, 
when Earth is emitting radiation into space and is not 
receiving energy from the sun. The term ‘“‘radiational 
cooling’ is often used to account for the cold morning 
that follows a cloudless night. 


Energy 


Outgoing 


terrestrial radiation 
| = iL 


15,000 25,000 
Wavelength (nm) 


= 


FIGURE 21. The incoming radiation from the sun and Whereas the total amount of water vapor in our at- 
the outgoing ition from Earth’s surface. mosphere has not altered noticeably over the years, the 
concentration of carbon dioxide has been steadily rising 

Both wa apor and carbon dioxide in the atmos- since the turn of the century as a result of the burning of 
phere can a b much of the outgoing radiation and, fossil fuels. Figure 21.17 shows the variation of carbon 
therefore, : the overall thermal balance of Earth dioxide concentration over a period of years, as meas- 
with its sur idings. Upon receiving a photon of the ured in Hawaii. The seasonal oscillations are caused by 
appropriate elength in the infrared region, an H,0 removal of carbon dioxide by photosynthesis during the 


CO, concentration (ppm by volume) 


gt 1958 1960 1962 1964 1966 1968 1970 1972 


Year 


una Loa, Hawaii. The general trend clearly points to 


FIGURE 21.17 Yearly variation of carbon dioxide concentration at Ma 
4N increase of carbon dioxide in the atmosphere. 
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growing season in the Northern Hemisphere and its heat. Carbon dioxide acts somewhat like 2 glass roof, 
buildup during the fall and winter months. Clearly, the | except that the temperature rise in the gree 
trend points to an increase of CO. The current rate is due mainly to the restricted air circulation inside. 


about 1 ppm per year, equivalent to 9 X 10° tons of Although a temperature increase of 2.5°C may seem 
CO,! Scientists have estimated that by the year 2000 insignificant, it is actually large enoug! affect the 
the CO, concentration will exceed preindustrial levels delicate thermal balance on Earth and cou) cause gla- 
by about 25 percent. It is predicted by some meteorolo- _ciers and icecaps to melt. This, in turn, would raise the 
gists that this increase will raise Earth’s average tem- sea level, resulting in flooding of coastal s. Current 
perature by about 2.5°C. measurements show that Earth’s temperate is indeed 

Carbon dioxide’s influence on Earth’s temperature _rising. But whether the rate of temperatur: increase is 
is often called the greenhouse effect. The glass roof of a rapid enough to cause significant environmental 


greenhouse transmits visible sunlight and absorbs some — damage is still unknown. 
of the outgoing infrared radiation, thereby trapping the 


Silicon 

Although both carbon and silicon (a metalloid) belong to Group 4A o/ the periodic 
table and therefore have similar outer electron configurations—ns’ny’—they have 
quite different chemical properties. The differences between the chem try of carbon 
and the chemistry of silicon not only are interesting and useful, but also provide us with 
some insight into the evolution of life. 

Silicon is the second most abundant element, constituting about 26 percent by 
mass of Earth’s crust. It does not occur in the free form and is most co nonly com- 
bined with oxygen in silicates. Some silicate minerals are zircon, ZrSi©,. and beryl, 
Be3Al,SigO1. Silica, SiO>, comprises most beach sands (Figure 21.18 

Silicon can be prepared by heating a mixture of silica sand and coke to about 
3000°C: 


Si02(s) + 2C(s) 45 sill) + 2C0(g) 


FIGURE 21.18 Sand is mostly silica (SiO). 
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FIGURE 21.19 Production of 
ultrapure silicon wafers by the 
zone-refining process. 


Pure silicon has a diamond structure (see Figure 10.29); each Si atom is tetrahe- 
drally bonded ‘+ four other Si atoms. No silicon analog of graphite is known. Silicon 
combines wit! carbon to form silicon carbide, or carborundum, which was discussed 
earlier. Ultrapure silicon, prepared by the zone-refining technique (Figure 21.19), is 
used in solid-state electronics. For example, the so-called ‘‘one-chip computer’’ used 
in pocket calculators is made of silicon and other components (Figure 21.20). 


Silanes. Silicon forms a series of covalent hydrides called silanes, which have the 
general formula Si,,H>,+> (SiH4, SisHs, SisHg, SisHio, and so on). Like the hydrocar- 
bons, the lower silanes are gases at room temperature. Chemically, they are much 
More reactive than their carbon counterparts. For example, when exposed to air, 


Monosilane, SiH4, ignites spontaneously: 
SiHy(g) + 202g) —> SiO2(s) + 2H20 
In many respects, the silanes behave more like metal hydrides than like hydrocarbons. 
In the Presence of an alkaline catalyst, they will reduce water to hydrogen: 
SiH,(aq) + 2H20(I) —> SiO2(s) + 4H2(g) 


Monosilane is a strong reducing agent. It will reduce Fe(III) to Fe(II) and will precipi- 


late silver from solutions of its salts: 
SiH,(g) + 4Fe>* (aq) —_+ Si(s) + 4H* (aq) + 4Fe?* (aq) 


SiHi(g) + 4Ag*(ag) —> Sils) + 4H"(aq) + 4480) 
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The Si atom is sp*-hybridized. 
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FIGURE 21.20 Silicon in solid-state electronics—the one-chip computer. 


Methane, CHy, the carbon counterpart of SiH, does not undergo si. 5 reactions. 

No silicon analogs of ethylene and acetylene are known, and on!) a very few 
compounds containing Si=Si and Si=C bonds have been prepared. The #*omic radius 
of Si (117 pm) is considerably larger than that of C (77 pm); consequently, the 3p 
orbital on a Si atom cannot overlap effectively with a p orbital on a neighboring atom 
(such as Si, C, or O) to form a pi bond. The larger size of Si also explains the 
difference between CO and SiO. Carbon dioxide, as you know, is a discrete molecu- 
lar species whose Lewis structure is 


O0=c=0 
A similar structure for SiO5 

O=si=0 
would be unstable because the small overlap between the 3p orbital of Si and the 2p 
orbital of O results in a weak pi bond. Instead, the structure of silica is a giant three- 
dimensional network consisting of Si atoms that are tetrahedrally bonded to four O 
atoms (see Figure 10.33). In this manner, the octet rule is satisfied for the Si atom. 


Silicon forms several covalent compounds with the halogens. For example, the 


action of hydrofluoric acid on silica produces the gaseous compound silicon tetrafluo- 
ride: 


SiO,(s) + 4HF(aq) —> 2H,0(1) + SiF4(g) 
Silicon burns vigorously in an atmosphere of chlorine to produce silicon tetrachloride: 


Si(s) + 2Cl,(g) —> SiCl4(g) 


As we saw in © 


silica dissolves 


concentrated a. 
containers rat! 
About 90 | 
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tion 10.7, silica is a chief component of glass. However, because 
»wly in a strong alkaline solution 


SiO,(s) + 20H (aq) —> SiO3 (ag) + H,0() 


ne solutions such as NaOH and KOH must be stored in polyethylene 
han in glass bottles. 
nt of Earth’s crust consists of silicates, which are anion groups 
d O atoms. That’s why oxygen and silicon are the first and second 
nents in nature. Although silicates vary in the ratio of Si to O atoms, 
| silicates consists of a Si atom tetrahedrally bonded to four O atoms 
higher silicates, these units are joined together by sharing an O atom 
toms (Figure 21.22). 
‘licate mineral known as asbestos has been used for thousands of 
-bestos is not a discrete chemical compound or even a single group of 
is a commercial one that refers to several fibrous inorganic materi- 
industry for their mechanical strength and resistance to heat. Figure 
type of asbestos fiber, the mineral cummingtonite-grunerite, which 
Vig, Fe?*)Sig02.(OH)>. Until recently, asbestos was used as a ther- 
uildings. It is now well established that prolonged exposure to air- 
s of asbestos fiber dust can be very dangerous to the lung tissues and 
_ and often results in cancer. The symptoms, however, may take 


known role in the human body, but diatoms, which are microscopic 
make their skeletons from SiO, and have an active metabolism in- 
also been shown that silicon is an essential element in baby chicks, 
ction is not known. In view of the fact that silicon is 146 times more 
rbon and exhibits some of the same properties, scientists have won- 
s not play a more significant part in directing the chemistry of living 


east two reasons that favor the role of carbon as the basis for life on 


Earth. First, carbon dioxide is a monomeric (that is, a single molecular unit), stable 


molecule that is 
network that for 


readily soluble in water. In contrast, silica comprises a giant Si—O 


ms a macromolecule of silicon dioxide. Further, since silicon dioxide 


is not soluble in water, it cannot take part in acid-base reactions. The second reason 
concerns catenation, which is the linking of like atoms. Carbon has the unique ability 


O Silicon 
®@ Oxygen 


FIGURE 21,22 


The structures of several silicates. 
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FIGURE 21.21 The tetrahedral 
arrangement of the SiOZ~ ion. 
This is the basic unit for all the 
higher silicates. 
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Molecular nitrogen will boil off 
before molecular oxygen does 
during the fractional 
distillation of liquid air. 


21 / NONMETALLIC ELEMENTS AND THEIR COMPOUNDS 


FIGURE 21.23 Asbestos fibers. 


to form long chains (consisting of more than 50 C atoms) and stable rings with five or 
six members. This versatility is responsible for the millions of organic compounds 
found on Earth. Silicon atoms, on the other hand, can form only relatively short 
chains. Therefore, the number of different silicon compounds is severely limited. 

The low stability of many silicon compounds is the result of the weak Si—Si bond, 
about 226 kJ/mol, as compared to the comparatively strong C—C bond of about 
347 kJ/mol. 


21.5 Nitrogen and Phosphorus 
Nitrogen 


About 78 percent of air by volume is nitrogen. The most important mineral sources of 
nitrogen are saltpeter (KNO ;) and Chile saltpeter (NaNO3). Nitrogen is an essential 
element of life; it is a component of proteins and nucleic acids. 

Molecular nitrogen is obtained by fractional distillation of air (the boiling points of 
liquid nitrogen and liquid oxygen are — 196°C and — 183°C, respectively). In the labo- 


ratory, very pure nitrogen gas can be prepared by the thermal decomposition of ammo- 
nium nitrite: 


NH,NO2(s) +> 2H,O(g) + No(g) 


The N> molecule contains a triple bond and is therefore very stable with respect t 
dissociation into atomic species. However, nitrogen forms a large number of coms 
pounds with hydrogen and oxygen in which the oxidation number of nitrogen varies 


21.5 NITROGEN AND PHOSPHORUS 


from —3 to +5 (jable 21.2). Most of the nitrogen compounds are covalent; however, 
when heated wi! certain metals, nitrogen forms ionic nitrides containing N*~ ions: 
6Li(s) + No(g) 2 2LisN(s) 


The nitride ion is a strong Brénsted—Lowry base and reacts with water to produce 
ammonia and f‘roxide ion: 


N?~(aq) + 3H,O() —> NH3(g) + 30H“ (aq) 


Ammonia, Arimonia is one of the best-known nitrogen compounds. It is prepared 
industrially from »itrogen and hydrogen by the Haber process (see Section 13.5 and 
p. 604). It cam Se prepared in the laboratory by treating ammonium chloride with 


sodium hydroxic 
NH.Cl(aq) + NaOH(aq) —> NaCl(aq) + H,O(/) + NH3(g) 


TABLE 21.2. common Compounds of Nitrogen 
ey: a a a 


Oxidation 
Number Compound Formula Structure 
— LL 
zs) Ammonia NH; R—N—H 
H 
2 Hydrazine N,H, eee 
Hy 
| Hydroxylamine NH,OH HN 0H 
H 
0 Nitrogen* (dinitrogen) N, :N=N: 
+1 Nitrous oxide N,O Na Nag Os 
(dinitrogen monoxide) 
+2 Nitric oxide NO :‘N=O 
(nitrogen monoxide) 
+3 Nitrous acid HNO, ON Ome 
+4 Nitrogen dioxide NO, OF aa 
#5 Nitric acid HNO; Sieh wii 
0: 


a 


Wi i. 
¢ list the element here as a reference. 
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870 


The amide ion is a strong 
Bronsted—Lowry base and does 
not exist in water. 
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Ammonia is a colorless gas (b.p. —33.4°C) with an irritating odor. About three. 
quarters of the ammonia produced annually in the United States (14 rillion tons in 
1986) is used in fertilizers. In aqueous solution ammonia behaves li!« a weak base: 


NH,(aq) + HO() === NH (ag) + OH~(aq) Ky, = 1.8 > 


5 


Liquid ammonia resembles water in that it undergoes autoionizat 


2NH,(/) = NH + NHy 


or simply 
NH;(l) == H* + NH> 

where NH is called the amide ion. Note that both H* and NH> are ated with the 
NH; molecules. (Here is an example of ion—dipole interaction.) At °C, the ion 
product [H*][NHz] is about 1 x 10~*3, considerably smaller than 1074 for 
water at 25°C. Nevertheless, liquid ammonia is a suitable solvent { iany electro- 
lytes, especially when a more basic medium is required or if the soln'es react with 
water. The ability of liquid ammonia to dissolve alkali metals was disc d in Section 
20.5. 


Hydrazine. Another important hydride of nitrogen is hydrazine: 


Each N atom is sp*-hybridized. Hydrazine is a colorless liquid that sme‘'s like ammo- 
nia. It melts at 2°C and boils at 114°C. The high melting and boiling poinis indicate the 
presence of intermolecular hydrogen bonding. An aqueous solution of iydrazine can 
be prepared by reacting ammonia with a solution of sodium hypochlorite: 


2NH3(aq) + OCI (aq) —> N>H4(aq) + H,O(/) + Cl (aq) 


Hydrazine is a base that can be protonated to give the No»H? and NH@* ions. A 
reducing agent, it can reduce Fe** to Fe2*, MnO; to Mn?*, and I, to I. Its reaction 
with oxygen is highly exothermic: 


N2H4() + O2(g) —> N2(g) + 2H50(/) AH® = —666.6 kJ 


Hydrazine is used as a rocket fuel in the space program (for example, the Apollo 
missions to the moon). Hydrazine and its derivative methylhydrazine, N2H3(CH3); 
together with the oxidizer dinitrogen tetroxide (N20,4), are used as rocket fuels. Hydra- 
zine also plays a role in the polymer industry and in the manufacture of pesticides. 


Oxides and Oxoacids of Nitrogen. Many nitrogen oxides exist, but we will dis- 
cuss only three important ones: nitrous oxide, nitric oxide, and nitrogen dioxide: 

Nitrous oxide, N30, is a colorless gas with a pleasing odor and sweet taste. It is 
prepared by heating ammonium nitrate to about 270°C: 


NH,NO,(s) +5 N,O(g) + 2H;0(g) 
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Nitrous oxide rescmbles molecular oxygen in that it supports combustion. It does so 
because it decoroses when heated to form molecular nitrogen and molecular oxygen: 


2N,0(g) +> 2N,(g) + On(g) 


It is chiefly use.’ °s an anesthetic in dental and other minor surgery. Nitrous oxide is 
also called “‘le ng gas’’ because a person inhaling the gas becomes somewhat 
giddy. No satis’. ‘ory explanation has yet been proposed for this unusual physiological 
response. 

Nitric oxide ), is a colorless and slightly toxic gas. The reaction of N> and O3 in 


the atmospher: 


Na(g) + Ox(g) == 2NO(g) AG? = 173.4 kJ 


might be consi da way of fixing nitrogen. Nitrogen fixation is the conversion of 
molecular nitro... into nitrogen compounds. The equilibrium constant for the above 
reaction is very ‘all at room temperature: Kp is only 4.0 x 1073! at 25°C, so very 
little NO will {ov+» at that temperature. However, the equilibrium constant increases 
rapidly with {© crature, for example, in a running auto engine. An appreciable 
amount of nitr. »xide is formed in the atmosphere by the action of lightning. In the 
laboratory the can be prepared by the reduction of dilute nitric acid with copper: 
3 + 8HNO3(aq) —> 3Cu(NO3),(aq) + 4H,0(/) + 2NO(g) 

The nitric © molecule is paramagnetic, containing one unpaired electron. It can 

be represented ‘he following resonance structures: 


N=0 <> “N=0" 


As we noted hapter 8, this molecule does not obey the octet rule. Nitric oxide 
dimerizes in §/ lid state to form N»O>, which is a diamagnetic molecule. Nitric 
oxide forms | 1 fumes of nitrogen dioxide instantaneously in the presence of air: 


2NO(g) + O2(g) —> 2NO2(g) 


Consequently do not know what nitric oxide would smell like. It is only slightly 
Soluble in water, and the resulting solution is not acidic. 

Unlike nitrous oxide and nitric oxide, nitrogen dioxide is a highly toxic yellow 
brown gas with a choking odor. In the laboratory nitrogen dioxide is prepared by the 
action of concentrated nitric acid on copper (see Figure 12.6): 


Cu(s) + 4HNO3(aq) —> Cu(NOs)2(aq) + 2H,0(/) + 2NO2(8) 


Nitrogen dioxide is paramagnetic. It has a strong tendency to dimerize to dinitrogen 
tetroxide, which is a diamagnetic molecule: 


2NO, == N20, 


This Teaction occurs in both the gas phase and the liquid phase. 
_Nittogen dioxide is an acidic oxide; it reacts rapidly with cold water to form both 
mitous acid, HNO>, and nitric acid: 
2NO.(g) + H2O() —> HNO,(aq) + HNO3(aq) 
This isa disproportionation reaction (see p- 502) in which the oxidation number of 
nitrogen changes from +4 (in NO3) to +3 (in HNO2) and +5 (in HNOs). Note that this 
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According to Le Chatelier’s 
principle, the forward 
endothermic reaction is 
favored by heating. 


Neither NO nor NO reacts 
with water. 


872 


On standing, a concentrated 
nitric acid solution turns 
slightly yellow as a result of 
NO, formation. 


The oxidation of Au is 
promoted by the complexing 
ability of the CI” ion (to form 
the AuCl; ion). 
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reaction is quite different from that between CO and HO, in which only one acid 
(carbonic acid) is formed. 
Nitric acid is one of the most important inorganic acids. The major industrial 
method of producing nitric acid is the Ostwald process, discussed in Section 13.5, 
Nitric acid is a liquid that boils at 82.6°C. It does not exist as a pure !iquid because it 
decomposes spontaneously to some extent as follows: 


4HNO (1) —> 4NO2(g) + 2H,0(/) + O2(g) 


The concentrated nitric acid used in the laboratory is 68 percent HNO, »y mass (den- 
sity 1.42 g/cm*), which corresponds to 15.7 M. 

Nitric acid is a powerful oxidizing agent. The oxidation number of ' in HNO; is 
+5. The most common reduction products of nitric acid are NO) (N = +4), NO 
(N = +2), and NH} (N = —3). Nitric acid will oxidize most metals to their corre- 
sponding cations. However, the oxidizing agent is the nitrate ion, NO, , and not the 
hydrated proton. The nitrate ion is strong enough to oxidize metals both below and 
above hydrogen in the activity series (see Figure 3.8). For example, copper is oxidized 
by concentrated nitric acid as discussed earlier. 

In the presence of a strong reducing agent, such as zinc metal, nitric acid can be 


reduced all the way to the ammonium ion: 


4Zn(s) + 10H*(aq) + NO3(aq) —> 4Zn?*(aq) + NH} (aq) + 3H0() 
Concentrated nitric acid does not oxidize gold. However, when the acid is added to 
concentrated hydrochloric acid in a 1:3 ratio by volume (one part HNO, to three parts 
HCl), the resulting solution, called aqua regia, can oxidize gold, as follows: 


Au(s) + 3HNO,(aq) + 4HCl(aqg) —> HAuCl(ag) + 3H>0(/) + 3NOx(g) 


Concentrated nitric acid also oxidizes a number of nonmetals to their corresponding 
oxoacids: 


P4(s) + 20HNO3(aq) —> 4H3PO,(aq) + 20NO3(g) + 4H20(/) 
S(s) + 6HNO3(aq) —+ H2SO,(aq) + 6NO,(g) + 2H20(/) 


Nitric acid is used in the manufacture of fertilizers, dyes, drugs, and explosives (see 
discussion of nitroglycerin and TNT in Section 12.3). 


The Nitrogen Cycle. Figure 21.24 summarizes the major processes involved in the 
cycle of nitrogen in nature. As stated earlier, molecular nitrogen is very stable, but 
through biological and industrial fixation, atmospheric nitrogen gas is converted into 
compounds suitable for assimilation (for example, nitrates) by higher plants. As with 
nitric oxide, a major mechanism for producing nitrates from nitrogen gas is lightning— 
about 30 million tons of HNO; are produced this way annually. The nitric acid is 
converted to nitrate salts in the soil. These nutrients are taken up by plants that, in tum, 
are ingested by animals to make proteins and other essential biomolecules. 

The term denitrification applies to processes that reverse nitrogen fixation. For 
example, certain anaerobic organisms decompose animal wastes as well as dead plants 


and animals to produce free molecular nitrogen from nitrates, thereby completing the 
cycle. 
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FIGURE 21.24 The nitrogen cycle. Although the supply of nitrogen in the atmosphere is virtually inexhaustible, it must be 


combined with hydrogen or oxygen before it can be assimilated by higher plan 


ts, which in turn are consumed by animals. Juvenile 


nitrogen is nitrogen that has not previously participated in the nitrogen cycle. 


In recent years there has been a great deal of interest in 
the chemistry of NO and NO; because of their leading 
Tole in the formation of smog. The word ““smog”’ was 
originally coined to describe the combination of smoke 
wer fog occurring in London during the 1950s, much of 
which was due to the presence of sulfur dioxide in the 


CHEMISTRY IN ACTION 


PHOTOCHEMICAL SMOG 


atmosphere. Photochemical smog is formed by the 
photochemical reactions of automobile exhaust in, the 
presence of sunlight. 

Smog begins with primary pollutants, substances 
that may be relatively harmless and unreactive by 
themselves. Secondary pollutants, formed photochemi- 
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Relative concentrations 


Hydrocarbons 


FIGURE 21.25 Typical variations with time in concentration of air pollutants on a smoggy day. 


cally from the primary pollutants, are responsible for 
the buildup of smog. Primary pollutants consist mainly 
of nitric oxide, formed by the reaction between atmos- 
pheric nitrogen and oxygen at high temperatures inside 
the automobile engine: 


No(g) + O2(g) —> 2NO(g) 


as well as carbon monoxide and various unburned hy- 
drocarbons. Once released into the atmosphere, nitric 
oxide is quickly oxidized to the toxic nitrogen dioxide: 


2NO(g) + O2(g) —> 2NO2(g) 


Sunlight causes the photochemical decomposition of 
NO) (at a wavelength of about 400 nm) into NO and O: 


NO2(g) + hv —> NO(g) + O(g) 


Atomic oxygen is a highly reactive species that can 
initiate a number of important reactions, one of which 
is the formation of ozone: 


O(g) + O2(g) + M —> Ox(g) + M 


where M is some inert substance such as N>. The role 
of M is to absorb some of the excess energy of the 
ozone formed by collision; otherwise, the O3 molecule 
may spontaneously decompose to form O and O,. 
Ozone attacks the C=C linkage in rubber: 


R R R R 
Nee Yon 
ae: ieee: Go 
R R Reo=o R 
R 
SS 
+ o= + H,0, 
R R 


This reaction causes cracks in automobile (es and may 
lead to such damage in ‘‘smoggy”’ areas. Similar reac- 
tions are also damaging to lung tissues and other bio- 
logical substances. 

Ozone can be produced also by a series of very com- 
plex reactions involving unburned hydrocarbons, alde- 
hydes, nitrogen oxides, and oxygen. One of the prod- 
ucts of these reactions is peroxyacetyl nitrate, PAN: 


H,cC—C—O—O—NO, 
Il 
fe) 


PAN is a powerful lachrymator, or tear producer, and 
causes breathing difficulties. 

Figure 21.25 shows typical variations with time of 
primary and secondary pollutants. Initially, the concen- 
tration of NO; is quite low. As soon as solar radiation 
penetrates the atmosphere, more NO, is formed from 
NO and 05. Note that the concentration of ozone Te- 
mains fairly constant at a low level in the early morning 
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FIGURE 21.26 A smoggy day 
in New York City. 


hours. As tt icentration of unburned hydrocarbons tion has become better understood, major efforts have 
and aldehyd reases in the air, the concentrations of | been made to reduce the buildup of primary pollutants. 
NO, and O rise rapidly. The actual values, of | Most automobiles now are equipped with catalytic con- 
course, depx in the location, traffic, and weather verters whose functions are to oxidize CO and unburnt 
conditions, ll as the time of day. Figure 21.26 hydrocarbons to CO, and HO and to reduce NO and 
shows the vi effect of smog. NO; to N> and O, (see Section 13.5). 
As the n \ism of photochemical smog forma- 

Phosphorus 

Like nitrogen, phorus is a member of the Group 5A family; in many respects the 

chemistry of horus resembles that of nitrogen. Phosphorus occurs most com- 

monly in natu shosphate rocks, which are mostly calcium phosphate, Ca;(PO,4)2, 

and fluoroapa ‘as(PO4)3F (Figure 21.27). Free phosphorus can be obtained by 

heating calciun: | osphate with coke and silica sand: 

2Ca3(PO,)a(s) + 10C(s) + 6SiO,(s) > 6CaSiO3(s) + 10CO(g) + Pa(s) 


Fr 1045 
GURE 21.27 Phosphate mining. 
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Unlike No, elemental 
phosphorus contains no P=P 
or P=P bonds because P is 
considerably larger than N (see 
Figure 7.7). 
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There are several allotropic forms of phosphorus, but only two—white phosphorus 
and red phosphorus (see Figure 7.23)—are of importance. White phosphorus consists 
of discrete tetrahedral P, molecules (Figure 21.28). A white solid (m.p. 44.2°C), white 
phosphorus is insoluble in water but quite soluble in carbon disulfide (CS>) and in 
organic solvents such as chloroform (CHCl). White phosphorus is a highly toxic 
substance. It bursts into flames spontaneously when exposed to air, here it is used in 
incendiary bombs and grenades: 


Py(s) + 502(g) —> P4Ojo(s) 


The high reactivity of white phosphorus is believed to be the result of the strain in the 
P, molecule: The P—P bonds are compressed in the tetrahedral structure. White phos- 
phorus was once used in the manufacture of matches, but because of its toxicity it has 
been replaced by tetraphosphorus trisulfide, P4S3. 

When heated in the absence of air, white phosphorus is slowly converted to red 
phosphorus at about 300°C: 


nP, (white phosphorus) A, (Py), (red phosphorus) 


Red phosphorus has a polymeric structure (see Figure 21.28) and is more stable and 
less volatile than white phosphorus. 


Hydride of Phosphorus. The most important hydride of phosphorus is phosphine, 
PH3, a colorless, very poisonous gas formed by heating white phosphorus in concen- 
trated sodium hydroxide: 


P,(s) + 3NaOH(aq) + 3H,0(/) 45 3NaH»PO.(aq) + PH4(g) 
sodium phosphine 
hypophosphite 
Phosphine is moderately soluble in water and more soluble in carbon disulfide and 
organic solvents. Unlike those of ammonia, its aqueous solutions are neutral. In liquid 


White phosphorus 


Red phosphorus 


FIGURE 21.28 The structures of white and red Phosphorus. Red phosphorus is believed 10 
consist of a chain structure, as shown. 
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ammonia, phosphine dissolves to give NHj PH; . Phosphine is a strong reducing agent; 
it reduces many metal salts to the corresponding metal. The gas burns in air at about 


150°C: 
PH;(g) + 202(g) ——— > H3PO,(s) 


Halides of Phosphorus. Phosphorus forms two types of binary compounds with 


halogens: the trihalides, PX3, and the pentahalides, PX;, where X denotes a halogen 
atom. In contrast, nitrogen can form only trihalides (NX3). Unlike nitrogen, phospho- 
tus has a 3d subshell that can be used for valence-shell expansion. We can explain the 
bonding in PC, by assuming a hybridization process involving 3s, 3p, and 3d orbitals 
of phosphorus, that is, an sp°d hybridization (see Example 9.4). The five sp°d hybrid 


orbitals also explain satisfactorily the trigonal bipyramid geometry of the PCl; mole- 
cule (see Table °.5). Nitrogen cannot form a pentahalide because five orbitals would be 
required in such a compound and only four are available in nitrogen (the one 2s and 
three 2p orbitals). 


Phosphorus trichloride is prepared by heating white phosphorus in an atmosphere of 
chlorine: 
P,(I) + 6Ch(g) +> 4PCl3(g) 


A colorless liquid (b.p. 76°C), PCl; has a pyramidal structure: 


It is hydrolyzed according to the equation 


PCI(I) + 3H,0(2) —>  H3PO3(aq) _ + 3HCI(g) 
phosphorous acid 


In the presence of an excess of chlorine gas, PCls is converted to phosphorus penta- 
chloride, which is a light yellow solid: 


PCI,(/) + Clo(g) —> PCls(s) 


X-ray studies have shown that solid phosphorus pentachloride exists as [PCI{][PCle ]. 
in which the PCI} ion has the tetrahedral geometry and the PCl¢ ion has the octahedral 
geometry. In the gas phase, PCI; (which has the trigonal bipyramidal geometry) is in 
equilibrium with PCl, and Cl: 


PCIs(g) == PCls(g) + Chg) 
Phosphorus pentachloride reacts with water as follows: 
PCIs(s) + 4Hy0(I) —> H3POq(ag) + SHCI(aq) 
Oxides and Oxoacids of Phosphorus. The two important oxides of phosphorus 


are tetraphosphorus hexaoxide, P4Og, and tetraphosphorus decaoxide, P4Oio. The ox- 
des are obtained by burning white phosphorus in limited and excess amounts of oxy- 


8en gas, respectively: 
P,(s) + 30x(g) —> PaOe(s) 
P4(s) + 502(g) —> PaOrof) 
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Phosphoric acid is the most 
important phosphorus- 
containing oxoacid. 
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O Phosphorus 
O Oxygen 


FIGURE 21.29 The structures of P4305 and P4O 19. Note the tetrahedral array eement of the P 
atoms in both molecules. 


Figure 21.29 shows their structures. Both oxides are acidic, that is, tc) are converted 
to acids in water. The compound P4Ojo is a white flocculent powder (: 420°C) that 
has a great affinity for water: 


P,O,0(s) + 6H2O() —> 4H3PO,(aq) 


For this reason it is often used for drying gases and for removing wate ‘som solvents. 

There are several acids containing phosphorus; some examples phosphorous 
acid, H3PO3; phosphoric acid, H3PO4; hypophosphorous acid, HP. and triphos- 
phoric acid, HsP30j9 (Figure 21.30). Phosphoric acid is also called © ophosphoric 
acid; it is a weak triprotic acid (see Section 16.4). It is prepared industrially by the 
reaction of calcium phosphate with sulfuric acid: 


Ca3(PO4)a(s) + 3H2SO4(ag) —> 2H3PO,(aq) + 3CaSO,(a¢ 


Sie ce 
He} 
cave ll recs e 
H—O—P—O—H H—O—P—H 
H H 
Phosphorous acid Hypophosphorous acid 
(H3 PO; ) (H3 PO, ) 
20: 20: 1 
H—O—P—O—H ole yo Hau al 
Sh ch | 
H H H H 
Phosphoric acid Triphosphoric acid 
(Hy PO, ) (Hs P3 O49) 


FIGURE 21.30 Structures of some common Phosphorus-containing oxoacids. 
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In the pure forr josphoric acid is a colorless solid (m.p. 42.2°C). The phosphoric 


acid we use in e laboratory is usually an 82 percent H3PO, solution (by mass) 
Phosphoric acici ad phosphates have many commercial applications in detergents, 
fertilizers, flam: ‘ardants, and toothpastes, and as buffers in carbonated beverages to 
maintain a con pH. 

Like nitroge 1osphorus is an element that is essential to life. It constitutes only 
about | percent ©» mass of the human body, but it is a very important 1 percent. About 
23 percent of | uman skeleton is mineral matter. The phosphorus content of this 
mineral matter cium phosphate, Ca3(PO,4)2, is 20 percent. Our teeth are basically 
Ca;(PO,)2 and ( ».(PO4);OH. The phosphates are important components of the genetic 
materials deox mnucleic acid (DNA) and ribonucleic acid (RNA). 
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Oxygen 

Oxygen is by ihe most abundant element in Earth’s crust, constituting about 46 
percent of its n The atmosphere contains about 21 percent of molecular oxygen by 
volume (23 per nt by mass). Like nitrogen, oxygen occurs in the free state as a 
diatomic mole (O>). In the laboratory, oxygen gas can be obtained by heating 
potassium chi (see Figure 5.15): 

2KCIO3(s) 4s 2KCl(s) + 302(g) 
The reaction i: ually catalyzed by manganese(IV) dioxide, MnO>. Pure oxygen gas 


te be Prepared by electrolyzing water (p. 788). Industrially, oxygen gas is prepared 
y the fraction») distillation of liquefied air. The boiling points of O and No» are 


te and —!96°C, respectively. Therefore, liquid nitrogen will boil off first and 
iquid oxygen will remain. Oxygen gas is colorless and odorless. 
Oxygen is « findamental building block of practically all vital biomolecules, ac- 


iri for about a fourth of the atoms in living matter. Molecular oxygen is the 
ae oxidant in the metabolic breakdown of food molecules. Without it, a human 
eing cannot survive for more than five minutes. 


0 allotropes, O2 and O3. When we 


Properties of Diatomic Oxygen. Oxygen has tw 
The O; molecule is called ozone 


Speak of molecular oxygen, we normally mean O2. 

and will be discussed shortly. 

' at O, molecule is paramagnetic, containing two unpaire 

olecular oxygen is a strong oxidizing agent. The as 
N neutral (or basic) and acidic media are 


d electrons (see Section 
reactions for the reduc- 


O2(g) + 2H,O(l) + 4e—> —> 40H (aq) €°=0.40 V 


Ox(g) + 4H*(aq)'+ 4e~ —> 2200) eles V. 


used industrial chemicals. Its main uses 
d in sewage treatment. Oxygen is also 
dicine to ease breathing difficulties, 
ent in many inorganic 


I io oxygen is one of the most widely 

on e steel industry (see Section 20.2) an 

os Sa bleaching agent for pulp and paper, in medicine '¢ 

ne yacetylene torches (see Figure 4.8), and as an oxidizing ag 
Organic reactions. 
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This is a disproportionation 
reaction. The oxidation number 
of O changes from —1 to —2 
and 0. 
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Oxides, Peroxides, and Superoxides. Oxygen forms three types of oxides: the 
normal oxide (or simply the oxide), which contains the O?~ ion; the peroxide, which 
contains the O3~ ion; and the superoxide, which contains the O3 ion: 
0::0 10:2- :0:0:2> 10:0: 
oxygen oxide peroxide superoxide 
These ions are all strong Brénsted—Lowry bases and react with water as follows: 
Oxide: O?> (aq) + H,O() —> 20H (aq) 
Peroxide: 203 (aq) + 2H,O(/) —> O2(g) + 40H (aq) 
Superoxide: 403 (aq) + 2H,O(/) —~ 30,(g) + 40H (aq) 


Note that the reaction of O?~ with water is a hydrolysis reaction, but those involving 
O3~ and OF; are redox processes. 

The nature of bonding in oxides changes across any period in the periodic table (see 
Figure 15.5). Oxides of elements on the left side of the periodic table, such as those of 
the alkali metals and alkaline earth metals, are generally ionic solids and have high 
melting points. Oxides of the metalloids and of the metallic elements toward the mid- 
dle of the periodic table are also solids, but they have much less ionic character. Oxides 
of nonmetals are covalent compounds that generally exist as liquids or gases at room 
temperature. The acidic character of the oxides increases from left to right. Consider 
the oxides of the third-period elements: 


Nax0 MgO Al,O; SiO, PsO;9 SOx ClO; 
SS —— ————— 
basic amphoteric acidic 


The basic character of the oxides increases as we move down a particular group. MgO 
is only slightly soluble in water (0.006 g/L HO) but dissolves readily in acidic solu- 
tions: 


MgO(s) + 2H*(aq) —> Mg?*(aq) + H,O(J) 
BaO is more soluble in water (35 g/L H50): 
BaO(s) + H,O(/) —> Ba(OH)>(aq) 


The best-known peroxide is hydrogen peroxide (H03). It is a colorless, syrupy 
liquid (m.p. —0.9°C), prepared in the laboratory by the action of cold dilute sulfuri¢ 
acid on barium peroxide octahydrate: 


BaO) - 8H,0(s) + H»SO4(aq) —> BaSO,(s) + HO,(aq) + 8H20(/) 


The structure of hydrogen peroxide is shown in Figure 21.31. Using the VSEPR 
method we see that the H—O and O—O bonds are bent around each oxygen atom, 
similar to the structure of water. The lone pair—bonding pair repulsion is greater in 
HO, than in H30, so that the HOO angle is only 97° (compared to 104.5° for HOH in 
HO). Hydrogen peroxide is a polar molecule (mw = 2.16 D). 

Hydrogen peroxide readily decomposes on heating or even in the presence of dust 
particles or certain metals, including iron and copper: 


2H202(!) —> 2H,O(!) + Ox(g) — AH® = —196.4 kJ 


Hydrogen peroxide is miscible with water in all proportions, due to its ability (0 
hydrogen-bond with water. Dilute hydrogen peroxide solutions (3 percent by mass); 
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available in drugstores, are used as mild antiseptics; more concentrated H50> solutions 
are employed as bleaching agents for textiles, fur, and hair. The high heat of decompo- 
sition of hydrogen peroxide also makes it a suitable component in rocket fuel. 
Hydrogen peroxide is a strong oxidizing agent; the half-reaction is 

H,0,(aq) + 2H*(aq) + 207 —+> 2H,0(l) $°=1.77V 
It can oxidize Fe?* ions to Fe** ions in an acidic solution: 

H,O.(aq) + 2Fe?* (ag) + 2H*(aq) —> 2Fe?*(aq) + 2H,0(I) 
It also oxidizes SO}” ions to SOZ~ ions: 

H,0,(aq) + SO3~(aq) —> SO3-(aq) + H2,0(2) 


Hydrogen peroxide can act also as a reducing agent toward substances that are 
stronger oxidizing agents than itself. The half-reaction is 


H,O.(aq) —> 2H*(aq) + O2(g) + 2e7 
For example, hydrogen peroxide reduces silver oxide to metallic silver: 
H02(aq) + Ag,O(s) —> 2Ag(s) + H20(/) + O2(g) 
and permanganate, MnO, , to manganese(II) in an acidic solution: 
5H2O.(aq) + 2MnOj (aq) + 6H*(aqg) —> 2Mn?*(aq) + 502(g) + 8H2O(/) 


If we want to determine hydrogen peroxide concentration, this reaction can be carried 
out as a redox titration, using a standard permanganate solution. 

There are relatively few known superoxides, that is, compounds containing the Oz 
ion. In general, only the most reactive alkali metals (K, Rb, and Cs) form superoxides 
(see Section 20.5). 

We should take note of the fact that both the peroxide ion and superoxide ion are 
by-products of metabolism. Because these ions are highly reactive, they can inflict 
great damage on various cellular components. Fortunately, our bodies have been 
equipped with the enzymes needed to convert these toxic substances to water and 
molecular oxygen. 


Ozone. Ozone is a rather toxic, light blue gas (b.p. —111.3°C) with a pungent odor. 
The odor of ozone is evident wherever significant electrical discharges are occurring 
(for example, near a subway train). Ozone can be prepared from molecular oxygen, 
either photochemically or by subjecting O> to an electrical discharge (Figure 21.32): 


302(g) —> 203(g) AG? = 326.8 


Since the standard free energy of formation of ozone is a large positive quantity— 
AG? = (326.8/2) kJ/mol or 163.4 kJ/mol—it is not surprising that ozone is less stable 
than molecular oxygen, The ozone molecule has a bent structure in which the bond 
angle is 116.5°: 


Ozone is mainly used to purify drinking water, to deodorize air and sewage gases, and 
0 bleach waxes, oils, and textiles. 
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FIGURE 21.31 The structure 
of H20>. 


Note that the oxidation number 
of the O atom changes from 

—1in H,0, to 0 in O02, whereas 
in both Ag,0 and H,0 it is —2. 
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Metal foil 


on outer tube 
O3 plus sore 
unreacted 


FIGURE 21.32 The preparation of O3 from O> by electrical discharge. 1) outside of the 


outer tube and the inside of the inner tube are coated with metal foils that are onnected to a 
high-voltage source. (The metal foil on the inside of the inner tube is not shows.) During the 
electrical discharge, O2 gas is passed through the tube. The O3 gas formed plus some unreacted 


O> gas exit at the upper right-hand tube. 


Ozone is a very powerful oxidizing agent—its oxidizing power is exeocded only by 
that of molecular fluorine (see Table 19.1). Its oxidizing actions in bac and acidic 
solutions are represented by the following half-reactions: 


O3(g) + H2O(l) + 2e~ — + Oy(g) + 20H (aq) So = +1 Vv 
O3(g) + 2H* (aq) + 2e~ — > O,(g) + H,O(/) °= +2.07 V 


For example, when ozone is passed through an acidic solution of potassiv'm iodide, the 
I” ions are oxidized to molecular iodine, as indicated by its brown color: 


O3(g) + 21 (aq) + 2H* (aq) —> L(s) + O2(g) + H,O(/) 
Ozone can oxidize sulfides of many metals to the corresponding sulfates: 
40;3(g) + PbS(s) —> PbSO,(s) + 402(g) 


Ozone oxidizes all the common metals except gold and platinum. In fact, a convenient 
test for ozone is based on its action on mercury. When exposed to ozone, the metal 
becomes dull looking and sticks to glass tubing (instead of flowing freely through it). 
This behavior is attributed to the change in surface tension caused by the formation of 
mercury(II) oxide: 


O3(g) + 3Hg(/) —> 3HgO(s) 


The beneficial effect of ozone in the stratosphere and its undesirable action in smog 
formation were discussed on pp. 567 and 873, respectively. 


The Oxygen Cycle. Figure 21.33 shows the main processes in the global oxyge? 
cycle. The cycle is complicated by the fact that oxygen appears in so many different 
chemical forms. Atmospheric oxygen is removed through respiration and various in- 
dustrial processes. The depletion of oxygen is intimately related to the production of 
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High-energy ultraviolet radiation 
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FIGURE 21.33 ie oxygen cycle. The cycle is complicated because oxygen appears in so many chemical forms and combinations, 


rimari i“ : i i i i 
primarily as mm ular oxygen, in water, and in organic and inorganic compounds. 


carbon dioxide and water. Photosynthesis is the major mechanism by which molecular 
oxygen is regenerated from carbon dioxide. As in the carbon and nitrogen cycles, the 
overall balance of oxygen on Earth is ultimately tied to the energy supplied by the sun. 


Sulfur 


tutes only about 0.06 percent 
t occurs commonly in nature 
d in sedimentary 
20) and various 


oe sulfur is not a very abundant element (it constit 
: ob S crust by mass), it is readily available because 1 
4 © elemental form. The largest known reserves of sulfur are foun 
“posits. In addition, sulfur occurs widely in gypsum (CaSO, - 2H. 
Sulfide minerals such as pyrite (FeS) (Figure 21.34). Sulfur is also present in natural 
sh H,S, SO, and other sulfur-containing compounds. 
Fj Sulfur is extracted from underground deposits by the Fraschi process, shown in 
'gure 21.35. In this process, superheated water (liquid water heated to about 160°C 


‘des inventing the process for obtaining pure 


tHe 
tman Frasch (1851-1914). German chemical engineer. Besi : 
thods for refining petroleum. 


Sulfu : ‘ 
", for which he is most famous, Frasch also developed me 


FIGURE 21.34 Pyrite (FeS2). 
It is commonly called ‘‘fool’s 
gold’’ because it looks like gold. 
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FIGURE 21.35) The Frasch 
process. Three concentric pipes 
are inserted into a hole drilled 
down to the sulfur deposit. Su- 
perheated water is forced down 
the outer pipe into the sulfur, 
causing it to melt. Molten sulfur 
is then forced up the middle pipe 
by compressed air. 


Because S is considerably 
larger than O (see Figure 7.7), 
it does not form S=S bonds in 
the. elemental form. 
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Compressed air ——> 
——> Sulfur 


Superheated water —> 


under high pressure’ to prevent it from boiling) is pumped down the outermost pipe to 
melt the sulfur. Next, compressed air is forced down the innermost pipe. Liquid sulfur 
mixed with air forms an emulsion that is less dense than water and therefore rises to the 
Surface as it is forced up the middle pipe (Figure 21.36). Sulfur produced in this 
manner, which amounts to about 10 million tons per year, has a purity of about 99.5 
percent. 

There are several allotropic forms of sulfur in existence, the most important being 
the rhombic and monoclinic forms. Rhombic sulfur is thermodynamically the most 
stable form; it has a puckered Sg ring structure: 


i ny 


Sa Sw 


FIGURE 21.36 Steam injec- 
tion in the Frasch Process. 
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It is a yellow, tasteless, and odorless solid (m.p. 112°C) (see Figure 7.24) that is 
insoluble in water but soluble in carbon disulfide. On heating it is slowly converted to 
monoclinic sulfur (m.p. 119°C), which also consists of the Sg units. When liquid sulfur 
is heated above {50°C, the rings begin to break up and the entangling of the sulfur 
chains results in a sharp increase in the liquid’s viscosity. Further heating tends to 
rupture the chains, and the viscosity begins to decrease. 

Like nitrogen. sulfur shows a wide variation of oxidation numbers in its compounds 
(Table 21.3). The best-known hydrogen compound of sulfur is hydrogen sulfide, 
which is prepared by the action of an acid on a sulfide; for example 


FeS(s) + H.SO4(aq) —~> FeSO,(aq) + H2S(g) 


Nowadays, hydrogen sulfide used in qualitative analysis (see Section 17.6) is prepared 
by the hydrolysis of thioacetamide: 


S O 
Vi ne 4a kf 
H3,c—C + 2H30 ct ieee Ries + H,S + NH, 
NH, O—H 
thioacetamide acetic acid 


Hydrogen sulfide is a colorless gas (b.p. —60.2°C) with an offensive odor resem- 
bling that of rotien eggs. (The smell of rotten eggs actually does come from hydrogen 


TABLE 21.3 Common Compounds of Sulfur 


— 
Oxidation 
Number Compound Formula Structure 
EE 
-2 Hydrogen sulfide H,S Px 
H H 
0 Sulfur* Ss : 7 : 
+1 Disulfur dichloride S.Cl, Be Bat 
cic a on 
+2 Sulfur dichloride SCl, wx *: 
‘Clee: 
me Sulfur dioxide sO, s 
“ iF ro 
0% 
+6 Sulfur trioxide SO; 4 : 
S 
VIN 


Wi mn 
© list the element here as a reference. 
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sulfide, which is formed by the bacterial decomposition of sulfur-containing proteins.) 
Hydrogen sulfide is a highly toxic substance that, like hydrogen cyanide, attacks respi- 
ratory enzymes. It is a very weak diprotic acid (see Table 16.3). In basic solution, HS 
is a stronger reducing agent. For example, it is oxidized by permanganats | elemental 
sulfur: 


3H2S(aq) + 2MnOj (aq) —> 3S(s) + 2MnO,(s) + 2H,O(1) + 20H (aq) 


Oxides of Sulfur. Sulfur has two important oxides: sulfur dioxide, S©,, and sulfur 
trioxide, SO3. Sulfur dioxide is formed when sulfur burns in air: 


S(s) + O2(g) —> SO2(8) 
In the laboratory, it can be prepared by the action of an acid on a sulfite: ‘or example 
2HCl(aq) + Na,SO3(aq) —> 2NaCl(aq) + H2O(/) + SO.2(2) 
or by the action of concentrated sulfuric acid on copper: 
Cu(s) + 2H2SO4(aq) —> CuSO,(aq) + 2H20(/) + SO2(g) 


Sulfur dioxide (b.p. — 10°C) is a colorless gas with a pungent odor | it is quite 
toxic. An acidic oxide, it dissolves in water to form sulfurous acid: 
$0.(g) + H,O(/) —> H.SO;3(aq) 


Sulfurous acid is a weak diprotic acid (see Table 16.3). Sulfur dioxide slowly oxi- 
dized to sulfur trioxide, but the reaction rate can be greatly enhanced b) latinum or 
vanadium oxide catalyst (see Section 13.5): 


2S02(g) + O2(g) —> 2SO3(g) 
Sulfur trioxide dissolves in water to form sulfuric acid: 
SO3(g) + H,O() —> H2SO,(aq) 


The role of sulfur dioxide in acid rain is discussed on p. 637. 


Sulfuric Acid. Sulfuric acid is the world’s most important industrial chemical. Its 
preparation, properties, and uses have been discussed previously (see p 124 and Sec- 
tion 13.5). 

Sulfuric acid is a diprotic acid; it undergoes two stages of ionization in water, 4 
follows: 


H2SO,(aq) —> H*(aq) + HSO; (aq) 

HSO; (aq) == H*(aq) + SO}(aq) -K,= 1.3 X 10° 
Itis a colorless, viscous liquid (m.p. 10.4°C). The concentrated sulfuric acid we use if 
the laboratory is 98 percent H,SO, by mass (density: 1.84 g/cm’), which corresponds 
to a concentration of 18 M. The oxidizing strength of sulfuric acid depends on its 
temperature and concentration. A cold, dilute sulfuric acid solution reacts with metals 


above hydrogen in the activity series (see Figure 3.8), thereby liberating moleculat 
hydrogen in a displacement reaction: 


Mg(s) + HoSO,(aq) —> MgSO,(aq) + H2(g) 


CHEMISTRY IN ACTION/VOLCANOES 
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sulfide ga 


2H>! 


shell, is nea 


CHEMISTRY IN ACTION 


VOLCANOES 
Volcanic er'ions, Earth’s most spectacular displays The SO, is reduced by more H2S from the volcano to 
of energy, instrumental in forming large parts of produce elemental sulfur: 
Earth’s cri Earth’s upper mantle, under the outer 


molten. A slight increase in heat, such 


as that gen d by the movement of one plate under 
another, wi) melt the rock. The molten rock, called nomenon (see p. 637), and they also have a long-term 
magma, rise. ‘o the surface and is responsible for some effect on weather conditions. The tremendous force of 
types of vol-anic eruptions. the eruption carries a sizable amount of gas into the 
Voleanoe. are also a major source of atmospheric stratosphere (see Figure 13.29), where SO, is oxidized 
pollutants active volcano emits gases, liquids, and to SO3. When the SO; reacts with water vapor, it forms 
solids (Figur 21.37). The gases are mainly Nz, CO, sulfuric acid aerosols. (An aerosol is a gaseous suspen- 
HCl, HF, ;, and water vapor. It is the sulfur- sion of fine solid or liquid particles.) Because the strat- 
containing :pounds that are of interest here. osphere is above the atmospheric weather patterns, it is 
It is esti. ed that volcanoes are the source of about very stable, and aerosol clouds can often persist for 
two-thirds he sulfur emitted into the atmosphere. more than a year. Sulfuric acid aerosols absorb part of 
On the slo; »f Mount St. Helens, which last erupted solar radiation, and the net effect is a drop in tempera- 
in 1980, ccsosits of elemental sulfur are visible near _ ture at Earth’s surface. However, this cooling effect is 
the eruption site. At high temperatures the hydrogen local rather than global, since it depends on the location 


nitted by a volcano is oxidized by air: 


+ 30g) —> 28O2(g) + 2H20(8) 


(a) 


16H>S(g) + 8SOx(g) —> 3Sg(s) + 16H,0(/) 


Volcanic eruptions contribute to the acid rain phe- 


and frequency of volcanic eruptions. 


(b) 


FIGURE 21.37 (a) A volcanic eruption on the island of Hawaii. (b) The eruption of Mount St. Helens in 1980. An active 


volcano emits gases, liquids, and solid particles. 
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This is a typical reaction of an active metal with an acid. The strength of sulfuric acid 
as an oxidizing agent is greatly enhanced when it is both hot and concentrated. In such 
a solution, the oxidizing agent is actually the sulfur atom in H»SO, rather than the 
hydrated proton, H*(aq). The principal oxidizing action of sulfuric acid under these 
conditions is given by the half-reaction 


2H2SO,4(aq) + 2e° —> SO (aq) + SO2(g) + 2H,0(/) 
Thus, copper reacts with concentrated sulfuric acid as follows: 
Cu(s) + 2H2SO4(aq) —> CuSO,(aq) + SO2(g) + 2H,O(/) 


Depending on the nature of the reducing agents, the sulfate ion may be further reduced 
to elemental sulfur or the sulfide ion. For example, reduction of H,SO, by HI yields 
HS and IL: 


8HI(aq) + H2SO4(aq) —> H)S(aq) + 41n(s) + 4H,O(/) 


Concentrated sulfuric acid oxidizes nonmetals. For example, it oxidizes carbon to 
carbon dioxide and sulfur to sulfur dioxide: 


C(s) + 2H2SO4(aq) —> CO2(g) + 280.(g) + 2H20(/) 
S(s) + 2H2SO,4(aq) —> 3SO2(g) + 2H20(/) 


Other Compounds of Sulfur. Carbon disulfide, a colorless, flammable liquid (b.p. 
46°C), is formed by heating carbon and sulfur at a high temperature: 


C(s) + 28(1) 4+ CS,(1) 


It is only slightly soluble in water. Carbon disulfide is a good solvent for sulfur, 
phosphorus, iodine, and other nonpolar substances, such as waxes and rubber. 

Another interesting compound of sulfur is sulfur hexafluoride, SF,, which is pre- 
pared by heating sulfur in an atmosphere of fluorine: 


S(I) + 3Fo(g) 2 SFe(g) 


Sulfur hexafluoride is a nontoxic, colorless gas (b.p. —63.8°C). It is the most inert of 
all sulfur compounds; it resists attack even by molten KOH. The structure and bonding 
of SF¢ were discussed in Chapters 8 and 9 and its critical phenomenon illustrated in 
Chapter 10 (see Figure 10.41). 


21.7 The Halogens 


The halogens—fluorine, chlorine, bromine, and iodine—are the most reactive non- 
metals (see Figure 7.25). Table 21.4 lists some of the properties of these elements. The 
element astatine also belongs to the Group 7A family. However, all isotopes of astatine 
are radioactive; its longest-lived isotope is astatine-210, which has a half-life of 8.3 
hours. Therefore it is both difficult and expensive to study astatine in the laboratory. 

The halogens form a very large number of compounds. In the elemental state they 
form diatomic molecules, X>. In nature, however, because of their high reactivity, 
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TABLE 21.4 Properties of the Halogens 


—————— 0 
Property BF cl Br I 
— ge Sa 
Valence electron 2s°2p° 3873p? 4s*4p° 5s°5p° 
configuratio 
Melting point (C)* =223 —102 =) 114 
Boiling point (°C) —187 35 59 183 
Appearance * Pale Yellow Red Dark violet vapor 
yellow green brown Dark metallic- 
gas gas liquid looking solid 
Atomic radius (pm) 72 99 114 133 
Ionic radius (pm)! 136 181 195 216 
Ionization energy 1680 1251 1139 1003 
(kJ/mol) 
Electronegativity 4.0 3.0 2.8 is} 
Standard reduction 2.87 1.36 1.07 0.53 
potential (V) 
Bond energy 150.6 242.7 192.5 151.0 
(kJ/mol)* 
me 200 
*These values and descriptions apply to the diatomic species X2, where X represents a halogen atom. The 
half-reaction is: Xo(g) + 2e~ ——>. 2X (aq). 
tRefers to the anion X~. 


halogens are always found combined with other elements. Chlorine, bromine, and 
iodine occur as halides in seawater, and fluorine occurs in the minerals fluorite (CaF2) 
(see Figure 20.21) and cryolite (Na3AIFo). 


Preparations and General Properties of the Halogens 


Because fluorine and chlorine are strong oxidizing agents, they must be prepared by 
electrolytic rather than chemical oxidation of the fluoride and chloride ions. Electroly- 
Sis does not work for aqueous solutions of fluorides, however, because fluorine is a 
stronger oxidizing agent than oxygen. From Table 19.1 we find that 


Oo(g) + 4H*(aq) + 4e7 —> 2H20(0) = 1.23 Vv 
Eg) +267 eeeeae aba 2ebyY 


IfF, were formed by the electrolysis of an aqueous fluoride solution, it would immedi- 
ately oxidize water to oxygen. For this reason, fluorine is prepared by electrolyzing 
liquid hydrogen fluoride containing potassium fluoride to increase its conductivity, at 
about 70°C (Figure 21.38): 


Anode: 2F- —> F,(g) + 2e- 
Cathode: 2H* + 2e. ——> Hy2lg) 


Overall reaction: QHF()) —> Hol(g) + Fale) 


y by the electrolysis of molten NaCl 


Chlorine gas, Cly, is prepared industriall 
7 vi d aqueous NaCl solution (called brine). 


(P. 788) or by the electrolysis of a concentrate 
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Lai Carbon anode 


——> gas 
Diaphragm to 
prevent mixing 

of H2 and F2 gases 


—— Steel cathode 


Liquid HF 


SESS 


FIGURE 21.38 Electrolytic cell for the preparation of fluorine gas. Note that ) cause Hp and 
F> form an explosive mixture, these gases must be separated from each othe 


The latter process is called the chlor-alkali process (where chlor denot. ~hlorine and 
alkali denotes an alkali metal, such as sodium). Two of the common « used in the 
chlor-alkali process are the mercury cell and the diaphragm cell. In | th cells the 
overall reaction is 


2NaCl(aq) + 2H,0(1) ts, 2NaOH(ag) + H2(g) + Cl 


As you can see, this reaction produces two useful by-products, NaO!! and Hp. The 
cells are designed to separate the molecular chlorine from the sodium 1; roxide solu- 
tion and the molecular hydrogen that are generated. Otherwise, side reactions such as 


2NaOH(aq) + Clo(g) ——> NaOCl(aq) + NaCl(aq) + H20(/) 
H,(g) + Cla(g) —> 2HCI(g) 


would occur. These reactions consume the desired products and can be dangerous 
because a mixture of H» and Cl, is explosive. 

Figure 21.39 shows the mercury cell used in the chlor-alkali process. The cathode is 
a liquid mercury pool at the bottom of the cell, and the anode is made of either graphite 
or titanium coated with platinum. Brine is continuously passed through the cell as 
shown. The electrode reactions are 


Anode: 2Cl=(aq) , ——>.- Chg) + 267 
Cathode: 2Na*(ag) + 2e- 48, 2Na/Hg 
Overall reaction: 2NaCl(aq) ——> 2Na/Hg + Chg) 


where Na/Hg denotes the formation of sodium amalgam. (An amalgam is a substance 
made by combining mercury with another metal or metals.) The chlorine gas generated 


Hg plus . 
Na/Hg 


——e— 


FIGURE 21.0 


The sodium 


ide and hydro 


this way is 
decompose 


Again, the 
gas. Althor 
discharged 
(see p. 839 
industrial 1 
The half 
diaphragm 
prevents th 
the side of 
cathode cc 
sodium hy 
tion proble: 
nated with \ 
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t Graphite anode 


<— Brine 


—— Hg cathode 


rcury cell used in the chlor-alkali process. The cathode contains mercury. 
y amalgam is treated with water outside the cell to produce sodium hydrox- 


Is 


ure. The sodium amalgam does not react with the brine solution but 
!lows when treated with pure water outside the cell: 


)Na/Hg + 2H,O(1) —> 2NaOH(aq) + H,(g) + 2Hg(/) 


sducts of the chlor-alkali process are sodium hydroxide and hydrogen 
mercury is cycled back into the cell for reuse, some of it is always 
vaste solutions into the environment, resulting in mercury pollution 
is a major drawback of the mercury cell. Figure 21.40 shows the 
icture of chlorine gas. 
eactions in a diaphragm cell are shown in Figure 21.41. The asbestos 
neable to the ions but not to the hydrogen and chlorine gases and so 
s from mixing. During electrolysis a positive pressure is applied on 
ode compartment to prevent the migration of the OH” ions from the 


ment. Periodically fresh brine solution is added to the cell and the 
e solution is run off as shown. The diaphragm cell presents no pollu- 
its main disadvantage is that the sodium hydroxide solution is contam1- 


reacted sodium chloride. 


manufacture of chlorine gas. 


FIGURE 21.40 The industrial 
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Battery 


Asbestos 
diaphragm 
| 


NaOH 
solution 


Oxidation: Reduction 
2CI- (aq) > Ch (g) + 2e- —-2HO(I) + Ze” + Hag) + 2OH” (aq) 


FIGURE 21.41 Diaphragm cell used in the chlor-alkali process. 


Molecular bromine and iodine are much more easily prepared from their halides 
than is molecular chlorine. From Table 19.1 we write 


Br,(/) + 2e ——> 2Br (aq) €° = 1.07 V 
I,(s) + 2e~ —~ 2I (aq) $° = 0.53 V 

Since chlorine is a stronger oxidizing agent than either bromine or iodine, 
Clg) + 2e~ —— 2ClI (aq) €° = 1.36 V 


free Br> or I, can be generated by bubbling chlorine gas through solutions containing 
bromide or iodide ions: 


Clo(g) + 2Br (aq) —— 2Cl (aq) + Bro(!) 
Cl(g) + 21 (aq) —~ 2Cl (aq) + L(s) 


Bromine is prepared commercially from seawater by this process (Figure 21.42). 

In the laboratory, chlorine, bromine, and iodine can be prepared by heating the 
alkali halides (NaCl, KBr, or KI) in concentrated sulfuric acid in the presence of 
manganese(IV) oxide. A representative reaction is 


MnO,(s) + 2H2SO,4(aq) + 2NaCl(aq) —> MnSO,(aq) + NaoSOq(aq) + 2H20(/) + Cha(s) 


Although all halogens are highly reactive and toxic, the magnitude of reactivity and 
toxicity generally decreases from fluorine to iodine. Most of the halides can be classi- 
fied into two categories. The fluorides and chlorides of many metallic elements, espe 
cially those belonging to the alkali metal and alkaline earth metal (except beryllium) 
families, are ionic compounds. Most of the halides of nonmetals such as sulfur and 
phosphorus are covalent compounds. As Figure 12.1 shows, the oxidation numbers of 
the halogens can vary from —1 to +7. The only exception is fluorine. Because it is the 
most electronegative element, it can have only two oxidation numbers, 0) (as in F2) and 
—1, in its compounds. 


The chemistry of fluorine differs in some ways from that of the rest of the halogens. 
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FIGURE 21.42 The manufac- 
ture of liquid bromine by oxidiz- 
ing a solution containing bro- 
mide ions with chlorine gas. 


The following are some of the differences: 


© Fluorine is the most reactive of all the halogens. The difference in reactivity 
between fluorine and chlorine is greater than that between chlorine and bromine. 
Table 21.4 shows that the F—F bond is considerably weaker than the Cl—Cl 
bond. The weak bond in F, can be explained in terms of the lone pairs on the F 
atoms: 

>F—F: 
The small size of the F atoms (see Table 21.4) allows a close approach of the 
three lone pairs on each of the F atoms, resulting in a greater repulsion than that 
found in Cls, which consists of larger atoms. 

@ Hydrogen fluoride, HF, has a high boiling point (19.5°C) as a result of strong 
intermolecular hydrogen bonding, whereas all other hydrogen halides have much 
lower boiling points (see Figure 10.7). 

@ Hydrofluoric acid is a weak acid, whereas all other hydrohalic acids (HCI, HBr, 
and HI) are strong acids. 

® Fluorine reacts with cold sodium hydroxide solutio 
ide as follows: 


n to produce oxygen difluor- 


___, 2NaF(aq) + H,0()) + OF:(8) 


The same reaction with chlorine or bromine, on the other hand, produces a halide 


and a hypohalite: 


2F,(g) + 2NaOH(aq) 


Xa(g) + 2NaOH(ag) —> NaX(ag) +NaOX(ag) + B00 


s not react under the same conditions. 


where X stands for Cl or Br. Iodine doe 
Iver halides (AgCI, AgBr, and Agl) 


® Silver fluoride, AgF, is soluble. All other si 
are insoluble (see solubility rules on P- 456). 
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Recall that the first member of 
a group usually differs in 
properties from the rest of the 
members of the group (see 

p. 288). 


This is a disproportionation 
reaction. The oxidation number 
of X changes from 0 to -1 and 
+1. 
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The Hydrogen Halides 


The hydrogen halides, an important class of halogen compounds, can be ‘ormed by the 
direct combination of the elements: 
Hp(g) + Xo(g) == 2HX(g) 
where X denotes a halogen atom. These reactions (especially those involving F and 
Cl,) can occur with explosive violence. In the laboratory, hydrogen ide and hy- 
drogen chloride can be prepared by reacting the salts of the halides y oncentrated 
sulfuric acid: 
CaF,(s) + H2SO4(aq) —> 2HF(g) + CaSO,(s) 
2NaCl(s) + H2SO4(aq) ——> 2HCI(g) + Na2SO4(aq) 
Hydrogen bromide and hydrogen iodide cannot be prepared this way | ise they are 
oxidized to elemental bromine and iodine. For example, the reactio ween NaBr 
and HSO, is 
2NaBr(s) + 2H2SO4(aq) —> Bro(/) + SO2(g) + Na2SOx4(ag) + 2 (1) 
Instead, hydrogen bromide is prepared by first reacting bromine wit! osphorus to 
form phosphorus tribromide: 
P4(s) + 6Bro(/) ——> 4PBr;3(/) 
Next, PBr3 is treated with water to yield HBr: 
PBr;3(/) + 3H,O(l) —> 3HBr(g) + H3PO3(aq) 

Hydrogen iodide can be prepared in the same manner. 

The high reactivity of HF is demonstrated by the fact that it atte:’s silica and 


silicates: 
6HF(aq) + SiO(g) —> H>SiFe(aq) + 2H20(!) 


This property makes HF suitable for etching glass and is the reason that hydrogen 
fluoride must be kept in plastic or inert metal (for example, Pt) containers. 

Aqueous solutions of hydrogen halides are acidic. As mentioned earlier, the 
strength of the acids increases as follows: 


HF < HCl < HBr < HI 


Oxoacids of the Halogens 


The halogens also form a series of oxoacids with the following general formulas: 


HOX HXO, HXO; HXO, 
hypohalous halous halic _perhalic 
acid acid acid acid 


Chlorous acid, HCIO3, is the only known halous acid. All the halogens except fluorine 
form halic and perhalic acids. The Lewis structures of the chlorine oxoacids are 


TABLE 21.5 
— 


Compound 


—= 
Hydrogen halide 


Oxides 


Oxoacids 


*The number in | 
Ss 


For a given ha 
the origin of 
Table 21.5 
does not ap; 
substance w 
The —1 ox 
in which a |! 


Interhalog: 
Because the h 


formed betwee 


where X and X’ are two different halogens and X is the | 


d ogens are very reactiv 
binary compounds among themselves. 
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“ ymmon Compounds of Halogens* 
F Cl Br vi 
<= 

HF (—1) HCl (-1) HBr (—1) HI (—1) 

OF, (—1) Cl,0 (+1) Br2O (+1) 1,05 (+5) 
ClO, (+4) BrO, (+4) 
Cl,07 (+7) 

HOF (—1) HOC! (+1) HOBr (+1) HOI (+1) 
HCIO), (+3) 
HCIO; (+5) HBrO (+5) HIO; (+5) 


HCIO, (+7) HB2O, (+7) HsIO¢ (+7) 


theses indicates the oxidation number of the halogen. 


4 O . 70 : 
hlorous chlorous chloric perchloric acid 
cid acid acid 


n, the acid strength decreases from perhalic acid to hypohalous acid; 
trend is discussed in Section 15.5. 

s some of the halogen compounds. Note that periodic acid, HIO., 
This is because it cannot be isolated in the pure form. Instead, a 


1c formula HsIO¢ is often used to represent periodic acid. 
‘ion state of the halogens is the most stable; therefore, all compounds 
en has an oxidation number greater than —1 are oxidizing agents. 


« Compounds 


e elements, it is not surprising that they also form 
Interhalogen compounds, ot compounds 


n two different halogen elements, have the formulas 
KK! XNS XS XX7 


arger atom of the two. Many 


of these compounds can be prepared by direct combination: 


Cl,(g) + Fa(g) —> 2CIF(s) 
Ch(g) + 3F(g) —> 2ClFs(8) 
Br,(l) + 3Fa(g) —> 2BrFs() 


thers require more indirect routes: 


KCl(s) + 3F:(g) —> KF() + CIFs(8) 
Kl(s) + 4Fx(g) —> KF() + IFr(e) 
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FIGURE 21.43 Structures of some interhalogen compounds. 


Many of the interhalogen compounds are unstable and react violently with water. Note 
that all of the interhalogen molecules with the exception of the XX’ type violate the 
octet rule. The geometry of these compounds can be predicted by using the V SEPR 
model (Figure 21.43). 


Uses of the Halogens 


Fluorine. The halogens and their compounds find many applications in industry, 
health care, and other areas. One is fluoridation, the practice of adding small quantities 
of fluorides (about 1 ppm by mass) such as NaF to drinking water to reduce dental 
caries. Hydroxyapatite, Cas(PO4)3OH, is the major constituent of bones and teeth (see 
p. 710). The presence of the hydroxide ion makes the substance susceptible to attack 
by acid (bacterial secretions, beverages with low pH, for example). Replacement of the 
hydroxide with fluoride ion makes teeth more resistant to decay. Fluorides are also 
used in toothpaste (as stannous fluoride, SnF,) and other dentrifrices. 

One of the most important inorganic fluorides is uranium hexafluoride, UF., which 
is essential to the gaseous effusion process for separating isotopes of uranium (U-235 
and U-238). Industrially, fluorine is used to produce Freons (see p. 567) and 
polytetrafluoroethylene, a polymer better known as Teflon: 


CF2—CF oti 


where n is a large number. Teflon is used in electrical insulators, high-temperature 
plastics, cooking utensils, and so on. 

Another type of fluorine-containing compounds deserves some mention because of 
their potential biological importance. These are the perfluorinated compounds— 
organic compounds in which all of the hydrogen atoms are replaced by fluorine atoms. 
Two typical examples are 


FF F FF 
F F 
F. F C,F, 
F F | 
F F Py iNee 
F 
FF FE E.G, C,F, 


perfluorodecalin, C,)F,. perfluorotri-n-butylamine, C,,NF,, 
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Inconceivable as it may seem, it has been demonstrated repeatedly that animals (in- 
cluding humans) can survive after having had their blood largely, or even totally, 
replaced by such compounds dissolved in a’salt solution. For example, ‘‘bloodless’’ 
rats, with their blood replaced by perfluorotri-n-butylamine, can live up to 5 hours in 
an atmosphere containing 50 percent oxygen. Even more astounding is the fact that 
some animals can survive when totally immersed in a beaker filled with perfluoro 
compounds ‘rated with oxygen gas. As Figure 21.44 shows, the mouse is actually 
breathing the liquid! 

The physiological effects of perfluorinated compounds are not yet clearly under- 
stood. How« it has been demonstrated that these substances can be used as blood 
substitutes in humans in some cases. Among the many advantages of such an ‘‘artifi- 
cial blood’’ would be that (1) it could be prepared in large quantities at relatively low 
cost; (2) it could be kept (in frozen form) for a very long period of time; (3) its use 
would eliminate the transmission of diseases such as hepatitis and AIDS through blood 
transfusions: (4) it would be particularly valuable to patients with rare blood types; and 
(5) it might be used for patients who, for religious reasons, refuse to accept natural 
blood from a donor. 

Chlorine. Chlorine plays an important biological role in the human body, because 
the chloride ion is the principal anion in intracellular and extracellular fluids. Chlorine 
is widely used as an industrial bleaching agent for paper and textiles. Ordinary house- 
hold laundry bieach contains the active ingredient sodium hypochlorite (about 5 per- 
cent by mass), which is prepared by reacting chlorine gas with a cold solution of 


sodium hydroxide 
(g) + 2NaOH(aqg) ——> NaCl(aq) + NaOCl(aq) + H20(/) 


Chlorine is also used to purify water and disinfect swimming pools. When chlorine 
dissolves in water, it undergoes the following reaction: 


Cl(g) + H,O(/) —> HCl(aq) + HOCK(aq) 


It is thought that the OCI~ ions destroy bacteria by oxidizing life-sustaining com- 
Pounds within them c 

Chlorinated methanes, such as carbon tetrachloride and chloroform, are useful or- 
ganic solvents. | arge quantities of chlorine are used to produce insecticides, such as 
DDT. However, in view of the damage they inflict on the environment, the use of 
many of these compounds is either totally banned or greatly restricted in the United 
States, Chlorine is also used to produce polymers such as poly(vinyl chloride). 


Bromine. so far as we know, bromine compounds occur naturally only in some 
marine organisms. Seawater is about 1 X 107° M in Br’; therefore, it is the main 
Source of bromine. Bromine is used to prepare ethylene dibromide (BrCH2CH,Br), 
Which is used as an insecticide and as a scavenger for lead (that is, to combine with 
lead) in gasoline to keep lead from depositing in engines. Recent studies have shown 
that ethylene dibromide is a very potent carcinogen. 

_ Bromine combines directly with silver to form silver bromi 
Photographic films (see p. 516). 


de (AgBr), which is used 


lodine, e other halogens. A 50 percent (by mass) 


lodine is not used as widely as th 
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FIGURE 21.44 A mouse breath- 
ing a liquid perfluoro compound 
saturated with oxygen gas. 
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FIGURE 21.45 Cloud seeding using Agl particles. 


alcohol solution of iodine, known as tincture of iodine, is used medicinal\y as an 
antiseptic. Iodine is an essential constituent of the thyroid hormone thyroxin« 


I H a, 
me7 
HO fe) cH,—C—C 
| on 
NH, 


Iodine deficiency in the diet may result in enlargement of the thyroid gland ({own as 
goiter). Iodized table salt sold in the United States usually contains 0.01 percent KI or 
Nal, which is more than sufficient to satisfy the 1 mg of iodine per week required for 
the formation of thyroxine in the human body. 

A compound of iodine that deserves mention is silver iodide, Agl. It is a pale yellow 
solid that darkens when exposed to light. In this respect it is similar to silver bromide. 
In Chapter 10 we saw that Dry Ice is used in cloud seeding (see p. 439). Silver iodide, 
too, can be used in this process. The advantage of using silver iodide is that enormous 
numbers of nuclei (that is, small particles on which ice crystals can form) become 
available. About 10!° nuclei are produced from 1 g of Agl by vaporizing an acetone 
solution of silver iodide in a hot flame. The nuclei are then dispersed into the clouds 
from an airplane (Figure 21.45). 


21.8 The Noble Gases 


We come now to the Group 8A elements (sometimes known as the Group 0 elements): 
helium, neon, argon, krypton, xenon, and radon (see Figure 7.26). Because their outer 
s and p subshells are completely filled, these elements are chemically unreactive. 
Unlike the other nonmetallic gases, they occur naturally in the atomic state. As we will 
see later, not all these elements are totally inert. Table 21.6 lists some of their common 
properties. 
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TABLE 21.6 operties of Noble Gases 


—=_ RR EIEN EST 
Propert He Ne Ar Kr Xe 

——— ~ TT 

Valence electron 1s? 2s*2p° 353° 4s*4p° 5s°5p® 
configuration 

Atmospheric abu ‘ance 5% 10-* 0.0012 0.94 Ls TOR *?* 9° 10-9 
(% by volum 

Melting point ( —272.3 = DAS he e802 ©) S157 21 A119 

Boiling point ( —268.9 =245:90 S185) .f3152:9 — 106.9 

First ionization xy 2373 2080 1521 1241 1167 
(kJ/mol) 

Examples of co inds None None None KrF, XeF,, XeO4 

SS a a 

Helium 

Helium was dei. ied in the sun by spectroscopic measurements of the emission spec- 

trum before it definitely identified on Earth. In the interior of the sun, helium is 

produced by th. ‘usion of hydrogen atoms at temperatures exceeding 15 million de- 

grees Celsius. estrial helium results from alpha particles emitted by the radioactive 

decay of elem: such as uranium and thorium in Earth’s crust (such nuclear reactions 

are discussed hapter 25): 


238U —> 73oTh + 3He 


2307h —> 736Ra + 3He 


Helium nuclei (ic?*) readily pick up two electrons from the surroundings and become 
neutral helium #'oms. The helium gas so formed mixes with natural gas and is found in 
Concentrations :anging from 0.5 to 2.4 percent by volume. It can be separated from 


other gases by applying enough pressure at low temperature to liquefy all other gases, 
such as nitrogen, oxygen, and hydrocarbons. In Table 21.6 we see that helium has a 
very low boiling point of —268.9°C (4.2 K). In fact, it is the most difficult gas to 
condense because the dispersion forces between the helium atoms are so weak. — 

No stable compounds of helium have ever been prepared, hence there is no chemis- 
ty of helium to speak of. Helium itself, however, is a very interesting and important 
Substance. The earliest practical use of helium was to replace hydrogen as a lifting gas 
n balloons. It has about 90 percent of the buoyancy of hydrogen, but it is not flamma- 
ble and is nontoxic. ; 

Most helium produced today is used in the space industry to pressurize rocket fuels, 
48 @ coolant, and as a substance to dilute oxygen gas in spacecraft atmospheres. In this 
Tole it has two advantages over nitrogen: It is lighter, and because it is less soluble in 
blood, it does not induce any unusual physiological effects in humans. The latter 
vhs makes helium suitable to be added to oxygen as 4 breathing mixture for 

Vers, 

Liquid helium has some unique thermodynamic prope eed 
Specific heat of liquid ietue me : function of temperature. When the liquid y cooled to 
~271.0°C (2.2 K), there is a very sharp transition, and the normal liquid helium 
(called helium I) becomes a superfluid (called helium II). As a superfluid, helium II is 
almost a perfect heat conductor. It also has nearly zero viscosity. apn 


rties. Figure 21.46 shows the 
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FIGURE 21.46 The lambda 
point of liquid helium. The 
choice of the name is based on 
the similarity between the curves 
and the Greek letter lambda (x). 
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Liquid nitrogen is cheaper than 
milk. 
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dramatically demonstrated by partly immersing a precooled beaker in helium II and 
observing the spontaneous climb of the liquid (as a thin layer) up the outer surface of 
the beaker and down into the beaker, until the levels inside and outside are equal. 

Because of its low boiling point (4.2 K) liquid helium provides a suitabic medium 
for studying superconductivity. Superconductivity is the property of certain metals, 
alloys, and compounds by virtue of which they conduct electricity with litile or no 
resistance at low temperatures. Each superconductor has a transition temperature 
below which this property is activated. For lead, for example, the transition tempera- 
ture is 7.3 K; for niobium, it is 9.0 K. Liquid helium is used to lower the temperatures 
of these superconductors for research purposes. Besides its theoretical significance, 
superconductivity is of considerable interest because of potential applications in the 
energy industry. Electricity generated in power plants is sometimes transmitted hun- 
dreds of miles, and although the cables (usually made of copper) are good electrical, 
conductors, they do have some resistance. (The energy loss is given by /K’, where I 
is the electric current and R is the resistance of the transmission cable.) Transmitting 
electric current along a superconducting material would result in little or no energy loss 
because of the lowered resistance to electricity. In 1987, physicists found that certain 
compounds containing a rare earth metal, copper, barium, and oxygen become super- 
conductors at temperatures as high as 130 K (about 50 degrees above the boiling point 
of liquid nitrogen). This discovery means that we will be able to use liquid nitrogen (or 
other liquids) rather than the more expensive liquid helium to produce superconductors 
for scientific and technological applications. More exciting developments ai expected 
in this area in the near future. 


Neon and Argon 


Both neon and argon have important practical uses. Neon is used in luminescent elec- 
tric lighting, or ‘‘neon lights.” Liquid neon is used in low-temperature research. 
Argon is used mainly in electric light bulbs to provide an inert atmosphere. Because of 
its inert nature, argon is also employed to flush dissolved oxygen gas from molten 
metals in metallurgical processes. 


Krypton and Xenon 


The Group 8A elements were called the inert gases until 1963, and rightly so. No one 
had ever prepared a compound containing any of these elements. But an experiment 
carried out by Neil Bartlett? in that year shattered chemists’ long-held views of these 
elements. Bartlett at that time was investigating the great oxidizing power of platinum 
hexafluoride, PtF,. He noticed that when this compound came into contact with oxy- 
gen, it changed color and yielded an ionic substance having the formula O7 PtFs - 
Since the ionization energy of O (1176 kJ/mol) is very close to that of xenon 


+Neil Bartlett (1932- _). English chemist. Bartlett” ? > 
Eee oe S St. s work is mainly i eo etudy of Com” 
pounds of unusual oxidation numbers and in solid-state centage: ao, saga 
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FIGURE 21.47 (a) Xenon 
gas (colorless) and PtF 5 (red 
gas) separated from each 
other. (b) When the two gases 
are mixed, a yellow orange 
solid compound is formed. 


(1167 kJ/mol), Bartlett reasoned that xenon should also be oxidized by PtFs. He was 
correct. The reaction is rapid and visibly dramatic (Figure 21.47): 


Xe(g) + PtFe(g) —> Xe" PtFe (s) 
red yellow orange 


The report of this reaction triggered tremendous interest and excitement. Only a few 
months later, scientists at the Argonne National Laboratories succeeded in preparing 
binary xenun fluorides. By heating xenon and fluorine (at a 1:5 ratio) in a nickel 
container at 400°C and 6 atm for 1 hour, they obtained xenon tetrafluoride, XeF4 
(Figure 21.48). Two other fluorides, XeF, and XeFe, were also synthesized. A number 


FIGURE 21.48 Crystals of xenon tetrafluoride. 
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It has since been found that 
the product of this reaction is 
more complex than shown. 
However, this does not 
diminish Bartlett's 
achievement of making the 
first noble gas compound. 
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of xenon—oxygen compounds (XeO3, XeQ,) and ternary compounds containing Xe, F, 
and O (XeOF4, XeO3F>) have also been prepared. The success with xenon susgested 
that other noble gases might undergo similar reactions. Indeed, a few compounds of 


krypton (KrF>, for example) have since been prepared, but helium, argon neon 
remain ‘‘confirmed bachelors”’ to date. That this is so should not be surprisins to us. 
As Table 21.6 shows, the ionization energies of the noble gases decrease from clium 
to xenon; therefore, the two elements on the far right, Kr and Xe, can be oxidize: more 


easily than the others. 

The structure and properties of noble gas compounds have been thoroughly ‘svesti- 
gated by many physical and chemical techniques. Today we know more about the 
chemistry of xenon than about some of the more abundant elements in spite of ‘ic fact 
that its compounds do not appear to have any commercial applications, and ‘hey are 
certainly not involved in natural biological processes. 

At first it was thought that a unique type of bonding might be involved in the noble 
gas compounds. This turned out to be incorrect. For the most part the geometry of 
these compounds can be accounted for satisfactorily by the VSEPR method ou!’ ved in 
Chapter 9. Figure 21.49 shows the structure of some Xe compounds as predictew' by the 
VSEPR method. Unlike most other hexafluorides, such as SFo, PtF,, and Ul"s, the 
XeF, molecule does not have an octahedral structure. In xenon hexafluoride, ‘ie Xe 
atom has 14 valence electrons (8 from xenon plus 1 from each of the F atoms) Thus, 
the structure of XeF, must be based on the preferred arrangement of a tor of 7 
electron pairs, of which one is a nonbonding pair. Xenon has limited applicat’ons in 
medicine as an anesthetic. 


F F 
oh mS 
° Xe : Xe 
*s 0 
F F oO 10) 
Oo 
XeF2 XeO2F2 XeO3 XeO4 
Linear Distorted tetrahedron Pyramidal Tetrahedral 
F (e) 
F F E I 
za a il 
: é a 
4b F F 
F 10) 
XeFy XeO3F2 XeO2Fy4 
Square planar Trigonal bipyramid Octahedral 


FIGURE 21.49 The structures of xenon compounds predicted by the VSEPR method. The 
exact structure of XeFs (not shown here) has not been determined, although it is thought to be 
a distorted octahedron. Note that none of the compounds obeys the octet rule. 


KEY WORDS 

SUMMA! 

1. Hydrog ‘oms contain one proton and one electron. They are the simplest 
atoms. ‘ogen combines with many metals and nonmetals to form hydrides; 
some [i es are ionic and some are covalent. 

2. There 2 ee isotopes of hydrogen: {H, 7H (deuterium), and 3H (tritium). Heavy 
water ¢ ns deuterium. 

3. Boron, etalloid, forms unusual three-center bonds in its binary compounds 
with hy ‘en, the boranes. 

4, The im; nt inorganic compounds of carbon are'the carbides; the cyanides, most 
of whic extremely toxic; carbon monoxide, also toxic and a major air pollut- 
cant; the ‘onates and bicarbonates; and carbon dioxide, an end product of me- 
tabolis d a component in the global carbon cycle. 

5. Silicor obines with oxygen in silicate minerals and in silica (SiO). 

6. Elemei itrogen, No, contains a triple bond and is very stable. Compounds in 
which cen has oxidation numbers from —3 to +5 are formed between nitro- 
gen ar drogen and/or oxygen atoms. Ammonia, NHs, is widely used as a 
fertiliz: 

7. White sphorus, P4, is highly toxic, very reactive, and flammable; the poly- 
meric r=” phosphorus, (P4),, is more stable. Phosphorus forms oxides and halides 
with ox ation numbers of +3 and +5 and several oxygen-containing acids. The 
phosph. «s are the most important phosphorus compounds. 

8. Elemen’ | oxygen, Oo, is paramagnetic and contains two unpaired electrons. Oxy- 


10. 


12, 


13, 


gen forms ozone (O3), oxides (O-), peroxides (O3~), and superoxides (Oz). 
Oxygen, ‘he most abundant element in Earth’s crust, is essential for life on Earth. 


. Sulfur is iaken from Earth’s crust by the Frasch process as a molten liquid. Sulfur 


exists i» 2 number of allotropic forms and has a variety of oxidation numbers in its 
compounds. 

Sulfuric acid is the cornerstone of the chemical industry. It is produced from sulfur 
via suifur dioxide and sulfur trioxide in what is called the contact process. 


. The halogens are toxic and reactive and are found only in compounds with other 


elements. Fluorine and chlorine are strong oxidizing agents and are prepared by 
electrolysis. 

The reactivity, toxicity, and oxidizing ability of the halogens decrease from fluo- 
rine to iodine. The halogens all form binary acids (HX) and series of oxoacids. 
The noble gases are quite unreactive and are present in the atmosphere in atomic 
form. Compounds of xenon and krypton have, quite unexpectedly, been prepared 
in recent years. 


KEY WORDS 


Borane, p. 854 Cyanide, p. 857 
Carbide, p. 857 Interhalogen compounds, p. 895 


Catenation, p. 867 Nitrogen fixation, p. 871 
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EXERCISES 
GENERAL PROPERTIES OF NONMETALS 
REVIEW QUESTIONS 


pte 


21.2 


213 


Without referring to Figure 21.1, determine for each of 
the following elements whether they are metals, metal- 
loids, or nonmetals: (a) Cs, (b) Ge, (c) I, (d) Kr, (e) W, 
(f) Ga, (g) Te, (h) Bi. 

List two chemical and two physical properties that dis- 
tinguish a metal from a nonmetal. 

Make a list of physical and chemical properties of 
chlorine (Cl) and magnesium. Comment on their dif- 
ferences with reference to the fact that one is a metal 
and the other is a nonmetal. 

Carbon is usually classified as a nonmetal. However, 
the graphite used in “Jead’’ pencils conducts electric- 
ity. Look at a pencil and list two nonmetallic properties 
of graphite. 


HYDROGEN 
PROBLEMS 


21,5 


21.6 


21.7 


21.8 


21.9 


21.10 


21.11 


21.12 
21.13 


21.14 


21.15 


Explain why hydrogen has no unique position in the 
periodic table. 

Describe two laboratory and two industrial prepara- 
tions for hydrogen. 

Hydrogen exhibits three types of bonding in its com- 
pounds. Describe each type of bonding with an exam- 
ple. 

Elements number 17 and 20 form compounds with 
hydrogen. Look up the formulas for these two com- 
pounds and compare their chemical behavior in water. 
Give an example of hydrogen as (a) an oxidizing agent 
and (b) a reducing agent. 

Give the name of (a) an ionic hydride and (b) a cova- 
lent hydride. In each case describe the preparation and 
give the structure of the compound. 

Compare the physical and chemical properties of the 
hydrides of each of the following elements: Na, Ca, C, 
N, O, Cl. 

What are interstitial hydrides? 

Suggest a physical method other than effusion that 
would allow you to separate hydrogen gas from neon 
gas. 

Write a balanced equation to show the reaction be- 
tween CaH, and HO. How many grams of CaH are 
needed to produce 26.4 L of Hp gas at 20°C and 
746 mmHg? 

How many kilograms of water must be processed to 
obtain 2.0 L of Dz at 25°C and 0.90 atm pressure? 
Assume that deuterium abundance is 0.015 percent and 
that recovery is 80 percent. 


21.16 Predict the outcome of the following reactions: 
(a) CuO(s) + Hx(g) —> 
(b) Na2O(s) + Ho(g) —> 

21.17. Lubricants used for watches usually consist of long- 
chain hydrocarbons. Oxidation by air forms solid poly- 
mers that eventually destroy the effectiveness of the 
lubricants. It is believed that one of the initia! steps in 
the oxidation is removal of a hydrogen atom (hydrogen 
abstraction). By replacing the hydrogen atoms at reac- 
tive sites with deuterium atoms, it is possible to sub- 
stantially slow down the overall oxidation rate. Why? 
(Hint: Consider the kinetic isotope effect.) 

21.18 Describe what is meant by the ‘thydrogen economy.” 

BORON 

PROBLEMS 

21.19 Describe an industrial preparation of boron 

21.20 The standard enthalpy of formation of B2H¢(g) is 
31.4 kJ/mol. Find in Appendix 1 the AH? of CoH and 
C>H4. How do these compounds compare in thermo- 
dynamic stability? 

21.21 Equal volumes of NH3 gas and BF3 gas at the same 
temperature and pressure react to form a solid product. 
What is its structure? 

21.22 A gaseous compound contains only B and H. The den- 
sity of the gas is 1.24 g/L at STP. Calculate the molar 
mass of the compound and suggest a molecular for- 
mula for it. 

21.23 A solid compound of boron and hydrogen has the em- 
pirical formula BsH7. A solution consisting of 0.103 g 
of this solid dissolved in 5.00 g of benzene freezes 
0.87°C below the freezing point of pure benzene. De- 
termine the molecular formula of the compound of 
boron and hydrogen. The molal freezing point depres- 
sion constant for benzene is 5.12°C/m. 

21.24 Write a balanced equation for the oxidation of boron to 
boric acid by nitric acid. 

21.25 Consider the borohydride ion BH, . (a) Is the ion iso- 


electronic with CH,4? (b) Describe the bonding in BHs 
in terms of hybridization. 


CARBON AND SILICON 
PROBLEMS 


21.26 
21.27 
21.28 


21.29 
21.30 
21.31 


Give an example of a carbide and a cyanide. 

How are cyanide ions used in metallurgy? 

Briefly discuss the preparation and properties of cat- 
bon monoxide and carbon dioxide. 

What is coal? 

Explain what is meant by coal gasification. 

How does carbon dioxide influence Earth’s climate? 


21.32 


21.33 
21.34 


21.35 


21.36 


21.37 


21.38 


21.39 


21.40 


21.41 
21.42 


21.43 
21.44 
21.45 
21.46 


21.47 


21.48 


Describe the reaction between CO, and OH™ in terms 
of a Lewis acid—base reaction such as that shown on 
p. 636 

Draw a Lewis structure for the C3~ ion. 

Balance ive following equations: 

(a) Be + H,0(1) —> 

(b) Cat + H,0(/) —> 

Unlike CaCO 3, NagCO 3 does not yield CO, on heat- 
ing. On other hand, NaHCO; undergoes thermal 
decompo. ‘ion to produce CO and NaCO3. (a) Write 
a balanc quation for the reaction. (b) How would 
you test for the CO, evolved? [Hint: Treat the gas with 
limewate:, that is, an aqueous solution of Ca(OH).] 
Two solutions are labeled A and B. Solution A con- 
tains Na.{’O, and solution B contains NaHCO3. De- 
scribe how you would distinguish between the two so- 
lutions |) you were provided with a MgCl, solution. 
(Hint: You need to know the solubilities of MgCO; 
and MgHcO;.) 

Magnesi hloride is dissolved in a solution contain- 
ing sodi jicarbonate. On heating, a white precipi- 
tate is { -d. Explain what causes the precipitation. 
A few drops of concentrated ammonia solution added 
to a cak bicarbonate solution causes a white pre- 
cipitate » ‘orm. Write a balanced equation for the re- 
action. 

Sodium > croxide is hygroscopic, that is, it absorbs 
moisture n exposed to the atmosphere. A student 
placed a pellet of NaOH on a watch glass. A few days 
later, she joticed that the pellet was covered with a 
white solid. What is the identity of this solid? (Hint: 
Air contains CO>.) 

A piece of red-hot magnesium ribbon will continue to 


burn in an atmosphere of CO> even though CO, does 
Not support combustion. Explain. 

Is carbon monoxide isoelectronic with nitrogen (N2)? 
A concentration of 8.00 x 10? ppm by volume of CO 
1s considered lethal to humans. Calculate the minimum 
mass of CO in grams that would become a lethal con- 
centration in a closed room 17.6 m long, 8.80 m wide, 
and 2.64 m high. The temperature and pressure are 
20.0°C and 756 mmHg, respectively. 

Describe one way of preparing silicon. 

What is the major component of sand? 

What is the basic unit in silicates? 

When heated strongly a silane decomposes into solid 
silicon and H>. A sample yielded 0.465 g of Si and 
0.0220 mole of H). Determine the empirical formula 
of the compound. 

Why is silicon unable to form double bonds as readily 
as does carbon? 


Explain why Si=Si bonds are less stable then C=C 
bonds. 


21.49 


21.50 


21.51 


21.52 


EXERCISES 905 


Under certain conditions the reaction of Cl, with 
Mg)Si forms a compound that has the empirical for- 
mula SiC]. Its molar mass is 269 g. What is the struc- 
ture of the compound? 

Suggest some reasons why carbon is more suitable as 
an essential element of terrestrial life than silicon 
would be. 

Explain why SiCl, undergoes hydrolysis, whereas 
CCl, does not. (Hint: Silicon has a low-lying 3d or- 
bital, so it can undergo valence-shell expansion.) 
Glass containers are not suitable for storing very con- 
centrated alkaline solutions. Why? 


NITROGEN AND PHOSPHORUS 
PROBLEMS 


21.53 


21.54 


21.55 


21.56 


21.57 


21.58 


21.59 


21.60 
21.61 
21.62 
21.63 


21.64 


21.65 


Describe a laboratory and an industrial preparation of 
nitrogen gas. 

Nitrogen can be prepared by (a) passing ammonia over 
red-hot copper(II) oxide and by (b) heating ammonium 
dichromate [one of the products is Cr(IID oxide]. Write 
a balanced equation for each of the preparations. 
Write balanced equations for the preparation of sodium 
nitrite by (a) heating sodium nitrate and (b) heating 
sodium nitrate with carbon. 

Sodium amide (NaNH>) reacts with water to produce 
sodium hydroxide and ammonia. Describe this reac- 
tion as a Brénsted—Lowry acid-base reaction. 

Write a balanced equation for the formation of urea, 
(NH>)2CO, from carbon dioxide and ammonia. Should 
the reaction be run at a high or low pressure to maxi- 
mize the yield? 

Some farmers feel that lightning helps produce a better 
crop. What is the scientific basis for this belief? 

At 620 K the vapor density of ammonium chloride rel- 
ative to hydrogen (H2) under the same conditions of 
temperature and pressure is 14.5, although, according 
to its formula mass, it should have a vapor density of 
26.8. How would you account for this discrepancy? 
Describe the Ostwald synthesis of nitric acid. 
Describe the Haber synthesis of ammonia. 

What is meant by nitrogen fixation? Describe a process 
for fixation of nitrogen on an industrial scale. 
Explain why nitric acid can be reduced but not oxi- 
dized. 

Explain, giving one example in each case, why nitrous 
acid can act both as a reducing agent and as an oxidiz- 
ing agent. 

Write a balanced equation for each of the following 
processes: (a) On heating, ammonium nitrate produces 
nitric oxide. (b) On heating, potassium nitrate pro- 
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duces potassium nitrite and oxygen gas. (c) On heat- 
ing, lead nitrate produces lead(II) oxide, nitrogen di- 
oxide (NO), and oxygen gas. 

Explain why, under normal conditions, the reaction of 
zinc with nitric acid does not produce hydrogen. 
Potassium nitrite may be produced by heating a mix- 
ture of potassium nitrate and carbon. Write a balanced 
equation for this reaction. Calculate the theoretical 
yield of KNO2 produced by heating 57.0 g of KNO3 
with an excess of carbon. 

Consider the reaction 


N2(g) + O2(g) == 2NO(g) 


Given that the AG° for the reaction at 298 K is 
173.4 kJ, calculate (a) the standard free energy of for- 
mation of NO, (b) Kp for the reaction, and (c) K, for 
the reaction. 

Predict the geometry of nitrous oxide, N20, by the 
VSEPR method and draw resonance structures for the 
molecule. (Hint: The atoms are arranged as NNO.) 
From the data in Appendix 1, calculate AH? for the 
synthesis of NO at 25°C: 


4NH,(g) + 502(g) —> 4NO(g) + 6200 


Describe an industrial preparation of phosphorus. 
Explain why two N atoms can form a double bond or a 
triple bond, whereas two P atoms can form only a sin- 
gle bond. 

Why is the Py molecule unstable? 

Starting with elemental phosphorus, P4, show how you 
would prepare phosphoric acid. 

When 1.645 g of white phosphorus is dissolved in 
75.5 g of CSy, the solution boils at 46.709°C, whereas 
pure CS» boils at 46.300°C. The molal boiling point 
elevation constant for CS2 is 2.34°C/m. Calculate the 
molar mass of white phosphorus and give the molecu- 
lar formula. 

Dinitrogen pentoxide can be prepared by the reaction 
between P,Oj9 and HNO3. Write a balanced equation 
for this reaction. Calculate the theoretical yield of 
N2O; if 79.4 g of P4O10 is used in the reaction and 
HNO; is the excess reagent. (Hint: One of the products 
is HPO3.) 

What is the hybridization of phosphorus in the phos- 
phonium ion, PH? 

Explain why (a) NH; is more basic than PH, (b) NH3 
has a higher boiling point than PH, (c) PCls exists but 
NCI; does not, (d) N> is more inert than P,. 

Solid PCls exists as [PCIf ][PCl¢ ]. Draw Lewis struc- 
tures for these ions. Describe the state of hybridization 
of the P atoms. 


OXYGEN AND SULFUR 


PROBLEMS 

21.80 Describe one industrial and one laboratory prep»: ition 
of Qo. 

21.81 Give an account of the various kinds of ox that 
exist and illustrate each type by two examp! 

21.82 Compare the structures of the following pairs of ox- 
ides: (a) CO, and SiO2, (b) H,O and H20:, (c) MgO 
and NO. 

21.83 Describe some unusual properties (both physical and 
chemical) of water. 

21.84 How do hydrolysis and hydration differ? 

21.85 Draw molecular orbital energy level diagrams ‘or QO, 
Oz, and O3-. 

21.86 Hydrogen peroxide can be prepared by treating barium 
peroxide with an aqueous solution of suli acid. 
Write a balanced equation for this reaction. 

21.87 One of the steps involved in the depletion of one in 
the stratosphere by nitric oxide may be represented as 

NO(g) + 03(g) === NO2(g) + Oo( 

From the data in Appendix 1 calculate AG", | and K, 
for the reaction at 25°C. 

21.88 Hydrogen peroxide is unstable and decomposes read- 
ily: 

2H20.(aq) —> 2H,0(/) + O2(g) 

This reaction is accelerated by light, heat, or « catalyst. 
(a) Explain why hydrogen peroxide sold in drugstores 
is usually kept in dark bottles. (b) The conce ntrations 
of aqueous hydrogen peroxide solutions are normally 
expressed as percent by mass. In the decomposition of 
hydrogen peroxide, how many liters of oxygen gas can 
be produced at STP from 15.0 g of a 7.50 percent hy- 
drogen peroxide solution? 

21.89 What are the oxidation numbers of O and F in HOF? 

21.90 Oxygen forms double bonds in O2, but sulfur forms 
single bonds in Sg. Explain. 

21.91 Describe the contact process (see p. 124) for the pro- 
duction of sulfuric acid. 

21.92 The total production of sulfuric acid in the United 
States in 1981 was 41 million tons. Calculate the 
amount of sulfur (in grams and moles) used in the pro- 
duction. 

21.93 Sulfuric acid is a dehydrating agent. Write balanced 
equations for the reactions between sulfuric acid and 
the following substances: (a) HCOOH, (b) H3POs; 
(c) HNOs, (4) HCIO3. (Hint: Sulfuric acid is not de- 
composed by the dehydrating action.) 

21.94 Describe two reactions in which sulfuric acid acts as a 


oxidizing agent. 


OF, does not. Explain. 
\Cl¢, SBre, and SI cannot be prepared. 
physical and chemical properties of HO 


21.95 SFo exist 
21.96 Explain ' 
21.97 Compare 


and HS 

21.98 Calculate mount of CaCO, (in grams) that would 
be requii react with 50.6 g of SO, emitted by a 
power p! 

21.99 The bad in water caused by hydrogen sulfide can 
be remo y the action of chlorine. The reaction is 

H2S + Clo(aq) ——~> 2HCl(aq) + S(s) 
If the hy n sulfide content of contaminated water 
is 22 ppm ©y mass, calculate the amount of Cl, (in 
grams) rec. ved to remove all the H2S from 1.5 x 10° 
gallons o! r, which is the average amount of water 
used dai! person in the United States (1 gallon = 
3.785 L) 

21.100 Concentr ilfuric acid reacts with sodium iodide to 
produce ular iodine, hydrogen sulfide, and so- 
dium hyd n sulfate. Write a balanced equation for 
the reacti 

THE HALOG! 

PROBLEMS 


21.101 Describe an industrial preparation for each of the halo- 
gens, 

21.102 Metal chlorides can be prepared in a number of ways: 
(a) direct combination of metal and molecular chlo- 
Tine, (b) reaction between metal and hydrochloric acid, 
(c) acid-base neutralization, (d) metal carbonate 
treated with hydrochloric acid, (e) precipitation reac- 
tion. Give an example for each type of preparation. 

21.103 Show that chlorine, bromine, and iodine are very much 
alike by giving an account of their behavior (a) with 
hydrogen, (b) in producing silver salts, (c) as oxidizing 
agents, and (d) with sodium hydroxide. (e) In what 

21.104 respects is fluorine not a typical halogen element? 

104 Aqueous copper(II) sulfate solution is blue in color. 
When aqueous potassium fluoride is added to the 
CuSO, solution, a green precipitate is formed. If aque- 
Ous potassium chloride is added instead, a bright green 
Solution is formed. Explain what happens in each case. 
Draw structures for (a) (HF)2 and (b) HF. 

Sulfuric acid is a weaker acid than hydrochloric acid. 
Yet hydrogen chloride is evolved when concentrated 
Sulfuric acid is added to sodium chloride. Explain. 
A 375-gallon tank is filled with water containing 167 g 
of bromine in the form of Br~ ion. How many liters of 
Cl; gas at 1.00 atm and 20°C will be required to oxi- 
21.108 dize all of the bromide to molecular bromine? 
Hydrogen fluoride can be prepared by the action of 


21.105 
21.106 


21.107 
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sulfuric acid on sodium fluoride. Explain why hydro- 
gen bromide cannot be prepared by the action of the 
same acid on sodium bromide. 

21.109 What volume of bromine (Br2) measured at 100°C and 
700 mmHg pressure would be obtained if 2.00 L of 
dry chlorine (Cl), measured at 15.0°C and 
760 mmHg, were absorbed by a potassium bromide 
solution? 

21.110 Use the VSEPR method to predict the geometries of 
the following species: (a) IF;, (b) I, (c) SiCly, 
(d) PFs, (e) SF4, (f) ClOz. 

21.111 Iodine pentoxide, 1,05, is sometimes used to remove 
carbon monoxide from the air by forming carbon diox- 
ide and iodine. Write a balanced equation for this reac- 
tion and identify species that are oxidized and reduced. 


THE NOBLE GASES 
PROBLEMS 


21.112 Asa group, the noble gases are more stable than other 
elements. Why? 

21.113 Helium gas is used to dilute oxygen gas for deep-sea 
divers. If a diver has to work at a depth where the 
pressure is 4.0 atm, what must be the content of He 
(percent by volume) in a He/O, mixture so that the 
partial pressure of O2 is 0.20 atm? 

21.114 Why do all noble gas compounds violate the octet rule? 

21.115 Balance the following equations: 

(a) XeF, + HxO —> XeO3 + Xe + HF 
(b) XeFy + HxO —> XeO; + HF 
21.116 Heated xenon(VI) fluoride undergoes decomposition: 


XeFo(s) —> XeF,(g) + F2(g) 


Starting with 8.96 g of XeFe, calculate the combined 
volume of the product gases at 107°C and 374 mmHg. 
Assume complete decomposition. 

21.117 Give oxidation numbers of Xe in the following com- 
pounds: XeF, XeF;, XeF,, XeOFy, XeO3, XeO2Fo, 


XeO4. 
MISCELLANEOUS PROBLEMS 


21.118 Write a balanced equation for each of the following 
reactions: (a) Heating phosphorus acid yields phos- 
phoric acid and phosphine (PH3). (b) Lithium carbide 
reacts with hydrochloric acid to give lithium chloride 
and methane. (c) Bubbling HI gas through an aqueous 
solution of HNO; yields molecular iodine and nitric 
oxide. (d) Hydrogen sulfide is oxidized by chlorine to 
give HCl and SCh. 

21.119 (a) Which of the following compounds has the greatest 
ionic character? PCls, SiCl4, CCl4, BCls (b) Which of 
the following ions has the smallest ionic radius? F”, 
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C4~, N?-, 02> (c) Which of the following atoms has 21.123 Describe the bonding in the C3” ion in terms of the 

the highest ionization energy? F, Cl, Br, I (d) Which of molecular orbital theory. 

the following oxides is most acidic? HO, SiOz, CO 21.124 Write an overall equation for photosynthe: How 
21.120 Starting with deuterium oxide, describe how you does photosynthesis influence the greenhouse effect? 

would prepare (a) ND3 and (b) C2D2. 21.125 Briefly describe the role of nitrogen oxides sod ozone 
21.121 Both N,O and O, support combustion. Suggest one in smog formation. 

physical and one chemical test to distinguish between 21.126 The yolks of eggs boiled too long often tum green. 

the two gases. What causes this color? (Hint: The proteins '% ‘he egg 
21.122 What is the change in oxidation number for the follow- white contain sulfur, and some hydrogen «vifide is 

ing reaction? evolved when the proteins decompose on heating. The 


30, 20, egg yolks contain Fe?* ions.) 


» 
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he Series of elements in the periodic table in which the d and f orbitals are gradually 
filled are called the transition elements. There are about 50 transition elements ind 
hecho ce have widely varying and fascinating properties. To present even one interes! 1g 
limit sai €ach transition element, however, is beyond the scope of this book. We ther ore 
ae ana pees to discussion of the transition elements that have incompletely filled « Dit- 
heir most commonly encountered property—the tendency to form complex io 


22.1 Properties of the Transition Metals 


Transition metals characteristically have incompletely filled d subshells or scadily give 
rise to ions with incompletely filled d subshells (Figure 22.1). In this chapter we 
concentrate on the first-row transition metals from scandium to copper; ‘icy are the 
most common of all the transition metals. Table 22.1 lists some of their properties. 

As we read across any period from left to right, atomic numbers increas. electrons 
are being added to the outer shell, and the nuclear charge increases by the «(dition of 
protons. In the third-period elements—sodium to argon—the outer elec ons shield 
one another weakly from the extra nuclear charge. Consequently, atomic rs.» decrease 
rapidly from sodium to argon and the electronegativities and ionization orgies in- 


crease steadily (see Figures 7.7, 7.14, and 8.8). 

For the transition metals, these tendencies are different. As we read «cross from 
scandium to copper, the nuclear charge, of course, increases, but electrons are being 
added to the inner 3d subshell. These 3d electrons shield the 4s electrons from the 
increasing nuclear charge somewhat more effectively than outer-shell e/cctrons can 
shield one another, so the atomic radii decrease less rapidly. For the same reason, 


FIGURE 22.1 7. 


some chemists, ne 


. transition metals. Note that although the Group 2B elements (Zn, Cd, Hg) are described as transition metals by 
ither the metals nor their ions possess incompletely filled d subshells. 
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TAP’. 22.4 Electron Configuration and Other Properties of the First-Row Transition Metals 


ws 


Se Ti Vv Cr Mn Fe Co Ni Cu 
mr << 
Ele configuration 

4373! 49°32 48°32 4 s'3d°45?3d° —4573d®— 45°3d? — 4573d® = 4s! 

_ 3d° 3d° 3d* 3d° 3d° 3d’ 3d8 3d 

[Ne] 3d! 3a 3d 3d* 3d° 3d° 3d’ 3d8 

Ele egativity 1.3 1.5 1.6 1.6 1.5 1.8 1.9 1.9 1.9 
lor on energy 

ol) 

t 631 658 650 652 717 759 760 736 745 

ond 1235 1309 1413 1591 1509 1561 1645 1751 1958 

ird 2389 2650 2828 2986 3250 2956 3231 3393 3578 
I pm) 

162 147 134 130 135 126 125 124 128 

a 90 88 85 80 71 75 69 72 

81 ahh 74 64 66 60 64 _— _ 
St wd reduction 

itial (V)* —2.08 —1.63 =12 —0.74 —1.18 -0.44 —0.28 —0.25 0.34 
wis. dna eee, 


“)© half-reaction is M2*(ag) + 2e~ —> M(s) (except for Sc and Cr, where the ions are Sc** and Cr**, respectively). 


electronegativities and ionization energies increase only slightly from scandium across 
to copper compared to the increases from sodium to argon. 

\lthough the transition metals are less electropositive (or more electronegative) 
than the alkali and alkaline earth metals, their standard reduction potentials seem to 
indicate that all of them except copper should react with strong acids such as hydro- 
chloric acid to produce hydrogen gas. However, most transition metals are inert toward 
acids or react slowly because of a protective layer of oxide. A case in point is chro- 
mium: Despite its rather negative standard reduction potential (see Table 19.1), it is 
quite inert chemically because of the formation on its surfaces of chromium(III) oxide, 
Cr,O3. Consequently, chromium is commonly used as a protective and noncorrosive 
plating on other metals. 

The following characteristics of the transition metals are both interesting to consider 
and important to understand. 


General Physical Properties 


Most of the transition metals have a close-packed structure (sce Figure 10.31) in which 
each atom has a coordination number of 12. Furthermore, these elements have rela- 
tively small atomic radii. The combined effect of closest packing and small atomic size 
results in strong metallic bonds. Therefore, transition metals have higher densities, 
higher melting points and boiling points, and higher heats of fusion and vaporization 
than the Group 1A and 2A metals, as well as the Group 2B metals (Table 22.2). 


Electron Configurations 


The electron configurations of the first-row transition metals Were discussed in Section 
6.10. Calcium has the electron configuration [Ar]4s*. From scandium across to copper 
electrons are added to the 3d orbitals. Thus, the outer electron configuration of scan- 
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TABLE 22.2 Physical Properties of Elements K to Zn 


a 
1A 2A Transition Metals 2B 
K Ca Sc Ti Vv Cr Mn Fe Co Ni Cu Zn 
aa — 
Atomic 
radius (pm) 235 197 162 147 134 130 135 126 125 124 128 138 
Melting 
point (°C) 63.7 838 1539 1668 1900 1875 1245 1536 1495 1453 1083 419.5 
Boiling 
point (°C) 760 1440 2730 3260 3450 = 2665 2150 3000 2900 2730 2595 906 
Density 
(g/cm?) 0.86 1.54 3.0 4.51 6.1 7.19 7.43 7.86 8.9 8.9 8.96 7.14 


——————— ee 


dium is 4s23d!, that of titanium is 453d, and so on. The two exceptions are ¢omium 


and copper, whose outer electron configurations are 4s'3d? and 45!3d!, respectively. 
These irregularities are the result of the extra stability associated with hal! ‘ed and 
completely filled 3d subshells. 

When the first-row transition metals form cations, we know that electrons are re- 
moved first from the 4s orbitals and then from the 3d orbitals. (This is the opposite of 
the order in which orbitals are filled in neutral atoms.) For example, the oute* «lectron 


configuration of Fe?* is 3d°, not 4s73d*. 
Oxidation States 


The transition metals exhibit variable oxidation states in their compounds by losing one 
or more electrons. Figure 22.2 shows the oxidation states from scandium to copper. 
Note that the common oxidation states for each element include +2, +3, or both. The 
+3 oxidation states are more stable at the beginning of the series, whereas toward the 
end the +2 oxidation states are more stable. The reason for this trend can be under- 
stood by examining the ionization energy plots in Figure 22.3. In general, the ioniza- 
tion energies increase gradually from left to right. However, the third ionization energy 
(when an electron is removed from the 3d orbital) increases more rapidly than the first 
and second ionization energy. Because it takes more energy to remove the third elec- 
tron from the metals near the end of the row than from those near the beginning, the 
metals near the end tend to form M?* ions rather than M** ions. 

The relative stability of the +2 and +3 oxidation states also correlates with the 
standard reduction potential €° for the half-cell reaction 


M** (aq) + e© —> M?*(aq) 


in which M stands for a transition metal. The more positive the 6° value, the more 
likely the reduction will proceed to the right and the more stable the +2 oxidation state 
is compared to the +3 state. Figure 22.4 shows how €° varies for several metals. 
Titanium, vanadium, and chromium all have negative 6° values, indicating that their 
M?* ions are more stable than the M?* ions. Manganese has a large positive €°, which 
means that Mn2* is more stable than Mn**. The difference in stability between Fe?* 
and Fe?* ions is not nearly as marked as that between Mn2* and Mn°*. In fact, both 
Fe?* and Fe?* ions are stable species in solution. The plot also shows that Co”” is 
more stable than Co** 
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FIGURE 2° % Oxidation states of the first-row transition metals. The most stable oxidation 
numbers «i own in color. The zero oxidation state is encountered in some compounds, such 
as Ni(CO), « id Fe(CO)s. 


The hig st oxidation state is +7, for manganese (45°3d°). For elements to its right Recall that oxides in which the 
: oe oe seis metal has a high oxidation 
(Fe to Cu), oxidation numbers are lower. Transition metals usually exhibit their highest ane sain me 
Oxidation sisics in compounds with very electronegative elements such as oxygen and acidic, whereas those in which 
fluorine—{or example, V205, CrO3, and Mn207. the metal has a low oxidation 


number are ionic and basic. 


4000 ;- 


Ionization energy (kJ/mol) 


Element 


? ; SoA i -row 
FIGURE 22.3 Variation of the first, second, and third ionization energies for the first 


"ransition metals, 
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FIGURE 22.5 Colors of some 
of the first-row transition metal 
ions in solution. From left to 
right: TP*, Cr°*, Mn?*, Fe**, 
Co?*, Ni?*, Cu?*. The Sc** and 
V>* ions are colorless. 
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FIGURE 22.4 Standard reduction potentials for the half-reaction M?* + e —> 7+ for 


several transition metals. 


Color 


Many transition metal ions and complex ions and anions containing transitio. metals 
are distinctively colored (Figure 22.5; also see Figures 12.2 and 12.7.) The «gin of 
the color, as we will see in Section 22.5, is due to the electronic transition involving 
the d electrons. 


Magnetism 


Most transition metal compounds are paramagnetic. Recall that paramagnetism is asso- 
ciated with one or more unpaired electrons (see Section 6.9). As we will see shortly, 
the paramagnetism of transition metal compounds is due to the incompletely filled d 
subshells of the metals. 


22.2 CHEMISTRY OF THE FIRST-ROW TRANSITION METALS 


Com? lon Formation 


Transit": metal ions are Lewis acids (that is, they can accept electron pairs) and have a 
great t ney to form complex ions (first discussed in Section 17.5). Some examples 
of trans. ‘on metal complexes are [Cu(NH3)4]?*, [Co(NH3),}°*, [Ni(CN),]?~, and 
[Fe(C) 


Cataly io Properties 


Many « » transition metals and their compounds are good catalysts both for inor- 
ganic : ganic reactions and for electrochemical processes. We have already de- 
scribed ise Of iron as a catalyst in the Haber synthesis of ammonia (p. 559); the use 
of vanadiiiim oxide, V20s, in the production of sulfuric acid (p. 560); the use of 
platinu: a catalyst in hydrogenation reactions (p. 562); and the use of nickel and 
nickel as electrocatalysts in fuel cells (Section 19.6). Metals such as copper, 
rutheni rhodium, and gold are used as catalysts in many reactions. 


22.2 mistry of the First-Row Transition Metals 


In this se-'on we will briefly survey the chemistry of the first-row transition metals, 
paying pericular attention to their occurrence, preparation, uses, and important com- 
pounds. Tse metals are pictured in Figure 22.6. 

Scandium 


Scandium, a rare element (2.5 X 107? percent of Earth’s crust by mass), is difficult to 
Obtain in its pure form. Prepared by the electrolysis of molten scandium chloride, 
ScCl;, scandium is silvery white and develops a yellowish cast when exposed to air. 
The oxidation state of scandium is +3 in most of its compounds. Because the Sc3* ion 
does not possess any d electrons, scandium compounds are colorless and diamagnetic. 
Scandium and its compounds have no important uses. 


Titanium 


Titanium is the most abundant transition metal after iron (0.63 percent of Earth’s crust 
by mass). It occurs as rutile, TiO>, and as ilmentile, FeTiO3. The metal is prepared by 
heating TiO, with coke (C) and chlorine gas at about 900°C: 


TiO,(s) + 2C(s) + 2Clo(g) —> TiCla(l) + 2CO2(s) 
Reduction of TiCl, with molten magnesium in a steel crucible between 950°C and 
11s0°¢ Produces titanium metal: 


TiCli(g) + 2Mg(l) —> Ti(s) + 2MgCl,(/) 


915 
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Scandium (Sc) Titanium (Ti) Vanadium (V) 


Chromium (Cr) Manganese (Mn) Iron (Fe) 


Cobalt (Co) Nickel (Ni) Copper (Cu) 
FIGURE 22.6 The first-row transition metals. 


Titanium is a strong, lightweight, corrosion-resistant metal that is used in the con- 
struction of rockets, aircrafts, and jet engines. Because it does not corrode easily and is 
resistant to attack by acids and chlorine, titanium also has applications in the chemical 
industry. Titanium dissolves in concentrated sulfuric acid as follows: 


2Ti(s) + 6H2SO4(aq) —> Ti2(SO4)3(aq) + 3H,O(/) + 6SO3(g) 


The most important oxidation states of titanium are +3 and +4. The Ti(IV) com- 
pounds are colorless and diamagnetic because the Ti** ion does not possess any d 
electrons. In contrast, the Ti(III) compounds are colored and paramagnetic because 
Ti** contains one d electron. Titanium(IV) oxide, TiO>, is very stable, nontoxic, 
opaque, and brilliant white. These properties make it suitable as a pigment in white 
paint. The annual production of TiO, in the United States is about 800,000 tons. 
Titanium(IV) chloride is a colorless liquid that hydrolyzes as follows: 


TiCl4(/) + 2H,O(1) —> TiO.(s) + 4HCK(g) 
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Titaniu x(LV) chloride, together with trimethylaluminum, (CH3)3Al, is an important 
catalys n the polymer industry (see Section 24.2). 

Vanaciam 

Vanad comprises 0.014 percent of Earth’s crust by mass. It occurs as vanadinite, 
Pbs(V‘ Cl, and patronite, VS4. The first step in extracting vanadium is to obtain 
vanad V) oxide from the sulfide ore or, in a series of complex reactions, from 
vanad Next, V20s is reduced by molten calcium to give the metal: 


V205(s) + 5Ca(l) 4s 5Ca0(s) + 2V(2) 


Pure vanadium is a bright, shiny metal that is fairly soft and ductile and quite resistant 
to corr: |. Because of these properties it is used in steel alloys. It combines with the 
carbon present in steel to form V4C3, which disperses to produce a fine-grained steel 
that is resistant to wear and tear and performs better at high temperatures than 
ordinary steel. Vanadium forms compounds in the +2, +3, +4, and +5 oxidation 
States, ©. which the +4 and +5 are the most important. (Figure 12.2 shows the colors 


of the various vanadium ions in solution.) Vanadium(IV) oxide is a dark blue solid; in 
solution the blue color is due to the VO?* ion. Vanadium(IV) chloride, VCly, is a 
reddish brown liquid; it is a molecular compound. Vanadium(V) oxide is a yellow 
Orange compound that is best prepared by the thermal decomposition of ammonium 
metavaiacdate, NH4VO3: 


NH,VO,(s) 45 V20s(s) + 2NH3(g) + H20(g) 


Vanaditisi( V) oxide is used as a catalyst in the contact process for the manufacture of 
Sulfuric acid (see Figure 13.21). 
Chromium 


Chromium is relatively rare (0.0122 percent of Earth’s crust by mass). Its most impor- 
tant ore is chromite, FeO - Cr>03; it is also found in crocoite, PbCrO, (Figure Boer): 
The metal is extracted by the thermite process (see Section 12.3): 


2Al(s) + Cr303(s) —> AbO;(s) + 2Cr(/) 


Chromium is a hard, brittle metal that forms a protective oxide, Cr,O3, which accounts 
for the metal’s resistance to corrosion. Its chief use is in the manufacture of stainless 
steel. Another use of chromium is in the ‘‘chromium-plating’’ process. Chromium(III) 
Oxide, Cr;O3, is dissolved in sulfuric acid and the Cr** ions produced are electrolyti- 
cally reduced onto the surface of a metal that acts as the cathode. Car bumpers pro- 
‘ected this way are both resistant to corrosion and decorative. 

The Gat oxidation states of chromium are +2, +3, and +6, of which the +3 
State is the most stable. The green Cr* ion (see Figure 12.7) forms many complex 
tons. Like A+. it hydrolyzes to give an acidic solution. Chromium(V1) aay 
exists as dark red crystals; it is a strong oxidizing agent. Chromium(III) oxide, Cr.03, 
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FIGURE 22.7 The chromium 
ore crocoite, PbCrO4. 
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croz~ Cr. 05 


FIGURE 22.8 Geometry of the CrO}~ and Cr203~ ions. In both cases the Cr ator ‘+ tetrahe- 
drally bonded to four O atoms. 


a green powder, is prepared by the thermal decomposition of ammonium dic :romate 
(see p. 500). Chromium(III) oxide has amphoteric properties and is very siz /c. It is 
used as a green pigment in paints. Chromium(IV) oxide, CrO>, is a browns!) black 
solid. Its high electrical conductivity and magnetic properties make it suita’s'~ in the 
manufacture of magnetic recording tapes which perform better than those mac< of iron 
oxides. Figure 22.8 shows the structures of two important chromium-containing ani- 
ons, chromate, CrO% , and dichromate, Cr,07—. The oxidizing properties of these 
ions are discussed in Sections 12.4 and 12.5. 


Manganese 


Manganese is a relatively abundant element (0.11 percent of Earth’s crust by mass). 
The major source of manganese is pyrolusite, MnO, but it is also found in manganese 
nodules (see Section 20.1). The metal is prepared by the thermite process. First, MnOz 
is converted to Mn3O, by heating: 


3MnO,(s) > MnyOx(s) + O3(g) 
Then MnO, is treated with aluminum to yield liquid manganese: 
3Mn30,(s) + 8Al(s) —> 4A1,03(s) + 9Mn(/) 


(The reaction between MnO, and AI is too violent.) The metal is then purified by 
distillation. In pure form, manganese is a brittle, hard metal that has a silvery white 
appearance. Its main use is in making steel. Steel containing 12 percent manganese is 
very hard and is used for railroad tracks and similar metal products that have to stand 
up under severe wear and tear. 

The known oxidation states of manganese range from +2 to +7. The +2 state is 
particularly stable (it has a half-filled 3d subshell). The Mn2* jons have a light pink 
color in solution (see Figure 12.7). The Mn** ion is unstable in solution. Man- 
ganese(IV) oxide, normally available as a dark powder, is used in the laboratory 
preparation of oxygen (see Figure 3.6), in glassmaking, and in the LeClanché cell (see 
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Figure |).6). Potassium permanganate is a dark purple compound. It is prepared as 
follows 


nO(s) + 2KOH() + KCIO() +> 2KMn0,(I) + H,0(g) + 2KC\() 


The ox 1g properties of MnOj are discussed in Sections 12.4 and 12.5. 
Iron 
After al 1um, iron is the most abundant metal in Earth’s crust (6.2 percent by 
mass). It found in many ores; some of the important ones are hematite, Fe,03; 
siderite, ' COs; and magnetite, Fe304 (Figure 22.9). Figure 22.10 shows an aerial 
view of i-pit mining. The preparation of iron in a blast furnace and steelmaking 
were di ed in Section 20.2. Pure iron is a gray metal and is not particularly hard. It 
is an es \! element in living systems (to be discussed later). 
Iron s with hydrochloric acid to give hydrogen gas: FIGURE 22.9 The iron ore 


, magnetite, Fe;04. 
Fe(s) + 2H* (aq) —> Fe**(aq) + Ho(g) 


Concentraicd sulfuric acid oxidizes the metal to Fe**, but concentrated nitric acid 
renders | etal “‘passive’’ by forming a thin layer of Fe3O,4 over the metal. One of 
the best vn reactions of iron is rust formation (see Section 19.7). The two oxida- 
tion stat iron are +2 and +3. Iron(II) compounds include FeO (black powder), 
FeSO, - ) (green), FeCl, (yellow), and FeS (black). In the presence of oxygen, 
Fe** ions solution are readily oxidized to Fe** ions. Iron(III) oxide is reddish 
brown, anc ron(IID) chloride is brownish black. Two important compounds containing 
iron cya complexes are potassium hexacyanoferrate(II), Ky[Fe(CN)¢], which is 
yellow, anc potassium hexacyanoferrate(II]), K3[Fe(CN).], which is reddish in ap- 


pearance. The [Fe(CN)¢]*~ and [Fe(CN),]* ions both have octahedral geometry. 


FIGURE 22.10 Open-pit iron 


mining. 


920 


FIGURE 22.12  Chalcopyrite, 
CuF eS4. 
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FIGURE 22.11 Left: In the 
anhydrous form, CoCl is blue. 
Right: In the presence of moist 
air, its color gradually turns pink 
due to the formation of 
CoCl, - 6H20. 


Cobalt 


Cobalt is a rare element (3 X 107? percent of Earth’s crust by mass). It is ' und in 
association with iron, nickel, and silver. Its major ores are smaltite, Co», and 
cobalitite, CoAsS. The metal is prepared by roasting CoAsS in air and then ~-ducing 
the metal oxide with carbon. Cobalt is a bright, bluish white metal. It is used i“: alloys 
such as stellite, an alloy containing cobalt, chromium, and tungsten. Stellite is used in 
making surgical instruments. 

The oxidation states of cobalt are +2 and +3; the +2 is the more stable of ‘ne two. 
Cobalt reacts with hot, dilute sulfuric acid and hot hydrochloric acid to form Co(II) 
salts. Cobalt(II) oxide, CoO, is a greenish powdery substance. Cobalt(II) chloride, 
CoCh, is blue in the anhydrous state but the hydrated form, CoCl, - 6H20, ‘s pink. 
This property makes the compound useful as an indicator of moisture (Figure 22.11). 


Nickel 


Nickel is a rare element (1.0 x 10~? percent of Earth’s crust by mass). The ore 
millerite, NiS, is associated with pyrite, FeS>, and chalcopyrite, CuFeS. The metal is 
obtained by first roasting the ore in air and then by reducing it with hydrogen gas. 
Nickel is purified by the Mond process, described in Section 20.2. Nickel is a silvery 
metal having high electrical and thermal conductivities. It is mainly used in making 
alloys. The coin we call a ‘‘nickel’”’ is made of copper and nickel. Nickel is also used 
as a catalyst in hydrogenation reactions (see Section 13.5) and as electrodes in batteries 
and fuel cells (see Section 19.6). 

Nickel is attacked only by nitric acid. Its stable oxidation state is +2. Hydrated 
Ni?* ions have an emerald green color. Some important nickel compounds are NiO 
(green), NiCl, (yellow), and NiS (black). 


Copper 


Copper, a rare element (6.8 X 10~* percent of Earth’s crust by mass), is found in 
nature in the uncombined state as well as in ores such as chalcopyrite, CuFeS2 (Figure 
22.12). The metal is obtained by roasting the ore to give Cu,S and then metallic 
copper: 
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ing into pennies. 


2CuFeS,(s) + 40,(g) —> CuyS(s) + 2FeO(s) + 3S0,(g) 
CuS(s) + Oo(g) —> 2Cu(/) + SO2(g) 


Impure cc can be purified by the electrolytic technique (see Section 20.2). Copper 
Is a reddis »wn metal. Aside from silver, which is too expensive for large-scale use, 
Copper h: e highest electrical conductivity. It is also a good thermal conductor. 
Copper is ised in alloys, electrical cables, plumbing (pipes), and coins (Figure 22.13). 

Copper reacts only with hot concentrated sulfuric acid and nitric acid (see Figure 
12.6). Its two important oxidation states are +1 and +2. The +1 state is less stable and 
disproportionates in solution: 


2Cu*(ag) —> Cu(s) + Cu?*(aq) 


All compounds of Cu(I) are diamagnetic and colorless except for CuO, which is red. 
The Cu(II) compounds are all paramagnetic and colored. The hydrated Cu?* ion is 
blue. Some important Cu(II) compounds are CuO (black), CuSO, -5H2O (blue), and 
CuS (black). 


22.3 Coordination Compounds 


We have noted that transition metals have a distinct tendency to form complex ions. A 
neutral species containing one or more complex ions is called a coordination com, 
Pound. Coordination compounds usually have rather complicated formulas in which 
We enclose the complex ion in brackets. Thus, [Ni(NH3)6]°* is a complex ion, and 
INi(NH),]C1L, is a coordination compound. Most, but not all, of the metals in coordi- 


Nati i ee 
© compounds are transition metals. 
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FIGURE 22.13 Copper sheets awaiting stamp- 


Recall that a complex ion 
contains a central metal ion 
bonded to one or more ions or 
molecules. 
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In a crystal lattice the 
coordination number of an 
atom (or ion) is defined as the 
number of atoms (or ions) 
surrounding the atom (or ion). 


Ethylenediamine is sometimes 
abbreviated en. 


The use of EDTA to treat metal 
poisoning is discussed in 
Chapter 20. 
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The molecules or ions that surround the metal in a complex ion are ca:'ed ligands, 


The interactions between a metal atom and the ligands can be though! of as Lewis 
acid—base reactions. As we saw in Section 15.7, a Lewis base is a substa\ - capable of 
donating one or more electron pairs. Every ligand has at least one uns» .red pair of 


valence electrons, as these examples show: 


HON N :Cli- = : C=: 
“aS 7\\ He 
H H H H 
H 

Therefore, ligands play the role of Lewis bases. On the other hand, a \ ition metal 
atom (either in its neutral or positively charged state) acts as a Lewis « accepting 
(and sharing) pairs of electrons from the Lewis bases. Thus the metal—liy .»d bonds are 
usually coordinate covalent bonds (see Section 8.9). 

The atom ina ligand that is bound directly to the metal atom is know» ~s the donor 
atom. For example, nitrogen is the donor atom in the [Cu(NH3)4]°* cor x ion. The 
coordination number in coordination compounds is defined as the nw -r of donor 
atoms surrounding the central metal atom in a complex ion. For examp'. ‘he coordi- 
nation number of Ag* in [Ag(NH3)>]* is 2, that of Cu2* in [Cu(NH) is 4, and 
that of Fe** in [Fe(CN)¢]*~ is 6. The most common coordination numb re 4 and 6, 
but coordination numbers such as 2 and 5 are also known. 

Depending on the number of donor atoms present in the molecule in, ligands 
can be classified as monodentate, bidentate, or polydentate. Ligands s\ s H20 and 
NHg are monodentate because there is only one donor atom per ligani’ \ common 


bidentate ligand is ethylenediamine: 
H;N—CH,—CH)—NH) 


The two nitrogen atoms can coordinate with a metal atom as shown in Figure 22.14. 
Ethylenediaminetetraacetate ion (EDTA) is a polydentate ligand (Tabl 


taining six donor atoms—two nitrogen atoms and four oxygen atoms. The four oxyge? 


FIGURE 22.14 (a) Structure of metal—eth 


ylenediamine complex. Each ethylenediamine mole- 


cule provide . 
provides two N donor atoms and is therefore a bidentate ligand. (b) Simplified structure 2 


the same complex. 


TABLE 2° > Some Common Ligands 


ne Structure 

—— . 
Monodentate Ligands 
Ammonia H— N i 
: 
Pyridine w \ 
Carbon mo :cC=o0O: 
Chloride io: 1G 
Cyanide ion [C=N:])- 
Thiocyanate {1 :S—C=Nq- 
Triphenylphos» ine Hp — PCH 
but 
Bidentate Ligands 
Ethylenediay H,N—CH,—CH,—NH, 
:0: :0: i 

Acetylacetonaic ion HC : —C=C—CH, 


Oxalate ion 


Ethylenediaminetetraacetate ion 


(EDTA) 


Ho 5! 
\N—CH,—CH,—N 
Te 


CH, 


5= 


Tripolyphosphate ion :0O— P20 =P Om O: 
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atoms are in the four —COO™ groups that are single-bonded to the carbon atoms. Bi- 
and polydentate ligands are also called chelating agents because of their ability to hold 
the metal atom like a claw (from the Greek chele, meaning “*claw’’). 


Oxidation Number of Metals in Coordination Compounds 


Another important property of coordination compounds is the oxidation number of the 
central metal atom. The net charge of a complex ion is the sum of the charges on the 
central metal atom and its surrounding ligands. In the [PtCle]?~ ion, for ex: ple, each 
chloride ion has an oxidation number of —1, so the oxidation number of |( must be 
+4. If the ligands do not bear net charges, the oxidation number of the metal is equal to 


the charge of the complex ion. Thus, in [Cu(NH3)4)°* each NH; is neutral, so the 
oxidation number of Cu is +2. 
Example 22.1 deals with oxidation number of metals in coordination co apounds. 


Neen een EERE aaa i 


EXAMPLE 22.1 


Find the oxidation number of the central metal atom in each of the following compounds: 
(a) [Ru(NH;)s(H20)ICh, (b) [Cr(NH3)6](NO3)3, (©) [Fe(CO)s], (d) Ky[Fe(CN)«:. 


Answer 

(a) Both NH; and H,O are neutral species. Since each chloride ion carries a — | charge, 
and there are two Cl- ions, the oxidation number of Ru must be eae 

(b) Each nitrate ion has a charge of — 1; therefore, the cation must be [Cr(NH3)¢! - NH3 


is neutral, so the oxidation number of Cr is +3. 

(c) Since the CO species are neutral, the oxidation number of Fe is zero. 

(d) Each potassium ion has a charge of +1; therefore, the anion is [Fe(CN)o]*~. Next, we 
oe each cyanide group bears a charge of —1, so Fe must have an oxidation number 
) 


Similar problem: 22.16. 


ji 


Naming of Coordination Compounds 


Now that we have discussed the various types of ligands and the oxidation number of 
metals, our next step is to learn what to call these coordination compounds. The rules 
for naming coordination compounds are as follows: 


@ The cation is named before the anion, as is the case for other ionic compounds. 
The rule holds regardless of whether the complex ion bears a net positive or a 
negative charge. For example, in K3[Fe(CN)g] and [Co(NH3)4ChJCI, we name 
the K* and [Co(NH3)4Cl2]* cations first, respectively. ‘ : 

@ Within a complex ion the ligands are named first, in alphabetical order, and the 
metal ion is named last. 

@ The names of anionic ligands end with the letter 0, whereas a neutral ligand is 
usually called by the name of the molecule. The exceptions are H2O (aquo), co 
(carbonyl), and NH; (ammine). Table 22.4 lists some common ligands. 
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TABLE 22 Names of Common Ligands in Coordination Compounds 
——— a SEE 
Name of Ligand in 
l Coordination Compound 

———= ce 

Bromide, Bi Bromo 

Chloride, C! Chloro 

Cyanide, Ch Cyano 

Hydroxide, Hydroxo 

Oxide, O° Oxo 

Carbonate, ‘ Carbonato 

Nitrite, NO» Nitro 

Oxalate, C( Oxalato 

Ammonia, | Ammine 

Carbon mon« co Carbonyl 

Water, HO Aquo 

Ethylenedian Ethylenediamine 

Ethylenedian: traacetate Ethylenediaminetetraacetato 

=e a 

@ When ral ligands of a particular kind are present, we use the Greek prefixes 

di-, retra-, penta-, and hexa- to name them. Thus the ligands in 
[Co(N Cl,]* are ‘‘tetraamminedichloro.”’ (Note that prefixes play no role in 
the alp tical order of ligands.) If the ligand itself contains a Greek prefix, we 
use the »vefixes bis (2), tris (3), tetrakis (4) to indicate the number of ligands 
presen 1r example, the ligand ethylenediamine already contains di; therefore, 
if two sech ligands are present the name is bis(ethylenediamine). 


© The oxidation number of the metal is written in Roman numerals following the 
name of the metal. For example, the Roman numeral III is used to indicate the 
+3 oxidation state of chromium in [Cr(NH3)4Clo}* , which is called tetraam- 
minedichlorochromium(IID) ion. 

® If the complex is an anion, its name ends in -ate. For example, in K4[Fe(CN)e] 


TABLE 22.5 Names of 
Anions Containing Metal 


the anion [Fe(CN),]*~ is called hexacyanoferrate(II) ion. Note that the ae Atoms 

numeral II indicates the oxidation state of iron. Table 22.5 gives the names 0 PE Sate of Metal in 

anions containing metal atoms. paths d Metal Anionic Complex 
The following examples deal with the nomenclature of coordination compoun Re 


Aluminum Aluminate 
Chromium Chromate 
Cobalt Cobaltate 
XAM. Copper Cuprate 
Es pe 222 Gold Aurate 
Give the systematic names of the following compounds: (a) Ni(CO),, ions ae 
(b) [C (ee, ea 
NERS, © aa Pa Manganese Manganate 
Answer Molybdenum Molybdate 
Nickel Nickelate 
(@) The Co ligands are neutral species and the nickel atom bears no net charge, - , Silver a 
Compound is called tetracarbonylnickel(0), or, more commonly, nickel aL acarbony : Tin waar . 
(b) Starting with the cation, each of the two chloride ligands bears a negative charge ss Tungsten ungs i 
the ammonia molecules are neutral. Thus, the cobalt atom must have an oxidation number Zinc Zincate 
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of +3 (to balance the chloride anion). The compound is called ter 
dichlorocobalt(III) chloride. 

(c) The complex ion is the anion and it bears three negative charges. Thus, the 
must have an oxidation number of +3. The compound is potassium hex« 
rate(III). This compound is commonly called potassium ferricyanide. 

(d) As we saw earlier, en is the abbreviation for the ligand ethylenediamine. S 
are three en groups present and the name of the ligand already contains di, the n: 
compound is tris(ethylenediamine)chromium(III) chloride. 


Similar problem: 22.17. 


EXAMPLE 22.3 


Write the formulas for the following compounds: (a) pentaamminechlorocoba!t 
ride, (b) dichlorobis(ethylenediamine)platinum(IV) nitrate, (c) sodium hexan 
tate(III). 


Answer 


(a) The complex cation contains five NH groups, a chloride ion, and a cobalt | 
+3 oxidation number. The net charge on the cation must be 2+. Therefore, th 

for the compound is [Co(NH3)sClJCl. 

(b) There are two chloride ions, two ethylenediamine groups, and a platinum io: 
oxidation number of +4 in the complex cation. Therefore, the formula for the c 
is [Pt(en),Cl3](NO3)>. 

(c) The complex anion contains six nitro groups and a cobalt ion with an oxidatior 
of +3. Therefore, the formula for the compound is Na3[Co(NO>)¢]. 


Similar problem: 22.18. 


22.4 Stereochemistry of Coordination Compounds 
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In studying the geometry of coordination compounds, we often find that there is more 
than one way to arrange ligands around the central atom. Compounds rearranged in this 
fashion have distinctly different physical and chemical properties. Figure 22.15 shows 


Linear Tetrahedral Square planar Octahedral 


FIGURE 22.15 Common geometries of complex ions. In each case M is a metal and L is 4 


monodentate ligand. 
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four differ: cometric arrangements for metal atoms with monodentate ligands. In 
these diag: we see that structure and coordination number of the metal atom relate 
to each ot! s follows: 
Coordination 
Number Structure 

2 Linear 

4 Tetrahedral or square planar 

6 Octahedral 

The term » ereoisomerism describes the occurrence of two or more compounds with 

the same typ» and numbers of atoms and the same chemical bonds but different spatial 
arrangeme Stereoisomers are compounds possessing the same formula and bond- 
ing arrange: it but different spatial arrangements of atoms. There are two types of 
Stereoisom:: geometric isomers and optical isomers. We will look into the impor- 
tance of th stereoisomers in coordination compounds. 


FIGURE 22.16 The (a) cis and 
(b) trans isomers of diam- 
Geometr: isomers minedichloroplatinum(II). Note 
that the two Cl atoms (and the 
two NH; molecules) are adjacent 


Geometric i: mers are compounds with the same type and number of atoms and the 4 a8 
to each other in the cis isomer 


same chemi :! bonds but different spatial arrangements; such isomers cannot be inter- ae Derescraus from wach 
converted \v1);0ut breaking a chemical bond. We use the terms cis and trans to distin- | eae nd Hieeee 

guish one geometric isomer from another of the same compound: Cis means that two p 
Particular aioms (or groups of atoms) are adjacent to each other, and trans means that 

the atoms (cr sroups of atoms) are on opposite sides in the structural formula. The cis 


and trans isomers of coordination compounds generally have quite different colors, 
melting points, dipole moments, and chemical reactivities. Figure 22.16 shows the cis 
and trans isomers of diamminedichloroplatinum(I). Note that although the types of 
bonds are the same in both isomers (two Pt—N and two Pt—Cl bonds), the spatial 
arrangements are different. Another example is tetraamminedichlorocobalt(II1) ion, 
Shown in Figure 22.17. 


FIGURE 22.17 The (a) cis and (b) trans isomers of tetraamminedichlorocobalt(III) ion. The structure shown in (c) cen . 
8enerated by rotating that in (a), and the structure shown in (d) can be generated by rotating that in (b). Therefore, the ion has only 


Wo geometric isomers, (a) and (b) or (c) and (d). 
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The instrument for studying interaction between plane-polarized light © «4 chiral 
molecules is known as a polarimeter (Figure 22.22). Initially, a beam of larized 
light is passed through a Polaroid sheet, called the polarizer, then throug!: « sample 
tube. By rotating the analyzer, another Polaroid sheet, minimal light transi ssion can 
be achieved, as is shown in Figure 22.21. Next, the sample tube is fille? with a 
solution containing an optically active compound. As the plane-polarized !i».1! passes 


through the sample tube this time, its plane of polarization is rotated either (« ‘he right 
or to the left by a certain amount, depending on whether the optical isomer i+ in the d- 
or L-form. This rotation can be measured readily by turning the analyzer in appro- 
priate direction until minimal light transmission is again achieved. The ang'« of rota- 
tion in degrees, a, depends not only on the nature of the molecules, but aiso on the 
concentration of the solution and the length of the sample tube. 


a 


Unpolarized 
light 


Polarizer Polarized 
light 


Optically inactive 
solution 


Analyzer 


Unpolarized 
light 


Polarizer Polarized 
light 


Optically active Rotation by 
solution angle @ 


Analyzer 


FIGURE 22.22 An optical rotation experiment. Top: Two Polaroid sheets aligned for mini- 
mum light transmission. The achiral solution does not rotate the plane of the polarized light. 
Bottom: Ina chiral medium, the plane of the polarized light is rotated by a certain angle a, 80 
some light does pass through. To measure this angle, the analyzer is rotated by the same amount 
(but in the opposite direction) to again achieve minimum light transmission. A compound that 
rotates the plane of polarized light to the right as one looks toward the light source is called 
dextrorotatory (d); to the left, levorotatory (I). 
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22.5 | «ding in Coordination Compounds 


Our under nding of the nature of coordination compounds is the result of the classic 
work of A’! cd Werner.? In 1893, at the age of 26, he proposed what is now commonly 
referred (> ©s Werner's coordination theory. 

The chi nists of that day had been puzzled by a certain class of reactions. For 
example, as known that the valences of the elements in cobalt(III) chloride and in 
ammonia » to be completely satisfied. Yet these two substances react to form a 
stable co! ind having the formula CoCls - 6NH3. To explain this behavior, Werner 
postulated | «t most elements exhibit two types of valence: primary valence and sec- 
ondary \ ©, which, in modern terminology, correspond to the oxidation number 
and coor ion number of the element. In CoCl; - 6NHs, then, cobalt has a primary 
valence 0 ind a secondary valence of 6. 

Nowa ve write the formula of the compound as [Co(NH3)6]Cls to indicate that 
the ammc nolecules and the cobalt atom form a complex ion; the chloride ions are 
not part complex, but are held to it by ionic forces. 

Wernk laid the basis for the stereochemistry of coordination compounds. Dur- 
ing his re ly short scientific career, Werner synthesized literally hundreds of coor- 
dination « ‘ands whose structures and properties provided strong support for his 
theory. 

A satis!.-tory theory of bonding for coordination compounds must account for 
properties sch as color and magnetism, as well as stereochemistry and bond strengths. 
No single theory as yet does all of this for us. Rather, several different approaches have 
been applic to transition metal complexes. We will consider only one of them here— 
the crystal {ield theory—because it is straightforward and it accounts satisfactorily for 


the colors and magnetic properties of many coordination compounds. 


Crystal Field Theory 


Crystal field theory considers the bonding in complex ions purely in terms of electro- 
static interactions between the metal atom and the ligands. We will begin by consider- 
ing octahedral complex ions. - 

The first question we address is: What effect will the surrounding ligands have on 
the energies of the metal atom’s five d orbitals? As we observed in Chapter 6, d orbitals 
have various orientations, but in the absence of external disturbance they all have the 
same energy (see Figure 6.25). When such a metal ion is in the center of an octahedron 
Surrounded by six lone pairs of electrons (on the six ligands), two types of electrostatic 
interaction come into play. First, there is the attraction between the positive metal ion 
and the negatively charged ligand or the negative end of a polar ligand. This is the 
force that holds the ligands to the metal in the complex. In addition, there is the 
electrostatic repulsion between the lone pairs on the ligands and the electrons in the d 
orbitals of the metal. However, the magnitude of this repulsion depends on the particu- 
lar d orbital that is involved. Take the d,»—y2 orbital as an example. We see that the 
lobes of this orbital point along the x and y axes, where the lone-pair electrons are 


‘Alfred Werner (1866—1919). Swiss chemist. Werner started as an organic chemist, but became interested in 
Coordination chemistry. He prepared and characterized hundreds of coordination compounds. For his major 
contribution, Werner was awarded the Nobel Prize in chemistry in 1913. 
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FIGURE 22.24 Crystal field 
splitting between d orbitals in an 
octahedral complex. 
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FIGURE 22.23 The five d orbitals in an octahedral environment. The metal atoi (or ion) is 


at the center of the octahedron, and the six lone pairs on the donor atoms of the ligands are at 


the corners. 


positioned (Figure 22.23). Thus, an electron residing in this orbital would ¢» perience a 
greater repulsion from the ligands than an electron would in, say, the d,, orbital. For 
this reason the energy of the d,2—,2 orbital is increased relative to the d,,, ¢y-» and dy: 
orbitals. The d.2 orbital energy is also increased, because its lobes are pointed at the 
ligands along the z axis. 

As a result of these metal—ligand interactions, the equality (in energy) of the five d 
orbitals is nullified, to give two high-lying equal-energy levels (dy2—,2 and ds) and 
three low-lying equal-energy levels (d,,, d,., and d,.), shown in Figure 22.24. The 


a Crystal field 
splitting 


Energy 
rp X\ 
/ 
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TABLE 22.6 Relationship of Wavelength to Color 
a SSS 
Wavelength Absorbed 
(nm) Color Observed 

=e nlf SSG SR EST 

400 (violet) Greenish yellow 

450 (blue) Yellow 

490 (blue green) Red 

570 (yellow green) Violet 

580 (yellow) Dark blue 

600 (orange) Blue 

650 (red) Green 
a: a eS 
energy difirence between these two sets of d orbitals is called the crystal field splitting 
(A); its meenitude depends on the metal and the nature of the ligands. With this basic 
energy levc! scheme in mind, we are ready to discuss two characteristics of octahedral 
transitior tal complex ions: color and magnetic properties. 
Color. 4 substance appears colored because it absorbs light at one or more wave- 
lengths in the visible part of the electromagnetic spectrum (400 to 700 nm) (see Figure 
6.4) and reflects or transmits the others. Each wavelength of light in this region appears 
as a different color. A combination of all colors appears white (as in sunlight); an 
absence of lightwaves appears black. Table 22.6 shows the relationship of absorbed 
wavelength to the observed color. From this table, we can infer, for example, that the 


blue hydrated cupric ion Cu(H50)2* absorbs light in the orange region. 

Figure 22.25 shows the quantum-mechanical description of the absorption and 
emission of light. For the sake of simplicity, we consider two particular electron 
energy levels involved in a transition. Absorption of light may occur when the fre- 
quency of the incoming photon, multiplied by the Planck constant, is equal to the 
difference in energy between these two levels, that is (see Section 6.3) 

AE = hv 

When we say that the hydrated cupric ion is blue, we mean that each ion absorbs a 
Photon whose frequency is about 5 x 10'* Hz, which corresponds to a wavelength of 
about 600 nm (orange light). When this component of light is removed, the transmitted 
light no longer looks white but appears blue to our eyes. With this knowledge, we can 


calculate the energy change involved in the electron transition that occurs in the cupric 
ion: 


AE = (6.63 X 10-** J s)(5 10'*/s) 
=3x10 "J 


If the wavelength of the photon absorbed by a molecule lies outside the visible region, 
then the transmitted light looks the same (to us) as the incident light—white—and the 


Substance made up of these molecules appears colorless. 


Spectroscopic techiques offer the best means of measuring crystal ues ee 
The [Ti(H0),}>* ion provides a particularly simple example, because Ti has a 
one 3d electron (Figure 22.26). Figure 22.27 shows an aqueous solution 0: 
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Ey 
hv 


O—W 


Ey 


(a) 


LVL > 


(b) 


FIGURE 22.25 (a) A molecule 
absorbs a photon with energy hv. 
(b) In the emission process, a 
molecule gives off a photon with 
energy hv. The frequency—and 
hence the wavelength—of the 
photon involved in either case 
depends on the difference be- 
tween the two energy levels. 
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FIGURE 22.27 A titanium(III) 
chloride solution. 
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Photon of we u 
aval a _ 
energy hv 
Late | L_] 
i dy, ay, dry ys 
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A) 
e 
io) 
Ss 
< 
400 500 600 700 
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FIGURE 22.26 (a) The absorptive process of a photon and (b) a graph of the «sorption 
spectrum of [Ti(HzO)s]°*. The energy of the incoming photon is equal to the « ystal field 
splitting. The maximum absorption peak in the visible region occurs at 498 nm 


titanium(III) chloride. The [Ti(HO0),]** ion absorbs light in the visible region; the 
wavelength corresponding to maximum absorption is 498 nm [Figure 22.26(b)]. This 


£4.24 


information enables us to calculate the crystal field splitting as follows. We start by 
writing 


Also 


where c is the velocity of light and A is the wavelength. Therefore 


rae he _ (6.63 x 10~*4 J s)(3.00 x 108 m/s) 
rN 


(498 nm)(1 x 107? m/1 nm) 
= 3.99x 10°!9J 


This is the energy required to excite one [Ti(H,O),}°* ion. To express this energy 
difference in the more convenient units of kilojoules per mole, we write 


A = (3.99 x 10°! Vion)(6.02 x 10? ions/mol) 
= 240,000 J/mol 
= 240 kJ/mol 
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Workin f a number of complexes, all having the same metal ion but different 
ligands, w: : calculate the crystal field splitting for each ligand (aided by data from 
the corres} ig absorption spectra) and thus establish a spectrochemical series, 
which is a of ligands arranged~in order of their abilities to split the d orbital 
energies: 

Br <Cl” <OH™ <F-|<H,0 < NH; <en<CN™ <CO 
i 

These ligan - are arranged in the order of increasing value of A. Thus, CO and CN™ 
are called x-field ligands, because they cause a large splitting of the d orbital 
energy leve’ [he halide ions and the hydroxide ion are weak-field ligands, because 
they split orbitals to a lesser extent. 

Magnetic | )perties. The magnitude of the crystal field splitting also determines 
the magnet )perties of a complex ion. For [Ti(H2O),]°*, the single d electron must 
be in one o three lower orbitals, and the ion is always paramagnetic. However, in 
an ion whi -veral d electrons are present, as in Fe?* complexes, the situation 
becomes m \volved. Consider the octahedral complexes [FeFe]°~ and [Fe(CN)]°~ 
(Figure 22 rhe electron configuration of Fe** is 3d°, and there are two possibili- 
ties for plac he five d electrons in the five d orbitals. According to Hund’s rule (see 
Section 6.9 naximum stability is reached when the electrons enter five separate 
orbitals wii!) .rallel spins. But this arrangement can be achieved only at a cost; two of 
the five elc ns must be energetically promoted to the high-lying d—y2 and d2 
orbitals. No « .ch energy investment is needed if all five electrons enter the d,,, d,-, and 
dy, orbitals cording to Pauli’s exclusion principle (p. 247), there will only be one 
unpaired electron present in this case. 

The actua! arrangement of the electrons is determined by the amount of stability 
gained by having maximum parallel spins versus the investment in energy required to 


Promote electrons to higher d orbitals. Because F~ is a weak-field ligand, the five d 
electrons enter five separate d orbitals with parallel spins to create a high-spin com- 
Plex. On the other hand, the cyanide ion is a strong-field ligand, so it is energetically 
ane for all five electrons to be in the lower orbitals and so a low-spin complex is 
ormed. 


FIGURE 22.28 Energy level diagrams for the Fe’* 


Plex ions, 


Fe* ion 
dey be ez 


[FeF,]3~ 
(high spin) [Fe(CN),1°~ 
(low spin) 


— 

eI 
[= 
I 


ion and [FeF6]°_ and [Fe(CN)g]°~ com- 
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The order in the 
spectrochemical series is the 
same regardless of what metal 
atom (or ion) is present. 
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The magnetic properties of a 
complex ion depend on the 
number of unpaired electrons 
present. High-spin complexes 
are more paramagnetic than 
low-spin complexes. 


22. / TRANSITION METAL CHEMISTRY AND COORDINATION COMPOUNDS 


The actual number of unpaired electrons (or spins) in a complex ion can be found by 
magnetic measurements, and the general agreement between theory and ©xperiment 
supports the usefulness of the crystal field theory. A distinction betwee) low- and 
high-spin complexes can be made only if the metal ion contains more tha three and 


fewer than eight d electrons. Figure 22.29 shows the distribution of electrons among d 
orbitals that results in low- and high-spin complexes. 

So far we have concentrated on octahedral complexes. The splitting of | \e d orbital 
energy levels in two other types of complexes—tetrahedral and square-\) «nar—can 
also be accounted for satisfactorily by the crystal field theory. In fact, splitting 


pattern for a tetrahedral ion is just the reverse of that for octahedral compicxes. In this 


High spin Low spin 


pat 4,242 d22 
d4 dy2,2 d,2 
dy, ay, [nN al 4) | 


d d d 


xy YE xz 


= 


Ly) 

[A] cathe tI : 
Mei) 
IN] [MM Lh 
? 

oo 


In} fy 


se a Orbital diagr ams for the high-spin and low-spin octahedral complexes corre 
sponding to the electron configurations d’, d°, d°, and d’. No such distinctions can be made for 


d', d, d, a’, d’, and da’. 
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FIGURE 22.30 Crystal field splitting between d orbitals in a tetrahedral complex. 


case, the d,,, d,., and dy, orbitals are more closely directed at the ligands and are 
therefore raised in energy as compared to the d,2—2 and d.z orbitals (Figure 22.30). 
Most tetrahedral complexes are high-spin complexes. Presumably, the tetrahedral ar- 
rangement reduces the magnitude of metal—ligand interactions, resulting in a smaller A 
value. This is a reasonable assumption since the number of ligands is smaller in a 
tetrahedral complex. 

As Figure 22.31 shows, the splitting pattern for square-planar complexes is the most 
complicated. Clearly, the d,2—,2 orbital possesses the highest energy (as in the octahe- 
dral case), and the d,,, orbital the next highest. However, the relative placement of the 
d.2 and the d,. and dy, orbitals cannot be determined simply by inspection and must be 
calculated, 


lex. Because there are more 
we can for octahedral and 


MGURE 22.31 Energy level diagram for a square-planar comp 
an two energy levels, we cannot define crystal field splitting as 
tetrahedral complexes. 
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22.6 Reactions of Coordination Compounds 


Complex ions undergo ligand exchange (or substitution) reactions in so’ won. The 


rates of these reactions vary widely, depending on the nature of the meta! 0 and the 
ligands. In studying ligand exchange reactions, it is often useful to disting: © between 
the stability of a complex ion (as measured by its formation constant, sec 714) and 
its tendency to react, which we call kinetic lability. For example, when © say that 
tetracyanonickelate(II) complex ion is stable, we are talking about its lar ormation 


constant (about 1 x 10°°): 
Ni2*+ + 4CN7 == [Ni(CN),]*~ 


Therefore, the stability of a complex ion refers to the thermodynamic property of the 
species because it is measured in terms of the magnitude of the equilibriu: | constant. 
By using cyanide ions labeled with the radioactive isotope carbon-14, it has -cen found 
that the complex ion undergoes ligand exchange very rapidly in solution ((hie following 
equilibrium is established almost as soon as the species are mixed): 


[Ni(CN),]?> + 4*CN7 == [Ni(*CN)4]?>~ + 4CN~ 


where the asterisk denotes a '4C atom. Complex ions such as [Ni(CN)4 ? 1 undergo 
rapid ligand exchange reactions are called labile complexes. Thus a the odynami- 
cally stable species (that is, one that has a large formation constant) is no’ »ecessarily 
unreactive. The above exchange reaction is fast because it has a sma'. energy of 
activation. (In Section 13.3 we saw that the smaller the activation energy » larger is 
the rate constant, and hence the greater the rate.) 

An inert complex is a complex ion that undergoes very slow liga: exchange 


reactions (on the order of hours or even days). An example is 
[Cr(CN)¢]>~ + 6*CN~ == [Cr(*CN)g]*> + 6CN™ 


This reaction takes days to complete. Here the slow rate is due to a high activation 
energy. 

An inert complex that is thermodynamically unstable in acidic solution is 
[Co(NH3)¢]°*. The equilibrium constant for the following reaction is about | * 10: 


[Co(NH3)6]>* + 6H* + 6H,0 —= [Co(H,0)]°* + 6NHt 


When equilibrium is reached, the concentration of the [Co(NH3)6]°* ion is very low. 
However, this reaction requires several days to complete because of the inertness of the 
[Co(NH3)¢]°* ion. This example shows that a thermodynamically unstable species is 
not necessarily chemically reactive. The rate of reaction is determined by the energy of 
activation, which is high in this case. 

Most complex ions containing Co3*, Cr+, and Pt?* are kinetically inert. Because 
they exchange ligands so slowly, they are easy to study in solution. As a result, our 
knowledge of the bonding, structure, and isomerism of coordination compounds has 
come largely from studies of these compounds. 


22.7 Applications of Coordination Compounds 


Coordination compounds find many uses in households, industry, and medicine. We 
describe a few representative examples here. 


22.7 APPLICATIONS OF COORDINATION COMPOUNDS 


Metaliargy 

The e ion of silver and gold by the formation of cyanide complexes (p. 858) and 
the pu ‘tion of nickel (p. 809) by converting the metal to the gaseous compound 
Ni(CO . «e typical examples of the use of coordination compounds in metallurgical 
proces 


There utic Chelating Agents 


In Sect 20.8 and 20.9 we mentioned the use of chelating agents such as EDTA and 


BAL (2 | -\imercaptopropanol) in the treatment of lead and mercury poisoning. Recent 
studies » shown that some of the coordination complexes of platinum effectively 
inhibit erowth of cancerous cells. It has long been suspected that chelation proc- 
esses 2) issociated with both the development of cancer as well as with antitumor 
activit the living cell. In fact, a compound that has antitumor activity in one 
environ: nt generally functions as a carcinogen in another. Figure 22.32 shows some 
of the p. ‘sum(II) complexes that exhibit antitumor activity. The striking feature of all 
these yplexes is the cis arrangement of identical ligands. trans-Diam- 
minedi roplatinum(ID) 
HN Cl 
Yas 
cl’ NH; 


and other trans isomers are not active as antitumor agents. Apparently, the antitumor 
activity is associated in some way with reactions involving chelation. In cis-diam- 
minedichloroplatinum(I), the two chlorine atoms are more easily removed by another 
chelating agent than the ammonia ligands. Replacement of the chlorine atoms in the 
trans isomer by a chelating agent does not occur readily. The mechanism by which the 
platinum complexes act is not entirely clear. 


Chemical Analysis 


Although EDTA has a great affinity for a large number of metal ions (especially 2+ 
and 3+ ions), other chelates are more selective in binding. For example, dimethylgly- 
oxime, 

HC 
Nc =N—OH 
| 
C=N— 0H 
H.C 
2+ (Figure 22.33) and an insoluble bright 
are used in qualitative analysis to 
of ions present can be determined 


forms an insoluble brick red solid with Ni 
yellow solid with Pd2*. These characteristic colors 
identify nickel and palladium. Further, the quantities 

palladium. er, the q : a a4 
by gravimetric analysis (see Section 3.8), as follows: To a solution containing ch 
ions, say, we add an excess of dimethyglyoxime reagent, and a brick red precipitate 


H,C—NH, ‘cl 


FIGURE 22.32 Structures of 
some platinum complexes used in 
cancer treatment. Only the cis 
isomers are effective antitumor 
chelating agents. 
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St 


FIGURE 22.33 Structure of nickel dimethylglyoxime. Note that the overall structure is stabi- 
lized by hydrogen bonds. 


forms. The precipitate is then filtered, dried, and weighed. Knowing the formula of the 
complex (see Figure 22.33), we can readily calculate the amount of nicke! present in 
the original solution. 


Plant Growth 


Plants need various nutrients for healthy growth. Essential nutrients include a number 
of metals such as iron, zinc, copper, manganese, and molybdenum. Iron in the +3 
state in the soil is mostly hydrolyzed to form insoluble iron hydroxides such as 
Fe(OH)3 which cannot be taken up by plants. Plants deficient in iron are likely to 
develop a disorder known as iron chlorosis, evidenced by yellowing leaves. Tron 
chlorosis particularly affects the yield of fruit from citrus trees. The standard treatment, 
frequently used in citrus groves, supplies the trees with Fe(III)-EDTA complex. This 
complex is soluble in water and readily enters the roots of trees, where it is eventually 
converted into a utilizable form. Certain strains of soybeans growing in alkaline soil, 
which favors the formation of iron hydroxides, generate and secrete into the soil chelat- 
ing agents that solubilize the iron needed for plant growth. 


Detergents 


We saw in Section 20.6 that the cleansing action of soap in hard water is hampered by 
the reaction of the Ca** ions in the water with the soap molecules to form insoluble 
salts or curds. In the late 1940s the detergent industry began to introduce a “builder,” 
usually sodium tripolyphosphate, to circumvent this problem. The tripolyphosphate 
ion (see Table 22.3) is an effective chelating agent that forms stable, soluble complexes 
with Ca** ions. Sodium tripolyphosphate was introduced in the synthetic detergent 
Tide in 1947, and its use has revolutionized the industry. However, because phes- 
phates are plant nutrients, waste waters containing phosphates discharged into lakes 
cause algae to grow, resulting in oxygen depletion. Under these conditions most or all 
aquatic life eventually succumb. This process is called eutrophication. Since the 


1970s, the use of phosphates in detergents has been banned in some states such a8 
Minnesota and Wisconsin. 


CHEMISTRY IN ACTION/COORDINATION COMPOUNDS IN LIVING SYSTEMS 
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es 
Coordination compounds play many important roles in 
animals and plants. They are essential in the storage 
and transport of oxygen, as electron transfer agents, as 
catalysts, and in photosynthesis. Here we focus on co- 
ordination compounds containing iron and magnesium. 


Because of its central role as an oxygen carrier for 
metabolic processes, hemoglobin is probably the most 


studied of all the proteins. The molecule contains four 
folded long chains called subunits. The main function 
of hemoglobin is to carry oxygen in the blood from the 


lungs to the tissues, where it delivers the oxygen mole- 


cules to myoglobin. Myoglobin, which is made up of 
only one subunit, stores oxygen for metabolic proc- 
esses in muscle. 

Figure 22.34 shows the structure of the porphine 
molecule, which forms an important part of the hemo- 


globin structure. Upon coordination to a metal, the two 
H™ ions shown bonded to nitrogen atoms are displaced. 
Complexes derived from porphine are called porphy- 
rins, and the iron—porphyrin combination is called the 
heme group. The iron in the heme group has the oxida- 
tion number +2; it is coordinated to the four nitrogen 
atoms in the porphine group and also to a nitrogen 
donor atom in a ligand group which is attached to the 
protein (Figure 22.35). In the absence of oxygen, the 
sixth ligand is a water molecule, which binds to the 
Fe?* ion on the other side of the ring to complete the 


AK 


Porphine 


Nw 


Fe** porphyrin 


FIGURE 22.34 Structures of the porphine molecule and 
the Fet+ —porphyrin complex. The dotted lines indicate coor- 
dinate covalent bonds. 
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COORDINATION COMPOUNDS IN LIVING SYSTEMS 


gn 
ce, 


Protein 


FIGURE 22.35 The heme group in hemoglobin. The Fe** 
ion is coordinated with the nitrogen atoms of the heme group. 
The ligand below the porphyrin is the histidine group that is 
attached to the protein. The sixth ligand is a water molecule. 
The water molecule is denoted by W because the exact geom- 
etry of the bonding of H20 to Fe** is not known. 


octahedral complex. Under these conditions, the hemo- 
globin molecule is called deoxyhemoglobin and has a 
blue color characteristic of venous blood. The water 
ligand can be replaced readily by molecular oxygen to 
form the red-colored oxyhemoglobin present in arterial 
blood. Each subunit contains a heme group, so each 
hemoglobin molecule can bind up to four O2 mole- 
cules. 

For a number of years, the exact arrangement of the 
oxygen molecule relative to the porphyrin group was 
not clear. Figure 22.36 shows three possible arrange- 
ments in oxyhemoglobin. Figure 22.36(a) would ne- 
cessitate a coordination number of 7, which is consid- 
ered unlikely for Fe(II) complexes. Of the remaining 
two structures, the end-on arrangement shown in Fig- 
ure 22.36(b) may seem more reasonable; however, evi- 
dence points to the structure in Figure 22.36(c) as the 
most plausible. 

Unlike deoxyhemoglobin, oxyhemoglobin is dia- 
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FIGURE 22.36 Three possible ways for molecular oxygen to bind to the heme group in hemoglobin. The structw’ 


(c) is the most likely arrangement. 


magnetic. Because O, is a strong-field ligand, the crys- 
tal field splitting in oxyhemoglobin is quite large. Con- 
sequently, the electron spins are paired, leading to the 
observed diamagnetism (Figure 22.37). 

The porphyrin group is a very effective chelating 
agent, and, not surprisingly, we find it in a number of 
biological systems. The iron—heme complex is present 
in another class of proteins, called the cytochromes. 
Figure 22.38 shows the structure of cytochrome c, 
which is the most studied member of this class of com- 
pounds. The iron forms an octahedral complex, but 
because both the histidine and the methionine groups 
are firmly bound to the metal ion, these ligands cannot 


—— 


Energy 


(a) 


own in 


be displaced by oxygen or other ligands. Ins: ad, the 
cytochromes act as electron carriers, which also play an 
essential part in metabolic processes. In cyio. aromes 


iron undergoes rapid reversible redox reactio 
Fe3* +e == Fe** 


which are coupled to the oxidation of organic mole- 
cules such as the carbohydrates. 

The chlorophyll molecule, which plays an essential 
role in photosynthesis, also contains the porphyrin 
ring, but the metal ion there is Mg?* rather than Fe?* 
(Figure 22.39). Figure 22.40 shows the natural green 
color of chlorophyll (in a solution) at the bottom of a 


[ | 


d,2.42  d,2 


(b) 


FIGURE 22.37 Energy level diagrams for (a) paramagnetic deoxyhemoglobin and (b) diamagnetic oxyhemoglobin. 


cont The beam of light enters at the top and is 
abso the chlorophyll molecules. Some of the 
ene! he absorbed light is dissipated as heat; the 
rest i »d as fluorescence in the red region of the 
— - 

N 

~ 2 

vf 
Protein 

FIGUI 38 The heme group in cytochrome c. The li- 
gands and below the porphyrin are the methionine 
grouy stidine group of the protein, respectively. 
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| 
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FIGURE 22.39 The porphyrin structure in chlorophyll. 


The dotted lines indicate the coordinate covalent bonds. The 


electron delocalized portion of the molecule is shown in 
color. 
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visible spectrum. Fluorescence is the emission of elec- 
tromagnetic radiation from an atom or a molecule, 
particularly in the visible region, after an initial ab- 
sorption of a photon. 


FIGURE 22.40 Fluorescence (red color) of the plant pig- 
ment chlorophyll in an organic solvent is stimulated by illu- 
mination with blue light. The natural green color of chloro- 
phyll can be seen at the bottom of the container. 


SUMMARY 


1. Transition metals usua 


tendency to form complexes. 
coordination compounds. 


lly have incompletely filled d orbitals and have a pronounced 


Compounds that contain complex ions are called 
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PROPERTIES OF TRANSITION METALS 22.6 


REVIEW QUESTIONS 
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. The first-row transition metals (scandium to copper) are the most common of all the 


transition metals; their chemistry is characteristic, in many ways, o! the entire 
group. 


. The donor atoms in the ligands each contribute an electron pair to the central metal 


ion in a complex. 


. Coordination compounds may display geometric and/or optical isomerism. All oc- 


tahedral complexes containing three bidentate ligands are optically active. 


. Crystal field theory explains bonding in complexes in terms of electrostatic interac- 


tions. According to crystal field theory, the d orbitals are split into ‘wo higher- 
energy and three lower-energy orbitals in an octahedral complex. The energy differ- 
ence between these two sets of d orbitals is the crystal field splitting 


. Strong-field ligands cause a large splitting, and weak-field ligands cause a small 


splitting. Electron spins tend to be parallel with weak-field ligands and paired with 
strong-field ligands, where a greater investment of energy is required to promote 
electrons into the high-lying d orbitals. 


. Complex ions undergo ligand exchange reactions in solution. 
- Coordination compounds find application in many different areas—for example, in 


water treatment, as antidotes for metal poisoning, and as therapeutic agents. 


. Iron—porphyrin complexes, found in hemoglobin, myoglobin, and cyochromes, 


are important in metabolism and other activities. Chlorophyll moleci:'es contain 
magnesium—porphyrin complex. 
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Why do transition metals have more oxidation states 
than other elements? 


22.7 Give the highest oxidation states for scandium to cop 


22.1 What distinguishes a transition metal from a representa- per. 


tive metal? 


22.2 Why is zinc not considered a transition metal? 


22.8 As we read across the first-row transition metals from 
left to right, the +2 oxidation state becomes more stable 


22.3 Explain why atomic radii decrease very gradually from 


in comparison to the +3 state, Why is this so? 


scandium to copper. 22.9 Why does chromi i an its stan- 
22.4 Without referring to the text, write the ground-state dard tee Menta iinet am 
electron configurations of the first-row transition met- 22.10 Which is a stronger oxidizing agent, Mn** or Cr"? 
als. Explain any irregularities. Explain. i 
22.5 Write the electron configuration of the following ions: 22.11 What are the oxidation states of Fe and Ti in the ofe 


v5*, Cr+, Mn2*, Fe**, Cut, Sc3*+, Tit*. 


ilmentile, FeTiO3? (Hint: Look up the ionization enet- 


gies of Fe and Ti in Table 22.1; the fourth ionization 
energy of Ti is 4180 kJ/mol.) 


COOR!: \ELON COMPOUNDS: 
NOM! \TURE; OXIDATION NUMBER 


REVIEW QUESTIONS 


21,12 Define the following terms: coordination compound, 
ligand, donor atom, coordination number, chelating 
agent 

22.13 Describe the interaction between a donor atom and a 
metal atom in terms of a Lewis acid—base reaction. 


PROBLEMS 


22.14 Complete the following statements for the complex ion 

[Co(en),(H,O)CN}?*. (a) en is the abbreviation for 

(b) The oxidation number of Co is ‘ 
(c) The coordination number of Co is 4) —— 
is a bidentate ligand. 

22.15 Complete the following statements for the complex ion 
(Cr(C204)0(H20)>]~. (a) The oxidation number of Cr is 
__._. (b) The coordination number of Cr is 
(c) is a bidentate ligand. 

22.16 Give the oxidation numbers of the metals in the follow- 
ing species: 

(a) K3[Fe(CN)6.] 
(b) K3[Cr(C204)3] (e) MgWO, 
(c) [Ni(CN)4]?- (f) K{Au(OH),] 

22.17 What are the systematic names for the following ions 
and compounds? 
(a) {Co(NH3)4Cly]* 
(b) Cr(NH3)3Cly 
(c) [Co(en)2Br]* 


(d) Na2MoO4 


(f) [cis-Co(en);Clo]* 

(g) [Pt(NH3)sClCls 

(h) [Co(NHs3).]Cls 
(d) Fe(CO); (i) [Co(NH3)sCl]Ch 
(e) trans-Pt(NH3)2Cly (j) [Cr(H,0)4Cl]C1 

22.18 Write the formulas for each of the following ions and 
compounds: (a) tetrahydroxozincate(II), (b) chloropen- 
taaquochromium(III) chloride, (c) _ tetrabromocup- 
rate(II),  (d) ethylenediaminetetraacetatoferrate(II), 
(e) bis(ethylenediamine)dichlorochromium(IID, (f) pen- 
tacarbonyliron(0), (g) potassium tetracyanocuprate({1), 
(h) _tetraammineaquochlorocobalt(I]) _ chloride, 
(i) tris(ethylenediamine)cobalt(II) sulfate. 

22.19 What is the systematic name for the compound 
[Fe(en);][Fe(CO)4]? (Hint: The oxidation number of 
Fe in the complex cation is +2.) 


STRUCTURE OF COORDINATION COMPOUNDS 
REVIEW QUESTIONS 


22.20 Define the following terms: stereoisomerism, stereoiso- 
Mers, geometric isomers, optical isomers, plane-polar- 
ized light. 
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22.21 Specify which of the following structures can exhibit 
geometric isomerism: (a) linear, (b) square-planar, 
(c) tetrahedral, (d) octahedral. 

22.22 What determines whether a molecule is chiral? 

22.23 Explain the following terms: (a) enantiomers, (b) race- 
mic mixtures. 

22.24 How does a polarimeter work? 


PROBLEMS 


22.25 How many geometric isomers are in the following spe- 
cies? (a) [Co(NH3)2Cly]~, (b) [Co(NH3)3Cls]. 

22.26 Draw structures of all the geometric and optical isomers 
of each of the following cobalt complexes: 

(a) [Co(NHs)6]°* (d) [Co(en)3}** 
(b) [(Co(NH3)sCl]?* (e) [Co(C204)3)~ 
(c) [Co(NH3)4Cl2]* 

22.27 The complex ion (Ni(CN),Br)]*~ has a square-planar 
geometry. Draw the structures of the geometric isomers 
of this complex. 

22.28 A student has prepared a cobalt complex which has one 
of the following three structures: [Co(NH3)¢]Cls, 
[Co(NH3)sClJClo, or [Co(NH3)qCly]Cl. Explain how the 
student would distinguish among these possibilities by 
an electrolytic conductance experiment. At the student’s 
disposal are three strong electrolytes: NaCl, MgClo, and 
FeCl;, which may be used for comparison purposes. 


BONDING, COLOR, MAGNETISM 
REVIEW QUESTIONS 


22.29 Briefly describe the crystal field theory. 

22.30 Define the following terms: crystal field splitting, high- 
spin complex, low-spin complex, spectrochemical se- 
ries. 

22.31 What is the origin of color in a compound? 

22.32 Compounds containing the Sc* ion are colorless, 
whereas those containing the Ti?* ions are colored. 
Explain. 

22.33 What factors determine whether a given complex will be 
diamagnetic or paramagnetic? 


PROBLEMS 


22.34 For the same type of ligands, explain why the crystal 
field splitting for an octahedral complex is always 
greater than that for a tetrahedral complex. 

22.35 Transition metal complexes containing CN™ ligands are 
often yellow in color, whereas those containing H,0 
ligands are often green or blue. Explain. 

22.36 The [Ni(CN)4]*~ ion, which has a square-planar geome- 
try, is diamagnetic, whereas the [NiCl4]?~ ion, which 
has a tetrahedral geometry, is paramagnetic. Show the 
crystal field splitting diagrams for those two complexes. 
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22.37 Predict the number of unpaired electrons in the follow- 
ing complex ions: (a) [Cr(CN)¢l*", (b) [Cr(H20)¢I°* . 

22.38 The absorption maximum for the complex ion 
[Co(NH3)6]°* occurs at 470 nm. (a) Predict the color of 
the complex and (b) calculate the crystal field splitting 
in kJ/mol. 

22.39 In each of the following pairs of complexes, choose the 
one that absorbs light at a longer wavelength: 
(a) [Co(NH3)6I?*, [Co(H,0)°*; (b)  [FeFel~. 
[Fe(CN)6}>~ 3 (©) [Cu(NHg)4}°*, [CuCl 

22.40 A solution made by dissolving 0.875 g of Co(NH3)4Cls 
in 25.0 g of water freezes 0.56°C below the freezing 
point of pure water. Calculate the number of moles of 
ions produced when | mole of Co(NH3)4Cls is dissolved 
in water, and suggest a structure for the complex ion 
present in this compound. 

22.41 A student in 1895 prepared three coordination com- 
pounds containing chromium, with the following prop- 


erties: 
CI” Ions in 
Solution per 
Formula Color Formula Unit 
(a) CrCl; - 6H,0 Violet 3 
(b) CrCl; - 6H,0 Light green 2 
(c) CrCl; - 6H,O Dark green 1 


Write modern formulas for these compounds and sug- 
gest a method for confirming the number of CI” ions 
present in solution in each case. (Hint: Some of the 
compounds may exist as hydrates.) 


REACTIONS OF COORDINATION COMPOUNDS 
REVIEW QUESTIONS 


22.42 Define the following terms: (a) labile complex, (b) inert 
complex. 

22.43 Explain why it is that a thermodynamically stable spe- 
cies may be chemically reactive and a thermodynami- 
cally unstable species may be unreactive. 


PROBLEMS 


22.44 Oxalic acid, HyC,0,4, is sometimes used to clean rust 
stains from sinks and bathtubs. Explain the chemistry 
involved in this cleaning action. 

22.45 The [Fe(CN)6}*~ complex is more labile than the 
[Fe(CN)6]*~ complex. Suggest an experiment that 
would prove the labile nature of the [Fe(CN),]>~ com- 
plex. 

22.46 Aqueous copper(II) sulfate solution is blue in color. 
When aqueous potassium fluoride is added, a green pre- 
cipitate is formed. When aqueous potassium chloride is 
added instead, a bright green solution is formed. Ex- 
plain what is happening in these two cases. 
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22.47 When aqueous potassium cyanide is addec ‘> a solution 
of copper(II) sulfate, a white precipitate, soluble in an 
excess of potassium cyanide, is formed. !\~ precipitate 
is formed when hydrogen sulfide is bubble “irough the 
solution. Explain. 

22.48 A concentrated aqueous copper(II) chloric: solution is 
bright green in color. On dilution with wat, the solu- 
tion becomes light blue. Explain. 

22.49 In dilute nitric acid solution, Fe** reacts with thiocya- 
nate ion (SCN) to form a dark red com) 

[Fe(H,0).]?* + SCN7 == H,0 + [Fe(H20);' es} 
The equilibrium concentration of [Fe(! );NCSP* 
may be determined by how darkly colore« solution 
is (measured by a spectrometer). In one h experi- 
ment, 1.0 mL of 0.20 M Fe(NO3)3 was ced with 
1.0 mL of 1.0 x 107° M KSCN and 8.0 1. of dilute 
HNO3. The color of the solution indica that the 
[Fe(H,O);NCS/2* concentration was 7.3 «10° M. 
Calculate the formation constant for [Fe(H» NCS/**. 

MISCELLANEOUS PROBLEMS 

22.50 Chemical analysis shows that hemoglobin co~’ains 0.34 
percent of Fe by mass. What is the minin possible 
molar mass of hemoglobin? The actual mois: mass of 
hemoglobin is about 65,000 g. How do you «ccount for 
the discrepancy between your minimum value and the 
actual value? 

22.51 Explain the following facts: (a) Copper and iron have 
several oxidation states, whereas zinc exists in only one. 
(b) Copper and iron form colored ions, whereas zine 
does not. 

22.52 The formation constant for the reaction Ag” + 
2NH; == [Ag(NH;)2]* is 1.5 x 107 and that for the 
reaction Ag* + 2CN7 == [Ag(CN).] is 1.0% 
10?! at 25°C (see Table 17.3). Calculate the equilibrium 
constant and AG® at 25°C for the reaction 

[Ag(NH3))]* + 2CN~ == [Ag(CN).]~ + 2NH3 

22.53 From the standard reduction potentials listed in Table 
19.1 for Zn/Zn?* and Cu*/Cu2*, calculate AG? and the 
equilibrium constant for the reaction 

Zn(s) + 2Cu?* (aq) —+> Zn?*(ag) + 2Cu*(aq) 

22.54 


Using the standard reduction potentials listed in Table 
19.1 and the Handbook of Chemistry and Physics, show 
that the following reaction is favorable under standard- 
state conditions: 


2Ag(s) + Pt?* (aq) —> 2Ag*(aq) + Pt(s) 


What is the equilibrium constant of this reaction at 
25°C? 
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22.55 G wee examples of coordination compounds in bio- 22.59 Oxyhemoglobin is bright red, whereas deoxyhemoglo- 
log oa! systems. bin is purple. Show that the difference in color can be 

22.56 D _ giving suitable examples, the role of chelating accounted for qualitatively on the basis of high-spin and 
ag in medicine. low-spin complexes. 

22.57 Ti *—porphyrin complex is more stable than the 22.60 The Mn2* ions are practically colorless (see Figure 
Fe sorphyrin complex. Why, then, is iron the metal 22.5) even though they possess five 3d electrons. Ex- 
io hemoglobin (and other heme-containing pro- plain. (Hint: Electronic transitions in which there is a 
te change in the number of unpaired electrons do not occur 

22.58 WI! re the differences between geometric isomers and readily.) 


opi isomers? 
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rganic chemistry deals with virtually all carbon compounds. (Traditionally, com 

such as CO, COs, CS», and various bicarbonates, carbonates, and cyanides are 

sidered to be inorganic compounds.) The word “organic” was originally used | 
eenth-century chemists to describe substances obtained from living sources—from pl: 
and animals. They believed that nature possessed a certain vital force and that it alon 
could produce organic compounds. This romantic notion was disproved by experiment: 
those first carried out in 1828 by Friedrich Wohler, who prepared urea, an organic co 
pound, from the reaction between two inorganic compounds, lead cyanate and aqueous 


| 
inds 
ri 

eht- 


ammonia: 


Pb(OCN). + 2NH3 + 2H20 — > 2H2NCONH» + Pb(OH). 


Today, well over 5 million synthetic and natural organic compounds are known. This nur der 
is significantly greater than the 100,000 or so inorganic compounds known to exist. 


urea 


Recall that the linking of like 
atoms is called catenation. The 
ability of carbon to catenate is 
discussed on p. 867. 


For a given number of carbon 
atoms, the saturated 
hydrocarbon contains the 
largest number of hydrogen 
atoms. 


Anaerobic organisms do not 
require oxygen to function. 


23.1 Hydrocarbons 


Carbon can form more compounds than any other element because carbon #ioms are 
able to link up with each other in straight chains and branched chains. Although the 
number of known organic compounds is enormous, the study of organic chemistry, 
that is, the branch of chemistry that deals with carbon compounds, is not as di{ticult as 
it may seem. Most organic compounds can be divided into relatively few classes 
according to the functional groups they contain. A functional group is the part of a 
molecule having a special arrangement of atoms that is largely responsible for the 
chemical behavior of the parent molecule. Different molecules containing the same 
kind of functional group or groups react similarly. Thus, by learning the characteristic 
properties of a few functional groups, we can study and understand the properties of 
many organic compounds. 

Before discussing functional groups we will examine a class of compounds that 
forms the framework of all organic compounds—the hydrocarbons. Hydrocarbons are 
made up of only two elements, hydrogen and carbon. On the basis of structure, hydro- 
carbons are divided into two main classes—aliphatic and aromatic. Aliphatic hydro- 
carbons do not contain the benzene group, or the benzene ring, whereas aromatic 
hydrocarbons contain one or more benzene rings. Aliphatic hydrocarbons are further 
divided into alkanes, alkenes, and alkynes (Figure 2oulye 


Alkanes 


Alkanes have the general formula C,H2y+>, where n = | , 2, .... The essential 
characteristic of alkane hydrocarbon molecules is that only single covalent bonds are 
present. In these compounds the bonds are said to be saturated. Thus the alkanes are 
known as saturated hydrocarbons. 

The simplest member of the family (that is, with n = 1) is CH4, which occurs 
naturally by the anaerobic bacterial decomposition of vegetable matter under water. 
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; 


Becau vas first collected in marshes, methane became known as ‘‘marsh gas.”” A 
rather i bable but proven source of methane is termites. When these voracious 
insects ume wood, cellulose (the major component of wood) is broken down into 
methia bon dioxide, and other compounds by microorganisms that inhabit their 
digest stem. An estimated 170 million tons of methane are produced annually by 
termit: ‘ommercially, methane is obtained from natural gas. It is also produced in 
some s=\. age treatment processes. 


Figure 23.2 shows the structures of the first four alkanes (that is, from n = | to 
nS 4) Jatural gas is a mixture of methane, ethane, and a small amount of propane. 
We discussed the bonding scheme of methane in Chapter 9. Indeed the carbon atoms in 
all the alkanes can be assumed to be sp>-hybridized. The structures of ethane and 
propane are straightforward, for there is only one way to join the carbon atoms in these 
molecules. Butane, however, has two possible bonding schemes and can exist as 
structural isomers called n-butane (n stands for normal) and isobutane. Structural 
isomers are molecules that have the same molecular formula, but different structures. 

In the alkane series, as the number of carbon atoms increases, the number of struc- 
tural isomers increases rapidly. For example, butane has two isomers; decane, CoH22, 


Isobutane 


n-Butane 
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FIGURE 23.1 Classification of 
hydrocarbons. 


FIGURE 23.2 Structures of 
the first four alkanes. Note that 
butane can exist in two structur- 
ally different forms, called struc- 
tural isomers. 
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has 75 isomers; and the alkane C39H,2 has over 400 million, or 4 x 10° :somers! 
Obviously, most of these isomers do not exist in nature and have not been synthesized. 
Nevertheless, the numbers help to explain why carbon is found in so many more 
compounds than is any other element. 


The following example deals with the number of structural isomers of an alkane. 
ee a === 
EXAMPLE 23.1 


How many structural isomers can be identified for pentane, CsH,2? 
Answer 
For small hydrocarbon molecules (eight or fewer carbon atoms), it is relatively casy to 


determine the number of structural isomers by trial and error. The first step is to write 
down the straight-chain structure: 


ie hid ont | 
D valaa Rel thai 
is er: Uae s Ea = Ope FI 
n-pentane 
(b.p. 36.1°C) 


The second structure, by necessity, must be a branched chain: 
fo MCHA HON or 


les] lett 
1S i = = CH 
leapeal 
ea 6 JRE sf 
2-methylbutane 
(b.p. 27.9°C) 
Yet another branched-chain structure is possible: 
: CH, H 
bin Ge t on eee coat 
| 
He CHE 
2,2-dimethylpropane 
(b.p. 9.5°C) 
We can draw no other structure for an alkane having the molecular formula CsHi2. 
Thus pentane has three structural isomers, in which the numbers of carbon and hydrogen 
atoms remain unchanged despite the differences in structure. 


Similar problem: 23.9. 


Table 23.1 shows the melting and boiling points of the straight-chain isomers of the 
first 10 alkanes. The first four are gases at room temperature; and pentane through 
decane are liquids. As molecular size increases, so does the boiling point, because of 
the increasing dispersion forces (see Section 10.2). 
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TABLE 23. The First Ten Straight-Chain Alkanes* 

SS 
Name of Number of Melting Boiling 

‘Hydrocarbon Molecular Formula Carbon Atoms Point (°C) Point (°C) 

——— 
Methane CH, 1 —182.5 —161.6 
Ethane CH;—CH3 2 —183.3 —88.6 
Propane CH;—CH2—CH3 3 —189.7 —42.1 
Butane CH;—(CH2)2—CH3 4 —138.3 =05 
Pentane CH;—(CH2)3—CH3 5 —129.8 36.1 
Hexane CH,—(CH2)4—CH3 6 —95'5 68.7 
Heptane CH3;—(CH2)s—CH3 f —90.6 98.4 
Octane CH3—(CH2)s—CH3 8 —56.8 125.7 
Nonane CH3—(CH2)7—CHs3 9 =53%5: 150.8 
Decane CH3;—(CH2)g—CH3 10 20s1. 174.0 

SS 

*By “straight chain,’’ we mean that the carbon atoms are joined along one line. This does not mean, 

however, tha 


ese molecules are linear. Each carbon is sp’- (not sp-) hybridized. 


Alkane Nomenclature. The names of the straight-chain alkanes are fairly easy to 
remember. As Table 23.1 shows, except for the first four members, the number of 
carbon atoms in each alkane is reflected in the Greek prefix (see Table 2.4). When one 
or more hydrogen atoms are replaced by other groups, the name of the compound must 
indicate the locations of carbon atoms where replacements are made. Let us first 
consider groups that are themselves derived from alkanes. For example, when a hydro- 
gen atom is removed from methane, we are left with the CH; fragment, which is called 
a methyl group. Similarly, removing a hydrogen atom from the ethane molecule gives 
an ethyl group, or CyHs. Because they are derived from alkanes, they are also called 
alkyl groups. Table 23.2 lists the names of several common alkyl groups. 


TABLE 23.2 Common Alkyl Groups ess 


Name Formula 
Methyl —CH, 
Ethyl —CH,— CH; 
n-Propyl —CH,— CH,— CH; 
n-Butyl —CH,—CH,— Cha CH; 
be 
Isopropyl oe § =i 
CH; 
is 
t-Butyl* ty — CH; 
CH; 


* 


The letter ¢ stands for tertiary. 
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The system of naming organic 
compounds is based on the 
recommendations of the 
International Union of Pure 
and Applied Chemistry (IUPAC). 
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TABLE 
Functional Groups 


Functional Group Name 
SS See eee 
—NH, Amino 
—F Fluoro 
—c1 Chloro 
—Br Bromo 
—I Todo 
—NO, Nitro 
—CH=CH; Vinyl 
Phenyl 


Recall that the circle inside 
the benzene ring represents 
delocalized pi molecular 
orbitals in benzene (see 
Section 9.9). 


23.3 Common 
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With the aid of Tables 23.1 and 23.2 and the rule that the locations of 0!» groups 
of carbon atoms are denoted by numbering the atoms along the longest ca chain, 
we are now ready to name some substituted alkanes. Note that we always si imber- 
ing from the end that is closer to the carbon atom bearing the substitu” group. 
Consider the following example: 

CH, 
1 lo 3 4 
H,C —C—CH,— CH, 
| 
H 
Since the longest carbon chain contains four C atoms, the parent name o! © com- 
pound is butane. We note that a methyl group is attached to carbon numb« there- 
fore, the name of the compound is 2-methylbutane. Here is another examy 
CH, CH, 
1 | 2 3 | 4 5 6 
H,C —C — CH,— CH— CH,— CH, 
CH; 
The parent name of this compound is hexane. Noting that there are two met): groups 
attached to carbon number 2 and one methyl group attached to carbon num © 4, we 
call the compound 2,2,4-trimethylhexane. 
Of course, we can have many different types of substituents on alkanes. 1° ie 23.3 


lists the names of some common functional groups. Thus the compound 
Br NO, 


1 2 3 4 
H,C — CH— CH— CH, 
is called 2-bromo-3-nitrobutane. If the Br is attached to the first carbon atom 
NO, 
1 “4 | 3 4 
Br— CH,— CH,— CH— CH, 


the compound becomes 1-bromo-3-nitrobutane. Now consider the structure 


H,C —CH— CH, 

We call this compound 2-phenylpropane. 

Reactions of Alkanes. Alkanes are generally not considered to be very reactive 
substances. However, under suitable conditions they do undergo several kinds of reac- 


tions—including combustion. The burning of natural gas, gasoline, and fuel oil in- 
volves the combustion of alkanes. These reactions are all highly exothermic: 


CH,(g) + 202(g) —> CO2(g) + 2H20() 
2C2H6(g) + 702(g) —> 4CO2(g) + 6H20()) 


AH® = —890.4 kJ 
AH° = —3119 kJ 

C3Hg(g) + 502(g) —> 3CO2(g) + 4H,0() AH® = —2299 kJ 
2C4Hio(g) + 1302(g) —> 8CO2(g) + 10H,0() AH? = ~2874 kJ 
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These, 2 imilar reactions, have long been utilized in industrial processes and in 
domesti ting and cooking. 

The / enation of alkanes—that is, the replacement of one or more hydrogen 
atoms by )gen atoms—is another well-studied kind of reaction. When a mixture of 
methane chlorine is heated above 100°C or irradiated with light of a suitable 
wavele! nethyl chloride is produced: 

CH,4(g) + Cl(g) —> CH3Cl(g) + HCl(g) 
methyl 
chloride 
If chlori: is is present in a sufficient amount, the reaction can proceed further: 
CH;Cl(g) + Cl(g) —> CHCl) + HCI(g) 
methylene 
chloride 
CH,Cl2(g) + Clh(g) —> CHCI() + HCI(g) 
chloroform 
CHCI,() + Clg) —> CCl) + HCI(g) 
carbon 
tetrachloride 

One o! « semistry’s principal aims is to understand the mechanism of every reaction 
at the molecular level. This is not always easy, particularly when complex molecules 
are involv. Thanks to significant advances made in recent years, we now have 


clearer ideas about the hows and whys of many reactions. For example, a great deal of 
experimental evidence suggests that the initial step of the first halogenation reaction 
occurs as follows: 


Cl + energy —> Cl: + Cl: 


Thus the covalent bond in Cl, breaks and two chlorine atoms form. We know it is the 
CI—C! bond that breaks when the mixture is heated or irradiated because the bond 
energy of Cl, is 242.7 kJ/mol, whereas about 414 kJ/mol is needed to break C—H 
bonds in CH,. 

A free chlorine atom contains an unpaired electron, shown by a single dot. These 
atoms are highly reactive and attack methane molecules according to the equation 


CH, + Cl: —> -CH; + HCl 

This reaction produces hydrogen chloride and the methyl! radical *CHs. (We call a 
neutral fragment of a molecule containing an unpaired electron a ce) ne a 
radical is another reactive species; it combines with molecular chlorine to give methy 
chloride and a chlorine atom: 


-CH; + Ch —> CHCl + Cl: 


The producti i ethyl chloride and further reactions can 
cine ee ore complex than the scheme 


be explained i ism i 

in the same way. The actual mechanism 1s m : 

We have shown because ‘‘side reactions’’ that do not lead to the desired products often 
take place, such as 


cl: + Cl: — Ch 
-CH; + -CH; —> GHs 
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The systematic names of 
methyl chloride, methylene 
chloride, and chloroform are 
monochloromethane, 
dichloromethane, and 
trichloromethane, respectively. 
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Optical isomerism was first 
discussed in Section 22.4. 


FIGURE 23.3 (a) The 
CH2CIBr molecule and its mirror 
image. Since the molecule and its 
mirror image are superimposa- 
ble, it is said to be achiral, (b) 
The CHFCIBr molecule and its 
mirror image. Since the molecule 
and its mirror image are not su- 
perimposable, no matter how we 
rotate one with respect to the 
other, it is said to be chiral. 
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Alkanes in which one or more hydrogen atoms have been replaced by a halogen atom 
are called alkyl halides. Among the large number of alkyl halides, the best known are 
chloroform (CHCl), carbon tetrachloride (CCl,), methylene chloride (CH.Cl,), and 
the chlorofluorohydrocarbons. 

Chloroform is a volatile, sweet-tasting liquid used for many years as an anesthetic. 
However, because of its toxicity—it can severely damage the liver, kidneys, and 
heart—it has been replaced by other compounds. Carbon tetrachloride, also a toxic 
substance, serves as a cleaning liquid, for it removes grease stains from clothing. 
Methylene chloride is used as a solvent to decaffeinate coffee and as a paint remover. 

The chlorofluorohydrocarbons, better known commercially as Freons, have been 
used as coolants in refrigerators and as propellants in aerosol spray cans. Common 
Freons include CFCl;, CF,Cl>, and CF3Cl. As we have discussed, recent evidence 
Suggests that these substances may deplete ozone molecules in the stratosphere that 
protect us from harmful short-wavelength (ultraviolet) radiation from the sun. Once 
released into the atmosphere, the chlorofluorohydrocarbons slowly diffuse upward into 
the stratosphere and undergo a series of photochemical reactions that consume ozone 
molecules (see Chapter 13, p. 567). 


Optical Isomerism of Substituted Alkanes. Optical isomers are compounds that 
are nonsuperimposable mirror images. Consider the following substituted methanes: 
CH,CIBr and CHFCIBr. Figure 23.3 shows perspective drawings of these two mole- 
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cules and (seir mirror images. The two mirror images of (a) are superimposable, but 
those of (5) are not, no matter how we rotate the molecules. Thus the CHFCIBr 
molecule ‘s chiral. Careful observation shows that most simple chiral molecules con- 
tain at least one asymmetric carbon atom—that is, a carbon atom bonded to four 
different atoms or groups of atoms. 


= i I LE DL LE EEA, 
EXAMPLE 23.2 
Is the following molecule chiral? 
‘ 
Mit faa 


CH, 
Answe 
We note that the central carbon atom is bonded to a hydrogen atom, a chlorine atom, a 


—CH, soup, and a —CH,—CH; group. Therefore the central carbon atom is asymmet- 
tic and the molecule is chiral. 


Similar problem: 23.19. 


Cycloalkanes. Alkanes whose carbon atoms are joined in rings are known as cyclo- 
alkanes. They have the general formula C,,H>,, where n = Seder, 38 The structures of 
some simple cycloalkanes are given in Figure 23.4. Theoretical analysis shows that 
cyclohexane can assume two different geometries that are relatively free of strain 
(Figure 23.5). By strain we mean that bonds are compressed, stretched, or twisted out 
of their normal geometric shapes as predicted by hybridization. The most stable geom- 
etry is the chair form. 


Cyclohexane 


Cyclopropane Cyclobutane Cyclopentane 


MIGURE 23.4 Structures of the first four cyclic alkanes and their simplified forms. 
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Chair form 


Boat form 


FIGURE 23.5 The cyclohex- 
ane molecule can exist in various 
shapes. The most stable shape is 
the chair form. The boat form is 
less stable than the chair form. 
Hydrogen atoms are not shown 
in these diagrams. 


In the cis isomer, the two H 
atoms are on the same side of 
the C=C bond; in the trans 
isomer, the two H atoms are 
across from each other. 
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@ Axial hydrogen 

atoms O 
© Equatorial 

hydrogen atoms 


FIGURE 23.6 Hydrogen atoms in the chair form of cyclohexane can be classifi« axial or 
equatorial. When the chair flips from one form to its mirror image, axial hyc n atoms 
become equatorial, and vice versa. 

As Figure 23.6 shows, there are two kinds of hydrogen atoms in the c form of 
cyclohexane. Six of these are called equatorial hydrogens and the other s e called 
axial hydrogens. The equatorial C—H bonds are in the plane of the * ” of the 
chair, whereas the axial C—H bonds are perpendicular to this plane. | » atoms 
differ with respect to their immediate environment in the same molecule 

Study of the various shapes and stability of the cyclohexane ring is imy ‘ant be- 
cause many biologically significant substances contain one or more such rir «ystems. 
Alkenes 
There are two types of unsaturated hydrocarbons: hydrocarbons that conte" -arbon— 
carbon double bonds and hydrocarbons with carbon-carbon triple boii The al- 
kenes (also called olefins) contain at least one carbon-carbon double bor«!. (Hydro- 
carbons containing carbon-carbon triple bonds will be discussed shortly Alkenes 


have the general formula C,H2n, where n = 2,3,.... The simplest alkene ts CHa, 
ethylene, in which both carbon atoms are sp?-hybridized and the double bond is made 
up of a sigma bond and a pi bond (see Chapter 9). 


Alkene Nomenclature. In naming alkenes it is necessary to indicate the positions of 
the carbon-carbon double bonds. The names of compounds containing C=C bonds 
end with -ene. As with the alkanes, the name of the parent compound is determined by 
the number of carbon atoms in the longest chain (see Table 23.1), as shown here: 


CH,=CH—CH,—CH 3 
1-butene 


H3;C—CH=CH—CH; 

2-butene 
The numbers 1 and 2 indicate the first and second carbon atoms where the double bond 
appears. The name butene means that this is a compound with four carbon atoms in the 
longest chain. We must also consider the possibilities of geometric isomers, such as 


CH, 1 
1 4 5 6 se eer a 
H.C CH— CH,— CH, é=¢é 
Nal Ee Nees 5 
y na H CH—CH,— CH; 
H H | 


CH, 


4-methy]-cis-2-hexene 4-methyl-trans-2-hexene 
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TABLE 4 Some Simple Alkenes 
— 
Melting Boiling 
2 Structure Point (°C) Point (°C) 
H 
a H 
Ethylen c=C —-169.4 -102.4 
7 N j 
H H 
H,C a 
Propen ypylene) c=C —185.2 -47.7 
Ya NN 
H H 
HsC. yi 
2-Meth pe c=C -139 
ne , \ 3 7.0 
HC H 
H,C CH 
ee oN oe ar 
cis-2-B) Cc=c -139 357, 
via \ 
H 
H,C H 


trans-2-Gulene C—c -105.8 


Table 23.4 shows the names and structures of some simple alkenes. 


Properties and Reactions of Alkenes. Ethylene is an extremely important sub- 


stance because it is used in large quantities for the manufacture of organic polymers (to 
be discussed in the next chapter) and in the preparation of many other organic chemi- 
cals. Ethylene is prepared industrially by the cracking process, that is, the thermal 


decomposition of a large hydrocarbon into smaller molecules. When ethane is heated 


to about 800°C, it undergoes the following reaction: 


__ 4A, CH=CH2(s) + Hale) 


CoHo(8) Pt catalyst 


Other alkenes can be prepared similarly by cracking the higher members of the alkane 


family. 
In Section 13.5 we discussed the hydrogenation of ethylene to produce ethane. 
ddition reaction.’’ Other addition reac- 


Hytopenaion is sometimes described as an “a 
ions to the C=C bond include 


5—CH2X(g) 


CoHa(g) + X28) — CH)X—CH>X(8) 


I). The addition of a hydrogen halide to an 


CoHa(g) + HX(g) — CH 


where X represents a halogen (Cl, Br, of 


In these reactions it is the 
weaker pi bond of C=C that is 
broken; the sigma bond of 
C=C remains intact. 
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unsymmetrical alkene such as propylene is more complicated because two products are 
possible: 


HJ H H 
H,C H 
oN ene | | 
gy + HBr —— H,C—C—C—H and/or H,C—C—C—H 
H H | | 
HBr Br H 
propylene 1-bromopropane 2-bromopropane 


In practice, however, only one product is formed, and that product is 2-bromopropane. 
This phenomenon was observed in all reactions between unsymmetrical reagents and 
alkenes. In 1871, Vladimir Markovnikov+ postulated a generalization that enables us 
to predict the outcome of such an addition reaction. This generalization, now <nown as 
Markovnikov’s rule, states that in the addition of unsymmetrical (that is, polar) rea- 
gents to alkenes, the positive portion of the reagent (usually hydrogen) adds to the 
carbon atom that already has the most hydrogen atoms. 


Geometric Isomers of Alkenes. In a compound such as ethane, C>He, the rotation 
of the two methyl groups about the carbon-carbon single bond (which is a sigma bond) 
is quite free. The situation is different for molecules that contain carbon-carbon double 
bonds, such as ethylene, CH,. In addition to the sigma bond, there is pi bond 
between the two carbon atoms. Rotation about the carbon—carbon linkage does not 
affect the sigma bond, but it does move the two 2p. orbitals out of alignment for 
overlap and, hence, partially or totally destroys the pi bond (see Figure 9.16). This 
process requires an input of energy on the order of 270 kJ/mol. For this reason, the 
rotation of a carbon-carbon double bond is considerably restricted, but not impossible. 
Consequently, molecules containing carbon—carbon double bonds (that is, the alkenes) 
may have geometric isomers, which are compounds that are related to each other by a 
restricted rotation around a bond. 

The molecule dichloroethylene, CIHC=CHCI, can exist as one of the two geomet- 
ric isomers called cis-dichloroethylene and trans-dichloroethylene: 


resultant 
dipole moment 


ve 
aN LZ! Boe f! 
JN, Lem .. 


iH cl H 
cis-dichloroethylene trans-dichloroethylene 
p = 1.89D u=0 
b.p. 60.3°C b.p. 47.5°C 


where the term cis means that two particular atoms (or groups of atoms) are adjacent to 
each other, and trans means that the two atoms (or groups of atoms) are across from 
each other. Generally, cis and trans isomers have distinctly different physical and 
chemical properties. Heat or irradiation with light is commonly used to bring about the 
conversion of one geometric isomer to another, a process called cis—trans isomeriza- 
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+Vladimir W. Markovnikov (1838-1904). Russian chemist. Markovnikov’ ‘ iti 

z : C . niki dition 
reactions to alkenes were published a year after his death. eee percire of OS 
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tion, or yeometric isomerization. As the above data show, dipole moment measure- 
ments can be used to distinguish between geometric isomers. In general, cis isomers 
possess a dipole moment, whereas trans isomers do not. 


Alkynes 
Alkynes contain at least one carbon-carbon triple bond. They have the general for- 
mula C,,Hon—2, Where n = 2, 3,.... 


Alkyne ‘Yomenclature. Names of compounds containing C=C bonds end with 
-yne. Again the name of the parent compound is determined by the number of carbon 
atoms in ‘he longest chain (see Table 23.1 for names of alkane counterparts.) As in the 
case of alkenes, the names of alkynes indicate the position of the carbon-carbon triple 
bond, as, for example, in 


HC=C—CH,—CH3 H,;C—C=C—CH3 
1-butyne 2-butyne 


Properties and Reactions of Alkynes. The simplest alkyne is acetylene, CH, 
whose structure and bonding were discussed in Section 9.6. Acetylene is a colorless 
gas(b.p. 84°C) prepared by the reaction between calcium carbide and water: 


CaC,(s) + 2H,0() —> C2H2(s) + Ca(OH)2(29) 
Acetylene has many important uses in industry. Because of its high heat of combustion 
2CsHo(g) + 502(g) —> 4CO2(g) + 2H,0() AH? = —2599.2 kJ 


acetylene burned in an ‘‘oxyacetylene torch’’ gives an extremely hot flame (about 
3000°C). Thus, oxyacetylene torches are used to weld metals (see Figure 4.8). 

The standard free energy of formation of acetylene is positive (AG? = 209.2 kJ/ 
mol), unlike that of the alkanes. This means that the molecule is unstable (relative to 


its elements) and has a tendency to decompose: 

CoHx(g) —> 2C(s) + Hale) 
In the presence of a suitable catalyst or when the gas is kept under pressure, this 
reaction can occur with explosive violence. For the gas to be transported safely, it ne 
be dissolved in an inert organic solvent such as acetone at moderate pressure. In the 
liquid state, acetylene is very sensitive to shock and is highly explosive. 

Acetylene can be hydrogenated to yield ethylene: 
C)H2(g) + Ha(s) — CoHa(8) 


It undergoes the following addition reactions with hydrogen halides and halogens: 


C>H2(g) + HX(g) — CH,=CHX(g) 
CH2(g) + X28) — CHX=CHX(g) 


CoH2(g) + 2X2(8) — CHX,—CHX2(8) 


The CHX=CHX produced generally has the cis structure. 
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Methylacetylene (propyne), CH,—C=C—H, is the next member in ')> alkyne 
family. It undergoes reactions similar to those of acetylene. The addition reactions of 
propyne also obey Markovnikov’s rule, as in the case of alkenes: 

H,C H 
H.C —C=C—H + HBr —~ bee | 
eee ; eo 
Br H 

propyne 2-bromopropene 


Aromatic Hydrocarbons 


Benzene, the parent compound of this large family of organic substances, \ discov- 
ered by Michael Faraday in 1826. Over the next 40 years, chemists were | ecupied 
with determining its molecular structure. Despite the small number of ai” 1s in the 


molecule, there are quite a few ways to represent the structure of benz without 
violating the tetravalency of carbon (Figure 23.7). However, most propose: »‘ructures 
were rejected because they could not explain the known properties of benzen.. inally, 
in 1865, August Kekulét deduced that the benzene molecule could be best resented 
by a ring structure—a cyclic compound consisting of six carbon atoms: 


H H 
sea | 
H 
Nc7 Ncw HH tea me 
| I or I | 
Zs es PAROS Ze 
H ; H H Co a 
i 


Kekulé’s idea did not gain wide acceptance at first, for his formulation suggested that 
the replacement of two hydrogen atoms by two chlorine atoms on adjacent carbon 
atoms, say, would produce two different molecules: 


cl Cl 
| | 
ea Zl HO or ams 
itil Itt 
S Cc 
ae S67 aSy [POR ATA 5 
H i 


Note that, in the compound on the left, the two chlorine atoms are bonded to carbon 
atoms joined by a single bond; in the compound on the right, the same two carbon 
atoms are double-bonded to each other. Yet only one kind of dichlorobenzene with 
chlorine atoms on adjacent carbon atoms had been prepared. This discrepancy between 
what was predicted by Kekulé’s structure and what was known experimentally was 
resolved by treating the bonding in benzene in terms of the resonance concept (see 
Section 8.8) or the delocalization of molecular orbitals (see Section 9.9). 


fee ee ee eee 
+August Kekulé (1829-1896). German chemist. Kekulé was a stud i 

1 < J 1 ent of architecture before he became 
interested in chemistry. He supposedly solved the riddle of the structure of the benzene molecule after having 
a dream in which dancing snakes bit their own tails. Kekulé’s work is regarded by many as the crowning 
achievement of theoretical organic chemistry of the nineteenth century 
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Paes 
“c~ “H Hi sCoe ao 
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H H 
urg’s formula Dewar’s formula Armstrong’s formula Kekulé’s formula 


FIGUE 23.7 Proposed structures of benzene. Molecules corresponding to Ladenburg’ s for- 
mula Dewar’s formula have been synthesized. These compounds bear no resemblance to 
benze! their physical or chemical properties. 


Nom sture of Aromatic Compounds. The naming of monosubstituted ben- 
zenes uite straightforward, as shown below: 


Ss 6 0 O 


ethylbenzene chlorobenzene aminobenzene nitrobenzene 


(aniline) 
If more san one substituent is present, we must indicate the location of the second 
group *lative to the first. The systematic way to accomplish this is to number the 


carbon atoms as follows: 


1 
6 2 
5 3 
4 


Three different dibromobenzenes are possible: 


Br Br 
: ol 
Br 


1,2-dibromobenzene 1,3-dibromobenzene 1 4-dibromobenzene 
(0-dibromobenzene) _(m-dibromobenzene) (p-dibromobenzene) 


Frequently, the prefix o- (ortho-), m- (meta-), OF P- (para-) is used to denote the 
relative positions of the two substituted groups. For the dibromobenzenes, the names 
are as indicated, If the two groups are different, as they are im 


NO; 
ou 


the systematic name is 3-bromonitrobenzene and the c 
benzene. 


Br 


Br 


common name is m-bromonitro- 
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A substitution reaction is the 
replacement of an atom or a 
group of atoms in a compound 
by another atom or a group of 
atoms. 
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Properties and Reactions of Aromatic Compounds. Benzene is © colorless, 
flammable liquid obtained chiefly from coal tar. Perhaps the most remarkab!e chemical 
property of benzene is its relative inertness. Although it has the same empirical formula 
as acetylene (CH) and a high degree of unsaturation (three C=C bonds), it ‘s much less 
reactive than either ethylene or acetylene. We now understand that the stability of 
benzene is the result of electron delocalization. In fact, benzene can be hydrogenated, 
but only with difficulty. The following reaction is carried out at significantly higher 
temperatures and pressures than are similar reactions for the alkenes: 


H H H 
H 


+ 3H, —— 
catalyst 


H 
H H H 
cyclohexane 
We saw earlier that alkenes react readily with halogens to form addition products, 
because the pi bond in C=C can be broken easily. On the other hand, ‘he most 
common reaction of halogens with benzene is one of substitution: 


H Br 
H. H H. H 
FeBr, 
3 el} + HBr 
catalyst 
H H H H 
H H 
bromobenzene 


Note that if the reaction were an addition reaction, electron delocalization would be 
destroyed in the product 


H 
H Br 
H 
H Br 
H 
H 


and the molecule would not have the aromatic characteristic of chemical unreactivity. 

Bromobenzene, CsHsBr, contains a benzene ring that has lost one hydrogen atom. 
The CHs group is called the phenyl group. Any group that contains one or more fused 
benzene rings is called an aryl group. Thus, the phenyl group is the simplest aryl 
group. Naphthalene, CioHs, less one hydrogen atom (C;oH;) is the next simplest aryl 
group. 

Alkyl groups can be introduced’into the ring system by allowing benzene to react 
with an alkyl halide using AICI, as the catalyst: 


CH,CH, 


AICL 
Ss + CH,CH,Cl pera + HCl 


ethyl chloride ethylbenzene 
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7. C000 


Naphthalene Anthracene Phenanthrene Naphthacene 
Benz(a)anthracene* Dibenz(a, h)anthracene* Benzo(a)pyrene 


OO 
ao 


Coronene 


Lu 


FIGURE 23.8 Some polycyclic aromatic hydrocarbons. Compounds denoted by * are potent 
carcinogens. An enormous number of such compounds exist in nature. 


An enormously large number of compounds can be generated from substances in 
which benzene rings are fused together. Some of these polycyclic aromatic hydrocar- 
bons are shown in Figure 23.8. The best known of these compounds is naphthalene, an 
important component of mothballs. These and many other similar compounds are 
present in coal tar. Some of the compounds with larger numbers of rings are powerful 
carcinogens—that is, they can cause cancer in humans and other animals. As far back 
as 1775, the English doctor Percivall Pott treated chimney sweeps for cancer of the 
scrotum. These workers entered the trade when young and were exposed daily to 
massive amounts of soot and tar, containing many kinds of carcinogens. Not until 
some 150 years later, however, were these compounds isolated and demonstrated to be 
dangerous. Exactly how these substances affect biological systems is still not known. 


23.2 Functional Groups 

We now examine in greater depth some organic functional groups— groups that are 
Tesponsible for most of the reactions of the parent compounds. In particular, we focus 
On oxygen-containing and nitrogen-containing opens: 


Alcohols 


All alcohols contain the hydroxyl group, —OH. So 


Figure 23.9, Ethyl alcohol, or ethanol, is by far the best known. It is produced biologi- 


The functional group in 


—OH. 
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me common alcohols are shown in alcohols is the hydroxyl group, 
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Aliphatic alcohols are derived 
from alkanes, which are all 
aliphatic hydrocarbons. 
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1 i 
H—C—OH Peay -a 
‘ H H H 
Methanol Ethanol _ 2-Pr I 
(methyl alcohol) (ethyl! alcohol) (isoproy »hol) 
1H aoe H 
ley || 
H—C—C—H 
L | 
OH OH 
Phenol Ethylene glycol 


FIGURE 23.9 Common alcohols. Note that all of the compounds conta ie —OH 
group. 
cally by the fermentation of sugar or starch. In the absence of oxygen the enzymes 


present in bacterial cultures or yeast catalyze the reaction 


CeH120¢(aq) "> 2CH3CH,OH(aq) + 2CO,(g) 


This process gives off energy, which microorganisms, in turn, use for grow! and other 
functions. 


Ethanol is prepared commercially by the addition reaction of water to ethylene at 
about 280°C and 300 atm: 


CH;=CH,(g) + BES. 
G 2(g) + H2O(g) ccaaive CH3CH,OH(g) 
Ethanol has countless applications as a solvent for organic chemicals and as a starting 
compound for the manufacture of dyes, synthetic drugs, cosmetics, explosives, and so 
on. It is also a familiar constituent of beverages. Ethanol is the only nontoxic (more 
properly, the least toxic) of the straight-chain alcohols; our bodies produce an enzyme, 


called alcohol dehydrogenase, which helps metabolize ethanol by oxidizing it to acet- 
aldehyde: 


CH;CH,OH “2"*, CH,CHO +H, 
acetaldehyde 


This equation is a simplified version of what actually takes place; the H atoms are taken 
up by other molecules, so that no H, gas is evolved. 


Ethanol can be oxidized also by inorganic oxidizing agents, such as acidified di- 
chromate, to acetaldehyde and acetic acid: 


a E - 
CH;CH,OH 297, cH,cHo -20F , cH,cOoH 


The simplest aliphatic alcohol is methanol, CH;OH. Called wood alcohol, it was 
prepared at one time by the dry distillation of wood. It is now synthesized industrially 
by the reaction of carbon monoxide and molecular hydrogen at high temperatures and 
pressures: 
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CO(g) + 2Hy(g) $22, CH;OH(g) 
catalyst 


Met ol is highly toxic. Ingestion of only a few milliliters can cause nausea and 
blinc. .s. Ethanol intended for industrial use is often mixed with methanol to prevent 
peo; om drinking it. Ethanol containing methanol or other toxic substances is 
call: natured alcohol. 

TI cohols are very weakly acidic; they do not react with strong bases, such as 
NaQ ‘he alkali metals react with alcohols to produce hydrogen: 

2CH3;0H + 2Na —> 2NaOCH; + H2 
sodium 
methoxide 

How the reaction is much less violent than that between Na and water: 


2H,0 + 2Na —> 2NaOH + H2 


T ner familiar aliphatic alcohols are isopropyl alcohol, commonly known as 
rubb: ohol, and ethylene glycol, which is used as an antifreeze. Note that ethylene 
glyci two —OH groups and so can form hydrogen bonds with water molecules 
more tively than compounds that have only one —OH group (see Figure 23.9). 
Most ols—especially those with low molar masses—are highly flammable. 
Ethe 
Ethers © »iain the R—O—R' linkage, where R and R' are either an alkyl group or an 
aryl gi They are formed by the condensation reaction of alcohols. A condensation 
reacties» characterized by the joining of two molecules and the elimination of a small 


molecuic. usually water: 


CH;OH + HOCH; See CH,OCH; + H,0 


catalyst 
dimethyl 
ether 


Like alcohols, ethers are extremely flammable. When left standing in air, they have 
a tendency to slowly form explosive peroxides: 


CH; 


CH,OGH, + 0; —> CHO Cer oe © 
diethyl f 
ether 


Peroxides contain the —-O—O— linkage; the simplest peroxide is hydrogen peroxide, 
02. Diethyl ether, commonly known as “‘ether,”” was used as an anesthetic for many 
years. It produces unconsciousness by depressing the activity of the central ae 
system. The major disadvantages of diethyl ether are its irritating cieewon ae 
tory system and the occurrence of postanesthetic nausea and vorniting. ‘“Neot 2 i is 
methyl propyl ether, CH;30CH,CH2CHs, is currently favored as an anesthetic becau: 
itis relatively free of side effects. 
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The oxidization of ethanol to 
acetic acid in wine is catalyzed 


by enzymes. 
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Aldehydes and Ketones 


Under mild oxidation conditions alcohols can be converted to aldehydes 2nd ketones: 
CH,OH + $0, —> H,C=O + H,0 
formaldehyde 


H,C 
C,;H;OH + 40, — Soames + H,0 
H 
acetaldehyde 


“i H,C 


| ~ 
CH,—C—CH, + 40, — Peas + H,O 
H,C 
acetone 


OH 


The functional group in these compounds is the carbonyl group, >C=O. The differ- 
ence between aldehydes and ketones is that in aldehydes at least one hydrogen atom is 
bonded to the carbon atom in the carbonyl group, whereas in ketones »o hydrogen 
atoms are bonded to this carbon atom. 

Formaldehyde (H»C=O) has a tendency to polymerize; that is, the individual mole- 
cules join together to form a compound of high molar mass. This action gives off much 
heat and is often explosive, so formaldehyde is usually prepared and store in aqueous 
solution (to reduce the concentration). This rather disagreeable-smelling liquid is used 
as a starting material in the polymer industry (see Chapter 24) and in the laboratory as 
a preservative for dead animals. Interestingly, the higher molar mass aldehydes, such 


as cinnamic aldehyde 
H 
( \-cu =CH — co 
No 


have a pleasant odor and are used in the manufacture of perfumes. 

Ketones generally are less reactive than aldehydes. The simplest ketone is acetone, 
a pleasant-smelling liquid that is used mainly as a solvent for organic compounds. 
Acetone is much more difficult to oxidize than is acetaldehyde. 


Carboxylic Acids 


Under appropriate conditions both alcohols and aldehydes can be oxidized to carbox- 
ylic acids, acids that contain the carboxyl group, —COOH: 


CH;CH,OH + 0, —> CH;COOH + H,0 
CH,CHO + 40, —» CH,COOH 


These reactions occur so readily, in fact, that wine must be protected from atmospheric 
oxygen while in storage. Otherwise, it would soon taste like vinegar (due to the forma 
tion of acetic acid). Figure 23.10 shows the structure of some of the common carbox- 
ylic acids. 


23.2 FUNCTIONAL GROUPS 


i 
Formic acid Acetic acid Butyric acid Benzoic acid 
H H O 0 Oo. HoH H @ 
| | | | a Gl a 
\ a ie —OH iigroe od a ie —OH 
H H C—OH H el H 
| oR 
| Oo OH 


Glycine Oxalic acid Citric acid 


FIGURE 23.10 Some common carboxylic acids. Note that they all contain the —COOH 
group. (Glycine is one of the amino acids found in proteins.) 


Carboxylic acids are widely distributed in nature; they are found in both the plant 
and animal kingdoms. All protein molecules are made of amino acids, a special kind of 
carboxylic acid, in which an amino functional group and a carboxylic acid group are 


present in the same molecule. 
The Lewis structure of the carboxyl group (—COOH) is 


O 

4 

\ 
Om H 


The ionizable proton accounts for the acidic properties in carboxylic acids: 


CH,COOH == CH,COO” + H* 


acetic acid acetate ion 
( \-coou — C coo" +H* 
benzoic acid benzoate ion 


Unlike the inorganic acids HCI, HNO3, and H)SOx4, carboxylic acids are usually weak. 
They react with alcohols to form pleasant-smelling esters: 
O 


I 
CH,COOH + HOCH,CH,; — CH,—C—O— CH:CH; + H.0 


ethyl acetate 


Other common reactions of carboxylic acids are neutralization 


CH;COOH + NaOH —> CH,COONa + H,0 


and formation of acid halides, such as acetyl chloride 


CH,COOH + PCl; —> CH;COCI + HCI + POCIs 
acetyl phosphoryl 


chloride chloride 
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Acid halides are reactive compounds used as intermediates in the prepara’ on of many 
other organic compounds. They hydrolyze in much the same way as man} ametallic 
halides, such as SiCly: 


CH;COCK() + H,0() — CH;COOH(aq) + HCI(g) 


SiC) + 3H,0() —> H2Si03(s) + 4HCl(g) 
silicic acid 


Esters 
Esters have the general formula R'COOR, where R' can be H or an alkyl or aryl group 
and R is an alkyl or aryl group. Esters are used in the manufacture of per!umes and as 
flavoring agents in the confectionery and soft-drink industries. Many fruits owe their 
characteristic smell and flavor to the presence of small quantities of est 

The functional group in esters is the —COOR group. In the presenc an acid 
catalyst, such as HCl, esters undergo hydrolysis to yield a carboxylic avid and an 


alcohol. For example, in acid solution, ethyl acetate hydrolyzes as foll< 


CH;COOC,H; + H,O == CH;COOH + C,HsOH 


ethyl acetate acetic acid ethanol 
However, this reaction does not go to completion because the reverse | tion also 
occurs to an appreciable extent. On the other hand, when NaOH solution ‘s used in 


hydrolysis the sodium acetate does not react with ethanol, so this reaction “oes go to 
completion from left to right: 


CH;COOC,H; + NaOH —> CH;COO-Na* + C,H;OH 
ethyl acetate sodium acetate ethanol 


For this reason, ester hydrolysis is usually carried out in basic solutions Note that 
NaOH does not act as a catalyst; rather, it is consumed by the reaction. The term 
saponification (meaning soapmaking) was originally used to describe the alkaline 
hydrolysis of fatty acid esters to yield soap molecules (sodium stearate): 
C7H3sCOOCH; + NaOH —> C,7H;;COO~Na* + C2Hs0H 
ethyl stearate sodium stearate 


Saponification has now become a general term for alkaline hydrolysis of any type of 

ester. 

Amines 

Amines are organic bases. They have the general formula R3N, where R may be H, an 

alkyl group, or an aryl group. As with ammonia, the reaction of amines with water 1s 
RNH, + H,O == RNH} + OH” 


where R represents either an alkyl or an aryl group. Like all bases, the amines form 
salts when allowed to react with acids: 
CH3CH,NH, + HCl —> CH;CH,NH}Cl~ 
ethylamine ethylammonium 
chloride 


These salts are usually colorless, odorless solids. 
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Arot c amines are used mainly in the manufacture of dyes. Aniline, the simplest 
aromatic amine, itself is a toxic compound; a number of other aromatic amines such as 
2-naphi! amine and benzidine are potent carcinogens: 


line 2-naphthylamine benzidine 


Sum ory of Functional Groups 


Table 5 summarizes the common functional groups. A compound can and often 
does ec: -ain more than one functional group. Generally, the reactivity of a compound 
is dete: sined by the number and types of functional groups in its makeup. 


TABL©’ 23.5 Important Functional Groups and Their Reactions 
Fi 
Ny 


inctional Group Name Typical Reactions 
c=Cc oe Carbon—carbon Addition reactions with halogens, 
ra ca double bond hydrogen halides, and water; 
hydrogenation to yield alkanes 
—c=c— Carbon—carbon triple Addition reactions with halogens, 
bond hydrogen halides; hydrogenation to 
—X: yield alkenes and alkanes 
ve Halogen Exchange reactions: 
(X = F, Cl, Br, I) CH,CH2Br + KI —> 
big CH;CH2I + KBr 
a 0 — EF Hydroxyl Esterification (formation of an ester) 
with carboxylic acids; oxidation to 
aldehydes, ketones, and carboxylic 
X& ee acids 
a =@ Carbonyl Reduction to yield alcohols; oxidation 
of aldehydes to yield carboxylic 
acids 
70; 
aoe 
—C—O—8 Ester Hydrolysis to yield acids 


(R = alkyl or aryl) 
Esterification with alcohols; reaction 


0: Carboxyl 
a with phosphorus pentachloride to 
=C—O--H yield acid chlorides 
R 
=e Amine Formation of ammonium salts with 
‘NR acids 


(R = H, alkyl, or aryl) 
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The following example shows how we can use the functional groups to predict 
reactions. 


(“Le A 
EXAMPLE 23.3 


Cholesterol is a major component of gallstones. It has received much attention because of 


the suspected correlation between the cholesterol level in the blood and certain types of 
heart disease, for example, atherosclerosis. From the following structure of the com- 
pound, predict its reaction with (a) Br2, (b) Hz (in the presence of Pt catalyst), (c) 
CH3,COOH: 
CH, C,H, 
CH 
HO 
Answer 


The first step is to identify the functional groups in cholesterol. There are two: the hy- 
droxyl group and the carbon—carbon double bond. (a) The reaction with bromine results in 
the addition of bromine to the double-bonded carbons, which become single-bonded. (b) 
This is a hydrogenation reaction. Again, the carbon—carbon double bond is converted to 
a carbon—carbon single bond. (c) The acid reacts with the hydroxyl group to form an ester 
and water. Figure 23.11 shows the products of these reactions. 


H; Cy Hi, 
CH; 


c 
CH; CH, cup 
CH, cH, ty 
HO P Bes 
Br 
& HO H,Cc-C-0~ ~~ 
(a) (b) (c) 


¢ 


FIGURE 23.11 The products formed by the reaction of cholesterol with (a) molecular 
bromine, (b) molecular hydrogen, and (c) acetic acid. 


Similar problem: 23.34, 
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THE PETROLEUM INDUSTRY 
SSS 2 
It is estimated that in 1985 about 42 percent of the mately) natural gas (24 percent), coal (24 percent), 


energy needs of the United States were supplied by oil hydroelectric power (4 percent), nuclear power (5 per- 
or petroleum. The rest was provided by (approxi- cent), and others (1 percent). In addition to energy, 
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petroleum also supplies numerous organic chemicals 
used to manufacture drugs, clothing, and many other 
products 

Petroleum is a complex mixture of alkanes, alkenes, 
cycloalkanes, and aromatic compounds. Before refine- 
ment. petroleum is often called crude oil, which is a 
s, dark brown liquid (Figure 23.12). It is formed 
in Earth’s crust over the course of millions of years by 
the decomposing action of anaerobic bacterial orga- 
nisms on animal and vegetable matter. 

Petroleum deposits are widely distributed through- 
out the world, mainly in North America, Mexico, west- 
ern U.S.S.R., China, Venezuela, and, of course, the 
Middle East. The actual composition of petroleum var- 
ies with location. In the United States, for example, 
Pennsylvania crude oils are mostly aliphatic hydrocar- 
bons, whereas the major components of western crude 
oil are aromatic in nature. 

Although petroleum contains literally thousands of 
hydrocarbon compounds, we can classify its compo- 
nents according to the range of their boiling points 
(Table 23.6). These hydrocarbons can be separated on 
the basis of molar mass by fractional distillation, as 
shown in Figure 23.13. Heating crude oil to about 
400°C converts the viscous oil into hot vapor and fluid. 


viscou 


FIGURE 23.12 Crude oil. 


TABLE 23.6 Major Fractions of Petroleum 


Boiling Point 


Fraction Carbon Atoms* Range (°C) 
Natural gas roraron —161 to 20 
Petroleum ether Cs-Cg 30-60 
Ligroin G 20-135 
Gasoline CG 30-180 
Kerosene Chee 170-290 
Heating fuel oil Cya-Cig 260-350 
Lubricating oil Cex 300-370 


i i le, C 
*The entries in this column indicate the numbers of carbon atoms 1n the compounds involved. For examp i 


the compounds contain 1 to 4 carbon atoms, and so on. 
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Gasoline 
30°C-180°C 


Naphtha 


110°C-195°C 


> Kerosene 
170°C-290°C 


Heating oil 
260°C-350°C 


Lubricating oil 
300°C-370°C 


+ 


Heated 
crude oil —> 
at 370°C 


—> Residue 


FIGURE 23.13 Fractionation column for separating the 
components of petroleum crude oil. As the hot vapor of the 
crude oil moves upward, it condenses and the various compo- 
nents of the crude oil are separated according to their boiling 
points and are drawn off as shown. 


Uses 


Fuel and cooking gas 

Solvent for organic compounds 

Solvent for organic compounds 

Automobile fuels 

Rocket and jet engine fuels, domestic heating 
Domestic heating and fuel for electricity production 
Lubricants for automobiles and machines 


~C,, tells us that in natural gas 
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alkanes, and a few aromatic hydrocarbons. Some of 


these compounds are far more suitable for veling an 

automobile engine than others, and herein |i ‘he prob- 

lem of the further treatment and refinement « 2asoline. 

Figure 23.15 shows a schematic diagrom of the 

four-stroke operation of the Oto cycle © vine that 

drives most automobiles. A major engineerin’ concern 

is to control the burning of the gasoline—» + mixture 

inside each cylinder to obtain a smooth ex» nsion of 

the gas mixture. If the mixture burns too rapidly, the 

piston receives a hard jerk rather than a smooth, strong 

push. This action produces a ‘‘knocking’ “ping- 

ing’’ sound, as well as a decrease in efficiency in the 

i conversion of combustion energy to mech nical en- 

FIGURE 23.14 Petroleum distillation towers. ergy. It turns out that straight-chain hydrocar ons have 
the greatest tendency to produce knocking, » ‘creas the 

In this form it enters the fractionating tower. The vapor _ branched-chain and aromatic hydrocarbons give the 
rises and condenses on various collecting trays accord- desired smooth push. For this reason, gas /ines are 
ing to the temperatures at which the various compo- usually rated according to the octane number. a mea- 
nents of the vapor liquefy. Some gases are drawn off at sure of their tendency to cause knocking. On “iis scale, 
the top of the column, and the unvaporized residual oil a branched Cg compound (2,2,4-trimethy|pesiane, or 
is collected at the bottom. Figure 23.14 shows petro- _ isooctane) has been arbitrarily assigned an oc ‘sie num- 
leum distillation towers. ber of 100, and that of n-heptane is zero (T»ble 23.7). 


Gasoline is probably the best-known component of The higher the octane number of the hydrocerbon, the 
petroleum. Actually, gasoline is itself a mixture of vo- __ better its performance in the internal combustion en- 
latile hydrocarbons. It contains mostly alkanes, cyclo- gine. 


Spark Exhaust 


ey. valve open plug A valve * 
4 a 


(a) (b) (c) (a) 


FIGURE 23.15 | The four stages of operation of an internal combustion engine. This is the type of engine used in practically all 
automobiles and is described technically as a four-stroke Otto cycle engine. (a) Intake valye ei to = in “4 a soline—air 
mixture. (b) During the compression Stage the two valves are closed. (c) The spark plug fires and the piston i. ae outward. 
(d) Finally, as the piston is pushed inward, the exhaust valve opens to let out the exhaust gas perce es 
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TAL. | 23.7 Octane Ratings of Some Hydrocarbons 


Type of Octane 
ydrocarbon Molecular Structure Structure Rating 
n-Hepiane CH—CH,--Ch,—CH.—CH-—CH;—CH, Straight chain o* 
n-Hexane CH,—CH,—CH;,—CH,—CH,—CH, Straight chain 25 
CH; 
2-N hexane CH;—CH—CH,—CH,—CH,— CH; Branched chain 42 
CH; 
2-M |butane CEH.— CH GH, — CHa Branched chain 93 
CH; CH, 
2,2,4- rimethylpentane (isooctane) | CH;—C—CH,—CH—CH, Branched chain 100* 
CH; Aromatic 120 
Tol: CH; 
Benzene OC} Aromatic 106 
CH, - 
| : 
2,2,3-Trimethylbutane ea pre —CH; Branched chain 125 
CH; 


*Reference points for octane rating. 


The addition of 2 to 4 g of either of these compounds to 
a gallon of gasoline increases the octane rating by 10 or 
more. However, lead is a highly toxic metal, and the 
constant discharge of automobile exhaust into the at- 


The octane rating of hydrocarbons can be improved 
by the addition of small quantities of compounds called 
antiknocking agents. Among the most widely used sub- 
Stances are the following: 


CH; mosphere has become a serious environmental prob- 
| lem. Federal regulations require that all automobiles 
os oe made after 1974 use ‘“‘unleaded’’ gasolines. The cata- 


| | i i ich | odel automobiles are 
CH,—Pb— — CH,—Pb— CH,— CH; lytic converters with which late-model automobiles 
i: oe ae ic : equipped can be *‘poisoned’’ by lead, another reason 


CH; CH) for its exclusion from gasoline. To minimize knocking, 
. | unleaded gasolines contain a higher proportion of 
CH; branched-chain hydrocarbons. 


tetramethyllead tetraethyllead 
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SUMMARY 


. Because carbon atoms can link up with other carbon atoms in straight and branched 


chains, carbon can form more compounds than any other element. 


. Methane, CHy, is the simplest of the alkanes, a family of hydrocarbons with the 


general formula C,,H2,+2. Cyclopropane, C3H,, is the simplest of the cycloalkanes, 
a family of alkanes whose carbon atoms are joined in a ring. Alkanes and cycloal- 
kanes are saturated hydrocarbons. 


. Ethylene, CH;>=CHh, is the simplest of the olefins, or alkenes, a class of hydrocar- 


bons containing carbon-carbon double bonds and having the genera! formula 
C,,H>,,. Acetylene, CH=CH, is the simplest of the alkynes, which are compounds 
that have the general formula C,,H>,—» and contain carbon-carbon triple bonds. 


. Compounds that contain one or more benzene rings are called aromatic hydrocar- 


bons. These compounds undergo substitution by halogens and alkyl! groups. 


. Functional groups impart specific types of chemical reactivity to molecules. Classes 


of compounds characterized by their functional groups include alcohols, ethers, 
aldehydes and ketones, carboxylic acids and esters, and amines. 


. The major source of hydrocarbons is the petroleum industry, which furnishes gaso- 


line and heating fuel, as well as raw materials for the chemical industry. 


Aryl group, p. 964 
Carboxylic acid, p. 968 
Condensation reaction, p. 967 
Cycloalkane, p. 957 
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Ether, p. 967 
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23.1 Define the following terms: hydrocarbon, aliphatic hy- 23.7 Both benzene and ethylene contain the C=C bond. 


23.6 


drocarbon, aromatic hydrocarbon, alkane, cycloalkane, 
alkene, alkyne, radical. 

Give examples of a saturated hydrocarbon and an unsat- 
urated hydrocarbon. 

Give examples of a chiral substituted alkane and an 
achiral substituted alkane. 

Alkenes exhibit geometric isomerism because rotation 
about the C=C bond is restricted. Explain what this 
means. 

Why is it that alkanes and alkynes, unlike alkenes, have 
no geometric isomers? 

What is Markovnikov’s rule? 


23.8 


Why is benzene less stable than ethylene? 
Explain why carbon is able to form so many more com- 
pounds than any other element. 


PROBLEMS 


23.9 Draw all possible structural isomers for the following 


alkanes: (a) CyHio, (b) CoH, (c) CrHie- 


23.10 Draw all possible isomers for the molecule CsHs- 
23.11 Discuss how you can determine which of the following 


compounds might be alkanes, cycloalkanes, alkenes, of 
alkynes, without drawing their formulas: (a) CoHi2, (©) 
C4Hg, (c) CsHj2, (d) C7Hy4, (e) CsHy. 


23.12 The benzene and cyclohexane molecules both contain 
six-membered rings. Benzene is a planar molecule and 
cyclohexane is nonplanar. Explain. Would you expect 
cyclobutadiene to be a stable molecule? Explain. 


H H 
\ ba 
C6 
I Ih 
1 Ce ©! 
io \ 
H H 
(4/int. Consider the angles between carbon atoms.) 
23.13 Suggest two chemical tests that would help you distin- 
guish between these two compounds: 
CH CH CH CH2CH3 CH3;CH,CH,CH=CH, 


23.14 Draw the structures of cis-2-butene and trans-2-butene. 
Which of the two compounds would have the higher 
heat of hydrogenation? Explain. 

23.15 Draw the structures of the geometric isomers of the mol- 
ecule CH;—CH=CH—CH=CH—CH3. 

23.16 When a mixture of methane and bromine is exposed to 
light, the following reaction occurs slowly: 


CH,(g) + Bro(g) —> CH3Br(g) + HBr(g) 


Suggest a reasonable mechanism for this reaction. 
(Hint: Bromine vapor is deep red; methane is colorless.) 
23.17 Sulfuric acid, H»SOq, adds across the double bond of 
alkenes as H* and OSO3H~. Draw structures for the 
products of addition of sulfuric acid to (a) ethylene, (b) 
propylene, (c) 1-butene, and (d) 2-butene. 
23.18 Draw all possible isomers for the molecule C;HsBr. 
23.19 Indicate the asymmetric carbon atoms in the following 


compounds: 
CH, oO 
| | 
CH,— CH;—-CH— CH— C—NH, 
NH, 
H 
Va 
H Br 


23.20 State which member of each of the following pairs of 
compounds is the more reactive and explain why. (a) 
propane and cyclopropane, (b) ethylene and methane, 
(c) cyclohexane and benzene 

23.21 How many distinct chloropentanes, CsHj;Cl, could be 
produced in the direct chlorination of n-pentane, 
CH,(CH>)3CH,? Draw the structure of each and identify 
any that are chiral. 
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23.22 The structural isomers of pentane, C;Hj2, have substan- 
tially different boiling points (see Example 23.1). Ex- 
plain the observed variation in boiling point, using 
structure as a reason. 

23.23 Under certain conditions acetylene can trimerize to ben- 
zene: 


3C2H2(g) —> CoHo(!) 


Calculate the standard enthalpy change in kJ for this 
reaction at 25°C. 

23.24 Geometric isomers are not restricted to compounds 
containing the C=C bond. For example, certain di- 
substituted cycloalkanes can exist in the cis and the trans 
forms. Name the following compounds: 


H H 


Cl Cl Cl H 


(a) (b) 
H cl 


FUNCTIONAL GROUPS 
REVIEW QUESTIONS 


23.25 Define ‘‘functional group.’’ Why is it logical to classify 
organic compounds according to their functional 
groups? 

23.26 Draw the Lewis structure for each of the following func- 
tional groups: alcohol, ether, aldehyde, ketone, carbox- 
ylic acid, ester, amine. 


PROBLEMS 


23.27 Classify each of the following molecules as alcohol, 
aldehyde, ketone, carboxylic acid, amine, or ether: 
(a) H;C—O—CH,—CH; (b) H;C—CH)—NH) 


V4 
(©) HjC—CH—C. @) 


O : oO 


H,C —C —CH;—CH, 
I 


() H,C—CH,CH,—OH 


NH, O 


| I 
(g) Cyn fae —OH 
H 


23.28 Ethanol reacts with (a) gaseous HCl, (b) sodium metal. 
Predict the products formed in each reaction and write 
balanced equations for each. 
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23.29 Complete the following equation and identify the prod- 
ucts: 


CH3;—CH,—COOH + CH;0H —> 


23.30 Generally aldehydes are more susceptible to air oxida- 
tion than are ketones. Use acetaldehyde and acetone as 
examples and show why ketones are more stable than 
aldehydes in this respect. 

23.31 Draw structures for molecules with the following for- 
mulas: (a) CH4O, (b) C2H,O, (c) C3H6O2, (d) C3Hg0. 

23.32 A compound having the molecular formula C4HjoO 
does not react with sodium metal. In the presence of 
light, the compound reacts with Cl, to form three com- 
pounds having the formula C,HoOCI. Draw a structure 
for the original compound that is consistent with this 
information. 

23.33 Indicate the classes of compounds having the formulas 
(a) H—C=C—CH; 

(b) CsH9OH 
(c) CH;0C2Hs 
(d) C;HsCHO 
(e) CsH;COOH 
(f) CH3NH2 

23.34 Predict the product or products of each of the following 
reactions: 

(a) C,H;0H + HCOOH —> 
(b) H—C=C—CH; + H, —> 


(c) Cis. H 
Pr =C. +-HBr—> 
H H 
23.35 Identify the functional groups in each of the following 
molecules: 
(a) CH3;CH,;COCH,CH2CH3 
(b) CH3COOC,Hs 
(c) CH3;CH,0CH,CH2CH>3CH3 
23.36 Beginning with 3-methyl-l-butyne, show how you 
would prepare the following compounds: 


Br CH, 


| 
(a) CH,=C—CH—CH, 
CH, 
(b) CH, Br—CBr,— CH— CH, 
Br CH; 


| 
(¢)} CH;—CH—CH— CH, 
23.37 An organic compound has the empirical formula 
Cs5H;20. Upon controlled oxidation, it is converted into 
a compound of empirical formula CsHj9O, which be- 
haves as a ketone. Draw structures of the original com- 
pound and the final compound. 
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NOMENCLATURE 
PROBLEMS 


23.38 Name the following compounds: 


23.39 


23.40 


23.41 


CH, 


| 


(a) CH,— CH —CH,— CH,— CH 


C,H 
| 


(b)t (CB.-—-CHi=—— CH — CH — CH 


CH, CH, 
| | 


(Cc) CH, — Cl; — CH —CH,— CH 
| 


CH,— CH;— CH 


CH, 


(d) CH,=CH —CH — CH=CH 
(ce) CH,—C—=C— CH,— CH, 


(f) 


CH,— CH,— CH —CH=CH, 
Name the following compounds: 


Cl NO, 


(a) (b) 
Cl CH,CH; 
NO, 


CH, 


Write the structural formulas for the following organic 
compounds: (a) 3-methylhexane, _(b) 1,3,5- 
trichlorocyclohexane, (c) 2,3-dimethylpentane, (d) 
2-phenyl-4-bromopentane, (e) 3,4,5-trimethyloctane. 
Write the structural formulas for the following com- 
pounds: (a) trans-2-pentene, (b) 2-ethyl-1-butene, (©) 
4-ethyl-trans-2-heptene, (d) 3-phenylbutyne, (©) 
2-nitro-4-bromotoluene. 


23.42 . structures for the following compounds: (a) cyclo- 
ine, (b) cis-2-butene, (c) 2-hexanol, (d) 1,4-dibro- 
yenzene, (e) 2-butyne. 


MIS¢ \NEOUS PROBLEMS 


23.43 y all the possible structural isomers for the molecule 
ig the formula C7H,Cl. The molecule contains one 
one ring. 

23.44 n these data 

5H4(g) + 302g) —> 2CO2(g) + 2H20() 
AH? = —1411 kJ 


CH2(g) + 502g) —> 4C0,(g) + 2H,0(/) 
AH? = —2599 kJ 


H,(g) + 402(g) —> H20 
AH? = —285.8 kJ 


late the heat of hydrogenation for acetylene: 
CyH2(g) + H2(g) —> CoHals) 


23.45 ganic compound is found to contain 37.5 percent 
on, 3.2 percent hydrogen, and 59.3 percent fluorine 
ass. The following pressure and volume data were 
ned for 1.00 g of this substance at 90°C: 


P (atm) V(L) 
2.00 0.332 
1.50 0.409 
1.00 0.564 
0.50 1.028 


The molecule is known to have no dipole moment. (a) 
What is the empirical formula of this substance? (b) 
Does this substance behave as an ideal gas? (c) What is 
its molecular formula? (d) Draw the Lewis structure of 
this molecule and describe its geometry. (e) What is the 
systematic name of this compound? 

23.46 Which of the following compounds can form hydrogen 
bonds with water molecules? (a) carboxylic acids, () 
alkenes, (c) ethers, (d) aldehydes, (e) alkanes, (f) 
amines 

23.47 Name at least one commercial use for each of the fol- 
lowing compounds: (a) 2-propanol (isopropyl alcohol), 
(b) acetic acid, (c) naphthalene, (d) methanol, (e) etha- 
nol, (f) ethylene glycol, (g) methane, (h) ethylene. 

23.48 How many liters of air (78 percent No, 22 percent O by 
volume) at 20°C and 1.00 atm are needed for the com- 
plete combustion of 1.0 L of octane, CsHis, 4 typical 
gasoline component, of density 0.70 g/mL? 

23.49 How many carbon-carbon sigma bonds are present in 
each of the following molecules? (a) benzene, (b) cyclo- 
butane, (c) 2-methyl-3-ethylpentane, (4) 2-butyne, (©) 
anthracene (See Figure 23.8.) 

23.50 Draw all the structural isomers of the formula C4HgClo- 
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Indicate those that are chiral and give them systematic 
names. 

23.51 Combustion of 20.63 mg of compound Y, which con- 
tains only C, H, and O, with excess oxygen gave 
57.94 mg of CO, and 11.85 mg of H30. (a) Calculate 
how many milligrams of C, H, and O were present in 
the original sample of Y. (b) Derive the empirical for- 
mula of Y. (c) Suggest a plausible structure for Y if the 
empirical formula is the same as the molecular formula. 

23.52 Combustion of 3.795 mg of liquid B, which contains 
only C, H, and O, with excess oxygen gave 9.708 mg 
of CO, and 3.969 mg of H,0. Ina molar mass determi- 
nation, 0.205 g of B vaporized at 1.00 atm and 200.0°C 
occupied a volume of 89.8 mL. Derive the empirical 
formula, molar mass, and molecular formula of B and 
draw three plausible structures. 

23.53 Discuss what is meant by the term “*geometric isomer- 
ism,’’ using N2F> (difluorodiazine) and CoH2Ch (1,2- 
dichloroethylene) as examples. 

23.54 Suppose that benzene contained three distinct single 

S bonds and three distinct double bonds. How many dif- 
ferent isomers would there be for dichlorobenzene 
(C6H4Cl)? Draw all your proposed structures. 

23.55 Ethanol, CJHsOH, and dimethyl ether, CH30CH3, are 
structural isomers. Compare their melting points, boil- 
ing points, and solubilities in water. 

23.56 The compound CH;—C=C—CHs is hydrogenated to 
an alkene using platinum as the catalyst. Predict 
whether the product is the pure trans isomer, the pure cis 
isomer, or a mixture of cis and trans isomers. Based on 
your prediction, comment on the mechanism of the het- 
erogeneous catalysis. 

23.57 How many asymmetric carbon atoms are present in each 
of the following compounds? 

H H H 

| | 
(a) act: 

H Cl H 


OH CH, 
| 

(b) As os inate 
| 


H 4H 
CH,OH 


| 
c—o, 
ae 
|/ H 
©) ‘ OH H f 
sod I/ 
Ce | 


H OH 
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Organic Polymers: 
Synthetic and Natural 


Mechanical parts, connectors, and integrated-circuit boards made of plastics. Polymeric materials have created a revolu- 


tion in packaging and engineering. 


24.3 PROTEINS 


Ls . . 
24.1 PROPERTIES OF POLYMERS CHEMISTRY IN ACTION / SICKLE CELL 
24.2 SYNTHETIC ORGANIC POLYMERS ANEMIA: A MOLECULAR DISEASE 
Addition Reactions / Condensation Reactions 
CHEMISTRY IN ACTION / THE 4.4 NUCLEIC ACIDS 


THERMODYNAMICS OF A RUBBER BAND 
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= 


olymers are very large molecules containing hundreds or thousands of atoms. | vople 
have been using polymers since prehistoric time and chemists have been synthc= zing 
them for the past century. Natural polymers are the basis of all life processes, © 1 
our technological society is largely dependent on synthetic polymers. 
This chapter discusses some of the preparation and properties of important synthe! © or- 
ganic polymers in addition to two naturally occurring polymers in living systems—pro 11s 
and nucleic acids. 


24.1 Properties of Polymers 


A polymer is a chemical species distinguished by a high molar mass, ' ng into 
thousands and millions of grams. Polymers are often called macromol. ies. The 
properties of polymers differ greatly from those of small, ordinary molc-. es, and 
special techniques are required to study these giant molecules. 

Polymers are divided into two classes: natural and synthetic. Example: natural 
polymers are proteins, nucleic acids, cellulose (polysaccharides), and rub! polyiso- 
prene). Most synthetic polymers are organic compounds. Familiar examples a°° nylon, 


poly(hexamethylene adipamide); Dacron, poly(ethylene terephthalate); an Lucite or 
Plexiglas, poly(methyl methacrylate). 

The development of polymer chemistry began in the 1920s. Chemists were making 
great progress in clarifying the chemical structures of various substances, but they were 
generally puzzled by the behavior of certain materials, including wood, gelatin, cotton, 
and rubber. For example, when rubber, with the known empirical formula of CsHs, 
was dissolved in an organic solvent, the solution displayed several unusual properties— 
high viscosity, low osmotic pressure, and negligible depression in the freezing point of 
the solvent. 

These observations strongly suggested the presence of very high molar mass sol- 
utes, but chemists were not ready at that time to accept the idea that such giant mole- 
cules could exist. Instead, they postulated that materials such as rubber consist of 
aggregates of small molecular units, like CsHg or CjoHj6, held together by intermolec- 
ular forces. This misconception persisted for a number of years, until Hermann 
Staudinger? clearly showed that these so-called aggregates are, in fact, enormously 
large molecules, each of which contains many thousands of atoms held together by 
covalent bonds. 

Once the properties of these macromolecules were understood, the way was ope? 
for manufacturing polymers, which play such an important role in almost every aspect 
of our daily lives. About 90 percent of today’s chemists, including biochemists, work 
with polymers. 


+Hermann Staudinger (1881-1963). German chemist. One of the pioneers in polymer chemistry, Staudinger 
was awarded the Nobel Prize in chemistry in 1953. 
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94.2 © thetic Organic Polymers 
Becaus: their size, polymers may seem inexplicably complex. We might expect 
molecu yntaining thousands of carbon and hydrogen atoms to form an enormous 
numbe! ‘ructural and geometric isomers (if C=C bonds are present). However, 
these mc ecules all contain rather simple repeating units, called monomers, which 
severe! rict the number of isomers that can exist. Synthetic polymers are made by 
joining »mers together, one at a time. A great deal is known about the mechanism 
of poly ation. We discuss two important types of polymerization reaction here: 
additio tions and condensation reactions. 
Addit Reactions 
In an a yn reaction the polymerization process is initiated by a radical, a cation, or 
an an ‘et us consider the synthesis of polyethylene from its monomer ethylene. 
This reaction is usually carried out at high pressure (1000 to 3000 atm) and high 
temperature (100° to 250°C) with an initiator such as benzoyl peroxide. First, benzoyl 
peroxic: Jecomposes to yield the benzoyloxy radical (denoted by R-): 

O oO O 1 

I A 

C,#.—C —O—O—C—C,.Hs —? €,H;—C—O? + C,H;-C—90- 
benzoyl peroxide benzoyloxy radical 


A benzoyloxy radical then attacks an ethylene molecule to generate a new radical: 


R: + CH,=CH, —> R—CH,—CHh° 


which further reacts with another ethylene molecule, and so on: 
R—CH,—CH,° + CH)>=CH, — R—CH,—CHy—CH2— CH 


Very quickly a long chain of CH2 groups is built. Eventually, this process is terminated 
by reactions such as the combination of two long-chain radicals to give the polymer 


called polyethylene: 


R-€CH;—CH4;CH2CH2* + RCH >—CH23nCH2CH2* 
Fe-¢CHyCHy},CHCH: CH: CHa ¢CHs— CHa 


nd convention for representing the re- 


where -¢CH,—CH is a convenient shortha! 
: sek: derstood to be very large, on the order 


peating unit in the polymer. The value of ” is un 
of hundreds. ) snaividual 
Polyethylene (Figure 24.1) is a very stable and quite inert substance. The individua 


chains pack together well and so account for the crystallike properties of the aiid 
Polyethylene is mainly used in making films in frozen food packaging and other prod- 
hylene called Tyvek® is used as an 


uct wrappings. A specially treated type of polyet 
insulating layer in houses. 
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He ph ne gh Uy yp H 
HH HH Hy Hy Hy Hy 


FIGURE 24.1 Structure of polyethylene. Each carbon atom is sp*-hybridized 


Polymers that are made from only one type of monomer, such as polyethylene, are 
called homopolymers. Other important homopolymers synthesized by the radical 
mechanism are Teflon®, polytetrafluoroethylene (Figure 24.2): 


+CF,— CF,3- 
and poly(vinyl chloride): 
—(CH;— CH}- | 
ui 


Table 24.1 lists a number of monomers and their synthetic polymers prepared by the 
addition reaction. 


The chemistry becomes more complex if the Starting units are asymmetric; for 
example, 
H,C 
ee | 
C=C 

wi SS 

H H 
propylene 


FIGURE 24.2 A cooking uten- 
sil made of Silverstone® which 
contains polytetrafluoroethylene. 
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TABLE 24.1 Some Monomers and Their Common Synthetic Polymers 
oS « a a 


Monomer Polymer 
Formula Name Name and Formula Uses 
[ee <<< 
H,C =CH Ethylene Polyethylene Plastic piping, bottles, 
—+CH,— CHjr electrical insulation, 
. a toys 
H 
| Propylene Polypropylene Packaging film, carpets, 
H.C ( —(CH—CH,—CH—CH jr crates for soft-drink 
. | | ran ‘A bottles, lab wares, 
CH; CH, CH, toys 
H 
| 
H,C = ¢ Vinyl chloride Poly(vinyl chloride) (PVC) Piping, siding, gutters, 
| +(CH,— CH}; floor tile, clothing, 
Cl | toys 
cl 
H 
| 
H.cC=C Acrylonitrile Polyacrylonitrile (PAN) Carpets, knitwear 
—+(CH,— CH} 
CN | 
CN 
F,C=CF, Tetrafluoroethylene Polytetrafluoroethylene Cooking utensils, electrical 
(Teflon®) insulation, bearings 
=C F,—CF ahr 
H 
H.C = b S Polystyrene Containers, thermal 
: HyTene —+{CH,— CH} insulation (ice 
2 buckets, water coolers), 
toys 
H H 


H,C=C—C=CH, Butadiene 


Polybutadiene Tire tread, coating resin 


—{CH,CH=CHCH jr 


Stryrene-butadiene rubber Synthetic rubber 


(SBR) 
—(CH—CH,—CH;—CH = CH— CH}, 


See above structures Butadiene and stryrene 


a 
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FIGURE 24.3  Stereoisomers of polymers. When the R group is —CH;, the polymer is poly- 
propylene. (a) When the R groups are all on one side of the chain, the polymer ‘ d to be 
isotactic. (b) When R groups alternate from side to side, the polymer is said to be syi\iotactic. 
(c) When R groups are disposed at random, the polymer is atactic. 


Several structurally different polymers can result from an addition reaction of asym- 
metric propylenes. If the additions occur randomly, we obtain the «tactic 
polypropylenes, which do not pack together well (Figure 24.3). The result is « rubbery, 
amorphous polymer of relatively low strength. Two other possibilities yield isotactic 
and syndiotactic polypropylenes, also shown in Figure 24.3. Of these, the former has a 
higher melting point and greater crystallinity and is endowed with superior mechanical 
properties. 

One of the major problems that the polymer industry faced was how to selectively 
synthesize either the isotactic or syndiotactic polymer without having it contaminated 
by other products. The answer was provided by the work of Giulio Natta’ and Karl 
Ziegler, who demonstrated that the product with the desired structure can be obtained 
by using certain “‘stereo catalysts’ such as triethylaluminum, Al(CHs)3, and titanium 
trichloride, TiCl;, which promote the formation only of specific isomers. Their work 
opened up almost limitless possibilities for chemists to design and synthesize polymers 
to suit any purpose. 

Rubber is the only true hydrocarbon polymer found in nature; it is probably the best 
known organic polymer. It is formed by the radical addition of the monomer isoprene: 


CH, 


CH,=C—CH=CH, 


——— ee Eee 
+Giulio Natta (1903-1979). Italian chemist. Natta received the Nobel Prize in chemistry in 1963 for discov- 
ering stereospecific catalysts for polymer synthesis. 


Karl Ziegler (1898-1976). German chemist. Ziegler shared the Nobel Prize in chemistry in 1963 with Natta 
for his work in polymer synthesis. 
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Actua’. polymerization can result in either poly-cis-isoprene or poly-trans-isoprene, 
or a i we of both, depending on reaction conditions: 
CH H CH, H 
Sh’ Ss 
c= c=C 
fe \ de SS 
cH, CH; CH, CH; 
n n 
poly-cis-isoprene poly-trans-isoprene 
Note in the cis isomer the two CH> groups are on the same side of the C=C bond, 
wheres the same groups are across from each other in the trans isomer. Natural rubber 
is poly fy-isoprene, which is extracted from the tree Hevea brasiliensis. An unusual 
and ve’ useful property of rubber is its elasticity. For example, rubber can be ex- 


tended »p to 10 times its length and return to its original size. In contrast, a piece of 
copper vire can be stretched only a small percentage of its length and still return to its 
ginal size. Unstretched rubber has no regular X-ray diffraction pattern and is there- 

e amorphous. Stretched rubber, however, possesses a fair amount of crystallinity 
and orcer, 

The elastic property of rubber is due to the flexibility of the long-chain molecules. 
In the bulk state, however, rubber is a tangle of polymeric chains; and if the external 
force is strong enough, individual chains slip past one another, thereby causing the 
rubber to lose most of its elasticity. In 1839, Charles Goodyear? discovered that natu- 
ral rubber could be crosslinked with sulfur (using zinc oxide as the catalyst) to prevent 
chain slippage (Figure 24.4). His process is known as vulcanization. This discovery 
paved ‘he way for many practical and commercial uses of rubber, such as in automo- 
bile tires. 

During World War II a shortage of natural rubber in the United States prompted an 
intensive program to produce synthetic rubber. Most synthetic rubbers (called elasto- 
mers) are formed from products of the petroleum industry such as ethylene, propylene, FIGURE 24.4 Rubber mole- 
and butadiene. For example, chloroprene molecules polymerize readily to form poly- cules ordinarily are bent and 
chloroprene, commonly known as neoprene, which has properties that are comparable convoluted. (a) and (b) represent 
or even superior to those of natural rubber: the long chains before and after 
vulcanization, respectively; (c) 
shows the alignment of molecules 


; Sa an when stretched. Without vulcani- 
ce amestti air Vie er aS zation these molecules would slip 
cl CHz _ past one another. 
polychloroprene 


chloroprene 


Another important synthetic rubber is formed by the addition of butadiene to styrene 


molecules in a 3-to-1 ratio 


CH,=CH — CH=CH, (C)-cr=eu 


butadiene Syren 


#Charles Goodyear (1800-1860). American chemist. Goodyear was the first person © realize the potential 


of natural rubber. His vulcanization process made rubber usable in countless ways and opened the way for 
the development of the automobile industry. 
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FIGURE 24.5 The formation 
of nylon by the condensation re- 
action between hexamethylene- 
diamine and adipic acid. 
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to give the styrene—butadiene rubber (SBR): 
+-CH — CH,— CH,— CH = CH — CH}; 


Because two different types of monomer are needed to synthesize SBR, this process is 
an example of copolymerization. Copolymerization is the formation of « polymer 
containing two or more different monomers. 


Condensation Reactions 


The monomers used in a condensation reaction are bifunctional; that is, they have a 
chemically reactive group on each end of their molecules. To link these monomers 
together it is necessary to remove a small molecule, usually water. 

One of the best-known polycondensation processes is the reaction between 
hexamethylenediamine and adipic acid, shown in Figure 24.5. The final product, 
called nylon 66, was first made by Wallace Carotherst at Du Pont in 1931. ( The word 
nylon was coined for synthetic polyamides. The nylons are described by a numbering 
system that indicates the number of carbon atoms in the monomer units. As there are 
six carbon atoms each in hexamethylenediamine and adipic acid, it was logical to name 
the product nylon 66.) The versatility of nylons is so great that the annual production of 
nylons and related substances now amounts to several billion pounds. Figure 24.6 
shows how nylon 66 is prepared in the laboratory. 


H,N—(CH2)s —-NH2 + HOOC—(CH2),—- COOH 


Hexamethylenediamine Adipic acid 
{ comenton 


10) 


|| 
H)N—(CH), —N—C —(CH),—COOH + HO 


H 


Further condensation 
reactions 


+) fe) 
| 


CcC— 


— (CH»)4—C— N—(CHp)s —-N—-C—(CH)), —(CH2)s— 


N 
I h 


+Wallace H. Carothers (1896-1937). American chemist. Besides its enormous commercial success, 
Carothers’ work on nylon is ranked with that of Staudinger in clearly elucidating macromolecular structure 
and properties. Depressed by the death of his sister and convinced that his life’s work was a failure, 
Carothers committed suicide at the age of 41. 
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FIGURE 24.6 The nylon rope 
trick. Adding a solution of adi- 
poyl chloride (an adipic acid 
derivative in which the —OH 
groups have been replaced by 
—ClI groups) in cyclohexane to 
anaqueous solution of hexamethyl- 
enediamine causes nylon to form 
at the interfacial layer. It can 
then be drawn off. 


Condensation reactions are also used to produce polymers such as Dacron (polyes- 


ter) 


oO 


0) (0) oO 
| ll I I 
HO—¢ C—OH + HOCH,CH,OH — —-C C—O—CH,CH,—0O 


+ nH,O0 


n 


and polyurethane 
fe) 


ll 
OCN {CH,}-NCO + HO—(CH,)-OH —* ced Bah Rae re 


and plastic bottles. Polyurethane is used in coat- 


Polyesters are used in fibers, films, 
cial heart and artificial 


ings, insulators, and adhesives. Figure 24.7 shows an artifi 
artery sections made of polyurethane supported on an aluminum base. 

In general polycondensation reactions are much slower than polyaddition reactions. 
The rate of a polyaddition reaction does not depend on molecular size. Instead, it is 
determined by the mobility of the ends of the growing molecule during the polymeriza- 


FIGURE 24.7 A Jarvik-7 arti- 
ficial heart similar to the ones 
implanted in the first artificial 
heart recipients. 


The first artificial heart (known 
as the Jarvik-7) implanted in a 
human (1982) was made of 
polyurethane. 
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We all know how useful a rubber band can be. But not 
everyone is aware that a rubber band has some very 
interesting thermodynamic properties based on_ its 
structure. 

You can easily perform the following experiments. 
Obtain a rubber band at least 0.5 cm wide. Quickly 
stretch the rubber band and then press it against your 
lips. You will feel a slight warming effect. You can 
also carry out the reverse process. First, stretch a rub- 
ber band and hold it in position for a few seconds. Then 
quickly release the tension and place the rubber band 
against your lips. This time you will feel a slight cool- 
ing effect. A thermodynamic analysis of these two ex- 
periments can tell us something about the molecular 
structure of rubber. 

From Equation (18.9) we write 


AG = AH — TAS (1) 
Rearrangement of Equation (1) gives 
AH = AG + TAS (2) 


The. warming effect (an exothermic process) due to 
stretching means that AH < 0 and since stretching is 


FIGURE 24.8 (a) A stretched piece of 
rubber band. (b) When heated, the rubber 
band contracts spontaneously. 


CHEMISTRY IN ACTION 


THE THERMODYNAMICS OF A RUBBER BAND 
Ee  ___.___ eee 


nonspontaneous (that is, AG > 0), TAS must | nega- 
tive and greater in magnitude than AG. Since ‘, the 
absolute temperature, is always positive, we conclude 
that AS must be negative. This conclusion is consistent 
with the fact that rubber in its natural state » more 
disordered than when it is under tension (sec !igure 
24.4). 

When the tension is removed, the stretche: rubber 
band spontaneously snaps back to its origina shape; 
that is, AG is negative. But the entropy of the rubber 
band increases in this case so that TAS is positive. Be- 
cause the magnitude of TAS is greater than AG, AH is 
positive, and we have an endothermic process. which 
explains the cooling effect. 

Another way to study the thermodynamic p:verties 
of a rubber band is as follows. Figure 24.8(a) siows a 
weight attached to a rubber band. When the “ubber 
band is warmed by a hairdryer, it contracts | “igure 
24.8(b)]! Since heat is absorbed by the rubber band, 
AH is positive, and the contraction means tha: AS is 
also positive. Here the magnitude of TAS is greater 


than AH so that AG is a negative quantity [see Equation 
(1)]. Thus, the contraction process is spontancous. 


(b) 


24.3 PROTEINS 


tion p! s. Because the concentration of reactants decreases as the reaction proceeds, 
it is es al to remove the water produced as a result of the condensation in order to 
drive eaction to completion. 

24.3 Proteins 

Havir cussed the synthetic organic polymers and natural rubber, we are now ready 
to loo ome of the important natural polymers in living systems. In this section we 
study ‘ructure and properties of proteins and then go on to discuss the properties of 
nuclei ds in Section 24.4. 

Pri play a key role in nearly all biological processes. As we saw in Chapter 13, 
enzym . ‘he catalysts of biochemical reactions, are proteins. Proteins facilitate a wide 
range her functions, such as transport and storage of vital substances, coordinated 
moti: echanical support, and protection against diseases. 

Th -ic structural units of proteins are amino acids. An amino acid is a compound 
that ccr/nins at least one amino group (—NHz) and at least one carboxyl group 
(—cC i): 

- 7” 
—N =e 
S S 
H O—H 
amino group carboxyl group 


The simplest amino acid is glycine 


oO 
By | y, 
N—C—C 
f | nS 
H 


which is usually written as NH,CH,COOH. Twenty different amino acids are the 
building blocks for the tens of thousands of different proteins in the human body (Table 
24.2). : 
Proteins have high molar masses, ranging from about 5000 g to 1 x 10° g. The 
mass composition of proteins by elements is remarkably constant: carbon, 50 to 55 
percent; hydrogen, 7 percent; oxygen, 23 percent, nitrogen, 16 percent; and sulfur, 1 
percent. 
Proteins can be divided into two classes: simple proteins and conjugated proteins. 
Simple proteins contain only amino acids. Conjugated proteins, on the other hand, 
may contain a prosthetic group in addition to the amino acids. (A prosthetic group ts 
part of the protein structure that is not made up of amino acid components; an example 
is the heme group in hemoglobin, discussed in Section 22513) Conjugated proteins may 
also be complexed with carbohydrates (to give glycoproteins), with nucleic acids (to 
give nucleoproteins), and with lipids (to give lipoproteins). In this section we concen- 


trate on the simple proteins. ; 
tein molecule is a condensation reaction 


The first step in the synthesis of a pro 
between two amino acids, as shown in Figure 24.9. The molecule formed from two 
NH— group is called the amide 


amino acids is called a dipeptide, and the —CO— 
group. 


H O—H 
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It is interesting to compare 
this reaction with that shown 
in Figure 24.5. 
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TABLE 24.2 The 20 Amino Acids Essential to Living Organisms 


Name 


Alanine 


Arginine 


Asparagine 


Aspartic acid 


Cysteine 


Glutamic acid 


Glutamine 


Glycine 


Histidine 


Isoleucine 


ee EEEEEEEEEEE NN el 


Abbreviation 


Ala 


Arg 


Asn 


Asp 


Cys 


Glu 


Gln 


Gly 


His 


Ile 


Structure 


H 
| 
H,C —C — COOH 


NH, 
H H 


| | 
H,N—C—N—CH;— CH;— CH;— C— COOH 
I | 
NH NH; 
fo) H 
I | 
H,N—C—CH;—C—COOH 
| 


Ne 
H 


| 
HOOC — CH;— C — COOH 
| 


NH, 
H 


HS — CH;— C— COOH 


NH, 
H 


| 
HOOC — CH;— CH;— C — COOH 
NH, 
(e) H 
I | 
H,N—C—CH;— CH;— C — COOH 


NH, 


Hem ss ea 
SN NH, 
Cc 
H 
CH, H 
| 
H,C — CH;—C€ —— C— COOH 


H NH, 


TABLE 24.2 The 20 Amino Acids Essental to Living Organisms (Continued) 


= 
Name Abbreviation Structure 
—- 
H,C ‘ 
ae 
Leucine Leu Pee me — COOH 
H.C | 
NH, 
H 
| 
Lysine Lys H,N— CH,— CH,— CH,— CH,— C — COOH 
| 
NH, 
H 
| 
Methionine Met Hes Saieead te pcg 
NH, 
H 
| 
Phenylalanine Phe fbi ima ee 
NH, 
H 
| 
Proline Pro HN C— COOH 
| | 
H,C CH, 
ScHy 
H 
| 
Serine Ser HO— CH,— ; — COOH 
NH; 
OH i 
| 
Threonine Thr H,¢=¢-—= { — COOH 
H NH, 
H 
| 
Tryptophan Trp Ow. i —CH fa — COOH 
CH NH) 
N~ 
H 
H 
| 
Tyrosine Tyr HO CH,— ‘ — COOH 
NH, 
H 
H,C 
Valine Val CH —C — COOH 
| 
H,C NH; 
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N-—¢—C——0—H 


HH 
H oH H Oo 
Lol ell 
N—Cc C—C—O—H +H,0 
ioe | 
HH H 


The planar 
amide group 


et 


FIGURE 24.9 Condensation reaction between two amino acid molecules (glycine. An amino 
acid contains at least one amino group (—NH>) and one carboxyl group (—COOH). The 
reaction joins the two molecules together, with the elimination of one water mo -cule. The 


resultant bond is called a peptide bond. 


Either end of the dipeptide can engage in a condensation reaction with anot»er amino 
acid to form a tripeptide, and so on. The final product, the protein molecule, is a 
polypeptide; it can also be thought of as a polymer of amino acids. 

An amino acid unit in a polypeptide chain is called a residue. Typically, « polypep- 
tide chain contains 100 or more amino acid residues. The sequence of amino acids in 
a polypeptide chain is written conventionally from left to right, starting with the amino- 
terminal residue and ending with the carboxyl-terminal residue. Let us consider a 
dipeptide formed from glycine and alanine. Figure 24.10 shows that alanylglycine and 
glycylalanine are different molecules. With 20 different amino acids to choose from, 


H 


HO 


al 
a a a 
CH, H 
Alanine Glycine 
H oO H oO H .6 H Oo 
| ll | il | lj | I 
i a i ale, i 5 or on 
cH oH H H HCH; 
Alanylglycine Glycylalanine 


FIGURE 24.10 | The formation of two dipeptides from two different amino acids. Alanylglycine 
is different from glycylalanine in that in alanylglycine the amino and methyl groups are bonded 
to the same carbon atom. 
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20°, »» 400, different dipeptides can be generated. Even for a very small protein such 


as iv lin, which contains only 50 amino acid residues, the number of chemically 
diffe ot structures that is possible is of the order of 20°° or 10°! This is an incredibly 
lare- -umber when you consider that the total number of atoms in our galaxy is about 


i). estimated that the human body contains about 100,000 different kinds of pro- 


tein» lecules, a large number by ordinary standards, but very small compared to 10°°. 
Wit) 9 many possibilities for protein synthesis, it is remarkable that generation after 
gene jon of cells can produce identical proteins for specific physiological functions. 

|. :aderstand the properties of a protein molecule, we must know its structure. That 
leads ©s to ask two questions: What is the amino acid sequence in the polypeptide 
cha’! What is the overall shape of the molecule? 

Uncer suitable conditions, proteins can be hydrolyzed to yield their amino acid 
com) nents. The type and number of amino acids present in the original protein can be 
det ved readily by a number of techniques. But the task of determining the se- 
ques. or order in which these amino acids are joined together is more involved. 
Ad s in instrumentation have resulted in an amino acid ‘‘sequenator’’ capable of 
cles, 2 amino acid residues from a polypeptide chain one at a time for analysis. 
Conc »uently, the sequence of amino acids in the polypeptide chain can be determined 
muc ‘re easily than when biochemistry was a young science. 

the amino acid sequence is known, we can move on to the question about the 
shaj the protein molecule. Is the polypeptide chain stretched out like a raw noodle, 
or is (folded in a particular pattern? In the 1930s Linus Pauling and his co-workers 
cond: ‘ed a systematic investigation of protein structure. First they studied the geome- 
try of the basic repeating group, that is, the amide group. Measurements showed that 


the amide group is basically planar; that is, the C, N, O, and H atoms all lie in the same 
plane. One way to account for the planarity is to apply the concept of resonance 
discussed in Chapter 8. Considering a single amide group, we can write the following 
resonance structures: a 
20% LO 
ll % | 
~0—=N— oe eh 


| | 

H H 
Because both resonance structures contribute significantly to the overall properties of 
the amide group, the carbon—nitrogen bond is actually something between a single 
bond and a double bond. Because it is more difficult (that is, it would take more 
energy) to twist a double bond than a single bond, the four atoms in the amide group 
become locked in the same plane (Figure 24.11). Figure 24.12 depicts the repeating 


amide group in a polypeptide chain. 


ating units of the amide group. The symbol 
individual amino acids. For glycine, R is 


FIGURE 24.12 A polypeptide chain. Note the repe 
R represents part of the structure characteristic of th 
simply an H atom. 
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FIGURE 24.41 The planar 
amide group in protein, Rotation 
about the C—N bond in the 
amide group is hindered. 
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FIGURE 24.13 The a-helical structure of a polypeptide chain. The yellow spheres are hydro- 
gen atoms. The structure is held in position by intramolecular hydrogen bonds, shown as dashed 
lines. 


Based on models and X-ray diffraction data, Pauling suggested that there are two 
common structures for protein molecules, called @ helix and B-pleated sheet. The 
a-helical structure of a polypeptide chain is shown in Figure 24.13. The helix is 
stabilized by intramolecular hydrogen bonds between the NH and CO groups of the 
main chain, giving rise to an overall rodlike shape. The CO group of each amino acid is 
hydrogen-bonded to the NH group of the amino acid that is four residues away in the 
sequence. In this manner all the main-chain CO and NH groups take part in hydrogen 
bonding. X-ray studies have shown that the structure of a number of proteins, includ- 
ing myoglobin and hemoglobin, is to a great extent a-helical in nature (Figure 24.14). 
Other proteins, such as the digestive enzyme chymotrypsin and the electron carrier 
cytochrome c, are almost devoid of a-helical structure. 

The B-pleated structure is markedly different from the @ helix in that it is like @ 
sheet rather than a rod. The polypeptide chain is almost fully extended, and each chain 
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MYOGLOBIN 


SIDE VIEW 


zi 


FIGURE 24.14 Front and side views of myoglobin. Each myoglobin molecule contains a heme 


group at whose center is an Fe atom (the black half-sphere in the left diagram). The Fe atom 
binds to an O» molecule or, in its absence, to a water molecule (denoted by a W). The a-helical 
structure in myoglobin is quite evident. Other letters denote regions of the helical structure. 


forms many intermolecular hydrogen bonds with adjacent chains. Figure 24.15 shows 
the two different types of B-pleated structures, called parallel and antiparallel. Silk 
molecules possess the B structure. Because its polypeptide chains are already in ex- 
tended form, silk lacks elasticity and extensibility, but it is quite strong due to the 
intermolecular hydrogen bonds. 

The structure of a protein is of great importance, for it is ultimately responsible for 
the protein’s activities: catalytic action, binding of oxygen and other molecules, and so 
on. Consider the enzyme chymotrypsin. Chymotrypsin belongs to a class of enzymes 
called digestive enzymes. Without these enzymes tt would take about 50 years to digest 
a meal. We owe our lives to their efficiency. If the polypeptide chain of chymotrypsin 
were to fold in a different way, the enzyme would not be able to catalyze the degrada- 
tion of food molecules. 

The work of Pauling’s group was a great triumph in protein chemistry. It showed for 
the first time how to predict a protein structure purely from a knowledge of the geome- 
try of its fundamental building blocks—amino acids. However, there are many pro- 
teins whose structures do not correspond to the a-helical or B structure. Chemists now 
realize that the three-dimensional structures of these biopolymers are maintained by 
Several types of intermolecular forces in addition to hydrogen bonding. These forces 
include van der Waals forces (see Chapter 10) and other intermolecular forces (Figure 
24, 16). The delicate balance of the various interactions can be appreciated by consider- 
ing an example: When glutamic acid, one of the amino acid residues in two of the four 
Polypeptide chains in hemoglobin, is replaced by valine, another amino acid, the 
Protein molecules aggregate to form insoluble polymers, causing the disease known as 
Sickle cell anemia (see the Chemistry in Action on p. 1 ). ow: 

It is customary to divide protein structure into four levels of organization. The 
Primary structure refers to the unique amino acid sequence of the polypeptide chain. 
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Antiparallel 


(b) 


FIGURE 24.15 Hydrogen bonds in (a) parallel B-pleated sheet structure, in which all the polypeptide chains run in the same 
direction; and in (b) antiparallel B-pleated sheet, in which adjacent polypeptide chains run in opposite directions. 


The secondary structure refers to those parts of the polypeptide chain that are stabilized 
by a regular pattern of hydrogen bonds involving the CO and NH groups of the back- 
bone, for example, the a helix. The term tertiary structure applies to the three-dimen- 
sional structure stabilized by dispersion forces, hydrogen bonding, and other intermo- 
lecular forces. It differs from secondary structure in that the amino acids taking part in 
these interactions may be far apart in the linear sequence. 

A protein molecule may be made up of more than one polypeptide chain. Thus, in 
addition to the various interactions within a chain that give rise to the secondary and 
tertiary structures, we must also consider the interaction between chains. The overall 
arrangement of the polypeptide chains is called the quaternary structure. For example, 
the hemoglobin molecule consists of four separate polypeptide chains, or subunits. 
These subunits are held together by van der Waals forces and ionic forces. 

When we consider protein structure, we must not think of a protein as a rigid entity: 
Most proteins have a certain amount of flexibility. Enzymes, for example, are flexible 
enough to change their geometry to fit substrates of various sizes and shapes. Another 
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FIGURE 24.16 Intermolecular forces in a protein molecule: (a) ionic forces, (b) hydrogen 
bones. (c) dispersion forces, and (d) dipole-dipole forces. 


interesting example of protein flexibility is found in the binding of hemoglobin to 
oxygen. Each of the four polypeptide chains in hemoglobin contains a heme group that 
can bind to an oxygen molecule (see Section 22.7). In deoxyhemoglobin, the affinity 
of each of the heme groups for oxygen is about the same. However, as soon as one of 
the heme groups becomes oxygenated, the affinity of the other three hemes for oxygen 
is greatly enhanced, and so on. This phenomenon, called cooperativity, makes hemo- 
globin a particularly suitable substance for the uptake of oxygen in the lungs. By the 
same token, once a fully oxygenated hemoglobin releases an oxygen molecule (to 
myoglobin in the tissues), the other three oxygen molecules will depart with increasing 
ease. The cooperative nature of the binding is such that information about the presence 
(or absence) of oxygen molecules is transmitted from one subunit to another along the 
polypeptide chains, a process made possible by the flexibility of the three-dimensional 
structure (Figure 24.17). It is believed that the Fe2* ion has too large a radius to fit into 


Histidine 


Porphyrin ring 


Oxygen molecule 


(b) 
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FIGURE 24.17 The structural 
changes that occur when the 
heme group in hemoglobin binds 
an oxygen molecule. (a) The 
heme group in deoxyhemoglobin. 
(b) Oxyhemoglobin. 


1000 


Rate 


Optimum 
temperature 


Temperature 


FIGURE 24.18 Dependence of 
the rate of an enzyme-catalyzed 
reaction on temperature. An en- 
zyme has an optimum tempera- 
ture at which it is most effective. 
Above this temperature its activ- 
ity drops off. 
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the porphyrin ring of deoxyhemoglobin. When O, binds to Fe?*, however, the ion 
shrinks somewhat so that it can fit into the plane of the ring. As the ion slips into the 
ring, it pulls the histidine residue toward the ring and thereby sets off a sequence of 
structural changes from one subunit to another. Although the details of the changes are 
not clear, biochemists believe that this is how the bonding of an oxygen molecule to 
one heme group affects another heme group. The structural changes drastically affect 
the affinity of the remaining heme groups for oxygen molecules. 

When proteins are heated above body temperature or when they are subjected to 
unusual acid or base conditions or treated with special reagents called denaturants, 
they lose some or all of their tertiary and secondary structure. Proteins in this state no 
longer exhibit normal biological activities and are said to be denatured proteins. 
Figure 24.18 shows the variation of rate with temperature for a typical enzyme-cata- 
lyzed reaction. Initially, the rate increases with increasing temperature, as we would 
expect. Beyond the optimum temperature, however, the enzyme begins to denature 
and the rate falls. If a protein is denatured under mild conditions, its original structure 
can often be regenerated by removal of the denaturant or by restoring the temperature 
to normal conditions. This process is called reversible denaturation. 

Research into the ways in which a polypeptide chain folds and unfolds has provided 
chemists with much valuable information about protein structure and function. Based 
on their work with proteins, biochemists now know that the activity of a protein 
molecule depends not only on its primary structure but also on the secondary, tertiary, 
and quaternary structures. 


SICKLE CELL ANEMIA: A MOLECULAR DISEASE 


CHEMISTRY IN ACTION 


Sickle cell anemia is caused by a hereditary defect in 
hemoglobin, the oxygen-carrying protein in red blood 
cells. The hemoglobin molecule is large (molar mass 
about 65,000 g). In normal human hemoglobin, or 
HbA, there are two @ chains consisting of 141 amino 
acids each and two B chains consisting of 146 amino 
acids each (Figure 24.19). These four polypeptide 
chains, or subunits, are held together by ionic and van 
der Waals forces. 

The functions of a protein depend on its three- 
dimensional structure, which, in turn, depends on the 
various amino acids that make up the polypeptide 
chain. When a polypeptide chain folds, amino acids 
that were originally far apart along the chain may be 
brought into proximity with one another. The final 
overall shape of the protein molecule must be influ- 
enced by the organization of these amino acids relative 


to one another and, hence, by the makeup of the chain. 

There are many mutant hemoglobin molecules— 
molecules with an amino acid sequence that differs 
somewhat from the sequence in HbA. Most of the mu- 
tant hemoglobins are harmless, but a few are known to 
Cause serious diseases. Sickle cell hemoglobin, oF 
HbS, belongs to the latter category. 

HbS differs from HbA in only one very small detail. 
A valine molecule replaces a glutamic acid molecule on 
each of the two B chains: 


H H 
| H CL | 
HOOC— CH,—CH,—C— cooH CH—C— COOH 


NH, H,C 


glutamic acid 


NH, 


valine 


CHEMISTRY IN ACTION/SICKLE CELL ANEMIA 


FIGL 24.19 The overall structure of hemoglobin. Each 
hemo molecule contains two a chains and two B 
chain h of the four chains is similar to a myoglobin 
molec u structure, and each also contains a heme group 
for bin oxygen. In sickle cell hemoglobin, the defective 
regions (she valine groups) are located near the ends of the B 
chains indicated by the dots. 


Yet this small change (one amino acid out of 146) has a 
profound effect on the stability of HbS in solution. The 
valine groups are located at the bottom outside of the 
molecule to form a protruding ‘‘key’’ on each of the B 
chains. The nonpolar portion of valine 


H,C 
CH= 
Ve 
H,C 


can attract another nonpolar group in the a chain of an 
adjacent HbS molecule through dispersion forces. Bio- 
chemists often refer to this kind of attraction between 
nonpolar groups as hydrophobic (‘‘water-fearing’’) 
interaction. (Hydrophilic interaction occurs between 
water and other polar substances.) Gradually, enough 
HbS molecules will aggregate to form a “‘super- 
polymer.”’ 

A general rule about the solubility of a substance is 
that the larger its molecules, the lower its solubility, 
because the solvation process becomes unfavorable 


1001 


FIGURE 24.20 Electron micrograph showing a normal 
red blood cell and a sickled red blood cell from the same 
person. 


with increasing molecular surface area. For this reason, 
proteins generally are not very soluble in water. 

Eventually the aggregated HbS molecules precipi- 
tate out of solution. The precipitate causes normal disk- 
shaped red blood cells to assume a warped crescent or 
sickle shape (Figure 24.20). These deformed cells clog 
the narrow capillaries, thereby restricting blood flow to 
organs of the body. The usual symptoms of sickle cell 
anemia are swelling, severe pain, and other complica- 
tions. Sickle cell anemia has been termed a molecular 
disease by Linus Pauling, who did some of the early 
important chemical research on the nature of the afflic- 
tion, because the destructive action occurs at the mo- 
lecular level and the disease is, in effect, due to a mo- 
lecular defect. 

Some substances, such as urea and the cyanate ion, 


H,N—C—NH, o=C=N_ 
O 
urea cyanate ion 


can break up the hydrophobic interaction between HbsS 
molecules and have been applied with some success to 
reverse the ‘‘sickling’’ of red blood cells. Neverthe- 
less, despite intensive research efforts, no cure for 
sickle cell anemia is yet known. 
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24.4 Nucleic Acids 


Nucleic acids are high molar mass polymers that play an essential ™ n protein 
synthesis. There are two types of nucleic acid: deoxyribonucleic acids | NA) and 
ribonucleic acids (RNA). In this section we discuss their composition structure. 

DNA molecules are among the largest molecules known; they have mo!" masses of 
up to tens of billions of grams. On the other hand, RNA molecules vary gr ly in size, 
some having a molar mass of about 25,000 g. Compared to proteins, w! are made 
of up to 20 different amino acids, the composition of nucleic acids is © nsiderably 
simpler. A DNA or RNA molecule contains only four types of building >locks: pu- 
rines, pyrimidines, furanose sugars, and phosphate groups (Figure 24.2! ch purine 
or pyrimidine is called a base. 

Despite their comparatively simple composition, the structures o! leic acids 
were not known for many years. In the late 1940s, Erwin Chargaff} ied DNA 
molecules obtained from various sources and noticed the following regu! »s in base 
composition: 

1. The amount of adenine is equal to that of thymine; that is, A = 7 VT =1. 
2. The amount of cytosine is equal to that of guanine; that is, C = G C/G =1. 
3. The total number of purine bases is equal to the total number of pyri ne bases; 


that is, A+G=C+T. 


These observations are now known as Chargaff’s rules. Based on chem <a! analyses 
and information obtained from X-ray diffraction measurements, James \isont and 
Francis Crick§ formulated the double-helical structure for the DNA molecule in 1953. 
Watson and Crick determined that the DNA molecule is made up of two helical 
strands. The repeating unit in each strand is called a nucleotide, which consists of a 


base—deoxyribose—phosphate linkage (Figure 24.22). 

The key to the double-helical structure is the formation of hydrogen bonds between 
bases in the two strands. Although hydrogen bonds can form between any two bases, 
called base pairs, Watson and Crick found that the most favorable couplings are be- 
tween adenine and thymine and between cytosine and guanine (Figure 24.23). Note 
that this scheme is consistent with Chargaff’s rules, because every purine base is 
hydrogen-bonded to a pyrimidine base, and vice versa (A + G=C+T). Other at- 
tractive forces such as dipole-dipole and van der Waals forces between the base pairs 
also help to stabilize the double helix. 

The structure of RNA differs from that of DNA in several respects. First, as shown 
in Figure 24.21, the four bases found in RNA molecules are adenine, cytosine, gua- 
nine, and uracil. Second, RNA contains the sugar ribose rather than the 2-deoxyribose 


a See re A wn) 

Erwin Chargaff(190S— __). American biochemist. Chargaff wa: i iological 
i ies 3 . s the fi t biologica 

species contain different DNA molecules. ee ae 7 


Hames Dewey Watson (1928- _). American biologist. Watson shared the 1962 Nobel Prize in medicine 
and physiology with Crick and Wilkins for their work on the DNA structure, which is considered by many t0 
be the most significant development in biology of the twentieth century. 


§Francis Harry Compton Crick (1916- ). British biologist. Crick started as a physicist but became 
interested in biology after reading the book What Is Life? by Erwin Schrodinger (see Chapter 6). In addition 
to elucidating the structure of DNA, for which he was a corecipient of the Nobel Prize in medicine and 
physiology in 1962, Crick has made many significant contributions to molecular biology. 
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FIGURE 24.21 The components of the nucleic acids DNA and RNA. 
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24.4 Nucleic Acids 


Nucleic acids are high molar mass polymers that play an essential n protein 
synthesis. There are two types of nucleic acid: deoxyribonucleic acid: NA) and 
ribonucleic acids (RNA). In this section we discuss their composition structure. 

DNA molecules are among the largest molecules known; they have molar masses of 
up to tens of billions of grams. On the other hand, RNA molecules vary gre ‘ly in size, 
some having a molar mass of about 25,000 g. Compared to proteins, w! are made 
of up to 20 different amino acids, the composition of nucleic acids is sonsiderably 
simpler. A DNA or RNA molecule contains only four types of building »locks: pu- 
rines, pyrimidines, furanose sugars, and phosphate groups (Figure 24.21 ch purine 
or pyrimidine is called a base. 

Despite their comparatively simple composition, the structures o! eic acids 
were not known for many years. In the late 1940s, Erwin Chargaff’ ied DNA 
molecules obtained from various sources and noticed the following reguls’ ies in base 
composition: 

1. The amount of adenine is equal to that of thymine; that is, A = | A/T =1. 
2. The amount of cytosine is equal to that of guanine; that is, C = G C/G =1. 
3. The total number of purine bases is equal to the total number of py: ne bases; 


that is, A+ G=C+T. 


These observations are now known as Chargaff’s rules. Based on cher cal analyses 
and information obtained from X-ray diffraction measurements, James + * isont and 
Francis Crick§ formulated the double-helical structure for the DNA molecule in 1953. 
Watson and Crick determined that the DNA molecule is made up of ‘wo helical 
strands. The repeating unit in each strand is called a nucleotide, which consists of a 
base—deoxyribose—phosphate linkage (Figure 24.22). 

The key to the double-helical structure is the formation of hydrogen bonds between 
bases in the two strands. Although hydrogen bonds can form between any two bases, 
called base pairs, Watson and Crick found that the most favorable couplings are be- 
tween adenine and thymine and between cytosine and guanine (Figure 24.23). Note 
that this scheme is consistent with Chargaff’s rules, because every purine base is 
hydrogen-bonded to a pyrimidine base, and vice versa (A + G = C + T). Other at- 
tractive forces such as dipole-dipole and van der Waals forces between the base pairs 
also help to stabilize the double helix. 

The structure of RNA differs from that of DNA in several respects. First, as shown 
in Figure 24.21, the four bases found in RNA molecules are adenine, cytosine, gua 
nine, and uracil. Second, RNA contains the sugar ribose rather than the 2-deoxyribose 


Erwin Chargaff(1905— _). American biochemist. Chargaff was the first to show that different biological 
species contain different DNA molecules. 


+James Dewey Watson ( 1928- : ). American biologist. Watson shared the 1962 Nobel Prize in medicine 
and physiology with Crick and Wilkins for their work on the DNA structure, which is considered by many to 
be the most significant development in biology of the twentieth century. 


§Francis Harry Compton Crick (1916— ). British biologist. Crick started as a physicist but became 
interested in biology after reading the book What Is Life? by Erwin Schrodinger (see Chapter 6). In addition 
to elucidating the structure of DNA, for which he was a corecipient of the Nobel Prize in medicine and 
physiology in 1962, Crick has made many significant contributions to molecular biology. 
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| 


FIGURE 24.23 (a) Base pair formation by adenine and thymine and by cytosine and guanine. (b) The double-helical strand of a 
DNA molecule held together by hydrogen bonds (and other intermolecular forces) between base pairs A-T and C-G. 


of DNA. Third, chemical analysis shows that the composition of RNA does not obey 
Chargaff’s rules. In other words, the purine-to-pyrimidine ratio is not equal to | as in 
the case of DNA. This and other evidence rule out a double-helical structure. In fact, 
the RNA molecule exists as a single-strand polynucleotide. There are actually three 
types of RNA molecules, called messenger RNA (mRNA), ribosomal RNA (rRNA), 
and transfer RNA (tRNA). These RNAs have similar nucleotides but differ from one 
another in molar mass, overall structure, and biological functions. 

DNA and RNA molecules play a key role in the synthesis of proteins in the cell, a 
subject that is beyond the scope of this book. Interested students should consult intro- 
ductory texts in biochemistry and molecular biology. 


SUMMARY 


1. Polymers are large molecules made up of small, repeating units called monomers. 
2. Proteins, nucleic acids, cellulose, and rubber are natural polymers. Nylon, Dacron, 
and Lucite are examples of synthetic polymers. 
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EXERCISES 

3, Organic mers can be synthesized via addition reactions or condensation reac- 
tions. 

4. By varyi the structure of a polymer from atactic to isotactic to syndiotactic, a 
wide variety of properties can be imparted to the polymer. 

5. Synthetic ~wbbers include polychloroprene and styrene—butadiene rubber, which is 
made by ‘ie copolymerization of styrene and butadiene. 

6. Simple proteins contain only amino acids; conjugated proteins contain prosthetic 
groups such as the heme group in hemoglobin. All enzymes are proteins. 

7. Structur very closely related to the function and properties of proteins. Hydro- 
gen bonding and other intermolecular forces determine the structure of proteins to a 
great ex! 

8. The term, primary protein structure refers to the sequence of amino acids. The a 
helix is an example of what is referred to as secondary structure. We also speak of 
tertiary and quaternary structures, which determine the three-dimensional arrange- 
ment of proteins. 

9, Nucleoticcs are the building blocks of DNA and RNA. The DNA nucleotides each 
contain » purine or pyrimidine base, a deoxyribose molecule, and a phosphate 
group. the nucleotides of RNA are similar but contain different bases and ribose 
instead ©, deoxyribose. 


KEY WO2DS 


Conjugated protein, p. 991 
Copolymerization, p. 988 
Denatured protein, p. 1000 
Homopolymer, p. 984 


EXERCISES 
SYNTHETIC ORGANIC POLYMERS 
REVIEW QUESTIONS 


24.1 
24.2 


24,3 


Define the following terms: copolymerization, homo- 
polymer, monomer, polymer. 

Name 10 objects that are either totally or partly made of 
synthetic organic polymers. 

Calculate the molar mass of a particular polyethylene 
sample, CH;—CH4z, where n = 4600. 

Describe the two major mechanisms in organic polymer 
synthesis. 

What are Natta—Ziegler catalysts? What are their roles 
in polymer synthesis? 

In Chapter 11 you learned about the colligative proper 
ties of solutions. Which of the colligative properties is 
suitable for determining the molar mass of a polymer? 
Why? 


Hydrophilic, p. 1001 
Hydrophobic, p- 1001 
Monomer, p. 983 
Nucleotide, p. 1002 


Polymer, p. 982 
Prosthetic group, p. 991 
Simple protein, p. 991 


PROBLEMS 


24.7 


24.8 


24.9 


nw(C)-™ 


Teflon® is formed by radical addition reaction involving 
the monomer tetrafluoroethylene. Show the mechanism 


for this reaction. 

Vinyl chloride, H,C=CHCI, undergoes copolymeriza- 
tion with 1,1-dichloroethylene, H,C=CCh, to form a 
polymer commercially known as Saran. Draw the struc- 
ture of the polymer, showing the repeating monomer 
units. 

Kevlar is formed by the copolymerization between the 
following two monomers: 


fe) 0) 
LC) 
HO—C C—OH 


Sketch a portion of the polymer chain showing several 
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monomer units. Write an overall equation for the con- 
densation reaction. 

24.10 Describe the formation of polystyrene. 

24.11 Deduce plausible monomers for polymers with the fol- 
lowing repeating units: 


(a) —tCH,— CF}, 


(c) -CH,— CH =CH— CH,; 
(d) --CO-¢ CH, NH 


24.12 Nylon can be destroyed easily by strong acids. Explain 
the chemical basis for the destruction. 


PROTEINS 
REVIEW QUESTIONS 


24.13 Define the following terms: simple protein, conjugated 
protein, prosthetic group, denatured protein. 

24.14 Discuss the characteristics of an amide group and its 
importance in protein structure. 

24.15 In what respect does a nylon resemble a polypeptide? 

24.16 Briefly describe the following terms used in the study of 
protein structure: primary structure, secondary struc- 
ture, tertiary structure, quaternary structure. 

24.17 What is the a-helical structure in proteins? 

24.18 Describe the B-pleated structure present in some pro- 
teins. 

24.19 Discuss some of the main functions of proteins in living 
systems. 

24.20 List the similarities of myoglobin and hemoglobin, and 
describe their differences. 

24.21 Why is sickle cell anemia sometimes called a molecular 
disease? 

24.22 Briefly explain the phenomenon of cooperativity exhib- 
ited by the hemoglobin molecule in binding oxygen. 


PROBLEMS 


24.23 Chemical analysis shows that hemoglobin contains 0.34 
percent of Fe by mass. What is the minimum possible 
molar mass of hemoglobin? The actual molar mass of 
hemoglobin is four times this minimum value. What 
conclusion can you draw from these data? 

24.24 Draw structures of the dipeptides that can be formed 
from the following pairs of amino acids: (a) glycine and 
alanine, (b) glycine and lysine (see Table 24.2 for struc- 
tures of amino acids). 

24.25 Draw structures of all the tripeptides that can possibly 
be formed from one molecule of each of the following 
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three amino acids: glycine, serine, and phesy!alanine. 
24.26 The amino acid glycine can be condensec \o form a 
polymer called polyglycine. Draw the struc’\\re of this 


polymer. 


24.27 How many different tripeptides can be formec by lysine 
and alanine? 

24.28 When a nonapeptide (containing nine ami cid resi- 
dues) isolated from rat brains was hydrolyz:”, it gave 
the following smaller peptides as identifiab! products: 

Gly-Ala-Phe Phe-Glu-His 

Ala-Leu-Val —_ His-Gly-Ala-Leu 

Gly-Ala-Leu 
Reconstruct the amino acid sequence in th» nonapep- 
tide, giving your reasons. (Remember the convention 
used in writing peptides.) 

24.29 The folding of a polypeptide chain depends only on 
its amino acid sequence but also on the 1 e of the 
solvent. Discuss the types of interactions ‘at might 
occur between water molecules and the amino acid resi- 
dues of the polypeptide chain. Which gr (hydro- 
philic or hydrophobic) would be exposed or exterior 
of the protein in contact with water and wc groups 
would be buried in the interior of the proi> ~? 

24.30 The following are data obtained on the rate of product 


formation of an enzyme-catalyzed reaction 


Rate of Procict 


Temperature (°C) Formation (M/s) 


10 0.0025 
20 0.0048 
30 0.0090 
35 0.0086 
45 0.0012 


Comment on the dependence of rate on temperature. 
(No calculations are required.) 

24.31 Referring to Figure 24.17, explain why the radius of the 
Fe?* jon is smaller when it is complexed with molecular 
oxygen. (Hint: Remember that iron in deoxyhemoglo- 
bin is in the high-spin state; in oxyhemoglobin it is in 
the low-spin state.) 


NUCLEIC ACIDS 
REVIEW QUESTIONS 


24.32 Describe the structure of a nucleotide. 

24.33 What is the difference between ribose and deoxyribose? 

24.34 What are Chargaff’s rules? 

24.35 Draw structures of the nucleotides containing the fol- 
lowing components: (a) deoxyribose and cytosine, (b) 
deoxyribose and thymine, (c) ribose and uracil, and (d) 
ribose and cytosine. 


MIS(¢ 


24.36 


\NEOUS PROBLEMS 


uss the importance of hydrogen bonding in biologi- 
systems. Use proteins and nucleic acids as exam- 
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24.37 Proteins vary widely in structure, whereas nucleic acids 
have rather uniform structures. How do you account for 


this major difference? 
24.38 If untreated, fevers of 104°F or higher may lead to brain 


damage. Why? 


» Nuclear Chemistry 


A photograph of the sun taken by NASA's Skylab shows a flare of gas erupting from the sun's surface. As a result of nuclear fusion, the 


temperature in the interior of the sun is about 15 million°C. 


ISOTOPES BY LASER 


25.1 THE NATURE OF NUCLEAR CHEMISTRY IN ACTION / NATURE’S OWN 
REACTIONS FISSION REACTOR 
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on Radioactive Decay Structural Determination / Study of 
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1009 


1010 25 / NUCLEAR CHEMISTRY 


E 
(i uclear chemistry is the study of reactions involving changes in atomic nuclei. Th 

branch of chemistry began with the discovery of natural radioactivity by Becque: 

and grew as a result of subsequent investigations by Pierre and Marie Curie and any 
others. 

Nuclear chemistry is very much in the news today. In addition to applications in the © an- 
ufacture of atomic bombs, hydrogen bombs, and neutron bombs, even the peaceful use 
nuclear energy has become controversial, as evidenced by the accidents at the Three \\ 
Island and Chernobyl nuclear plants. In this chapter we consider nuclear reactions, the ©‘a- 
bility of the atomic nucleus, radioactivity, and the effects of radiation on biological syst: os. 


25.1 The Nature of Nuclear Reactions 


With the exception of hydrogen, {H, all nuclei contain two kinds of fun. .mental 
particles, called protons and neutrons. Some nuclei are unstable; they emi\ articles 
and/or electromagnetic radiation spontaneously (see Section 2.2). This phenoenon is 
known as radioactivity. Nuclei can also undergo change as a result of bomb 1ent by 
neutrons, electrons, or other nuclei; nuclear changes that are induced in this way are 
known as nuclear transmutation. Both radioactive decay and nuclear trans) vutation 
are examples of nuclear reactions. As Table 25.1 shows, nuclear reactions d's er from 


ordinary chemical reactions in several important ways. 

Before we discuss specific nuclear reactions, let us see how to write and balance the 
equations. Writing an equation for a nuclear reaction is more involved than ¥ iting an 
equation for an ordinary chemical reaction. In addition to writing the syrbols for 
various chemical elements, we must also explicitly indicate protons, neutrons, and 
electrons. In fact, we must show the numbers of protons and neutrons present in every 
species in such an equation. 

The symbols for elementary particles are as follows: 


1 1 1 0 0 
ip or |H on -1eor-$B = .9e or 498 =~ 4He or 4a 
proton neutron electron positron @ particle 


In accordance with the notation used in Section 2.3, the superscript in each case 
denotes the mass number and the subscript is the atomic number. Thus, the ‘‘atomic 
number’’ of a proton is 1, because there is one proton present, and the ‘‘mass number”’ 
is also 1, because there is one proton but no neutrons present. On the other hand, the 
“‘mass number”’ of a neutron is 1, but its ‘‘atomic number’’ is zero, because there are 
no protons present. For the electron, the ‘‘mass number’? is zero (there are neither 
protons nor neutrons present), but the ‘‘atomic number’ is — 1, because the electron 
possesses a unit negative charge. 

The symbol _e represents an electron in or from an atomic orbital. The symbol _%B 
represents an electron that, although physically identical to any other electron, comes 
from a nucleus and not from an atomic orbital. 

The positron has the same mass as the electron, but bears a +1 charge. The @ 
particle has two protons and two neutrons, so its atomic number is 2 and its mass 
number is 4. 
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TABL” 25.1 Comparison of Chemical Reactions and Nuclear Reactions 


me .. eee 
Chemical Reactions Nuclear Reactions 

= SS SS 

1. At ire rearranged by the breaking 1. Elements (or isotopes of the same 

yrming of chemical bonds. elements) are converted from one to 
another. 

2. On ectrons in atomic orbitals are 2. Protons, neutrons, electrons, and other 

! ed in the breaking and forming elementary particles may be involved. 
nds. 

3. Re: \s are accompanied by absorption 3. Reactions are accompanied by absorption 
ise of relatively small amounts or release of tremendous amounts of 
gy. energy. 

4, Rat reaction are influenced by 4. Rates of reaction normally are not 
iture, pressure, concentration, affected by temperature, pressure, and 

italysts. catalysts. 

= Tee 

In ing any nuclear equation, we observe the following rules: 

@ {>> ‘otal number of protons and neutrons in the products and in the reactants 
be the same (conservation of mass number). 

@ | tal number of nuclear charges in the products and in the reactants must be 


ti me (conservation of atomic number). 


If the eto. sic numbers and mass numbers of all the species but one in a nuclear equation 
are knows, the unknown species can be identified by applying these rules, as shown in 
the following example, which illustrates balancing nuclear decay equations. 


EXAMPLE 25.1 

Balance the following nuclear equations (that is, identify the product X): 
(a) 73{Po —> 708Pb + X 

(b) '3Cs —+ '2Bat+ X 

(c) 7{Na —> 78Ne + X 


Answer 


(a) The mass number and atomic number are 212 and 84, respectively, on the left-hand 
side and 208 and 82, respectively, on the right-hand side. Thus, X must have a mass 
number of 4 and an atomic number of 2, which means that it is an a particle. The balanced 
€quation is 


2129 —> 4§Pb + 3He 


(b) In this case the mass number is the same on both sides of the equation, bat . oe 
Number of the product is 1 more than that of the reactant. The ony daa oul an 
come about is to have a neutron in the Cs nucleus transformed rie, igaly num: 

: 5 01 T A 
electron, that is, jn ——> 1p + —9B (note that this process does n We use the _9 notation here 


ber). Thus, the balanced equation is because the electron came 


from the nucleus. 
13s —> '33Ba + 18 
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To dramatize the almost 
incomprehensibly high density, 
it has been suggested that it is 
equivalent to packing the mass 
of all the world’s automobiles 
into one thimble. 


25 / NUCLEAR CHEMISTRY 


(c) As in (b), the mass number is the same on both sides of the equation, but th: atomic 
number of the product is smaller by | than that of the reactant. The only way ths change 
can come about is to have one of the protons in the Na nucleus transformed into ° scutron 
and a positron, that is, |p —> in + 9B (note that this process does not alter tise mass 
number). Thus, the balanced equation is 


{Na — 7oNe + +18 


Similar problem: 25.5. 


25.2 Nuclear Stability 


The nucleus occupies a very small portion of the total volume of an atom, but it 
contains most of the atom’s mass because both the protons and the neutrons reside 
there. In studying the stability of the atomic nucleus, it is helpful to know »mething 
about its density. As a sample calculation, let us assume that a nucleus has @ radius of 
5 x 10-3 pm and a mass of 1 x 10°”? g. These figures correspond roughly to a nu- 
cleus containing 30 protons and 30 neutrons. Density is mass/volume, and we can 
calculate the volume from the known radius (the volume of a sphere is $ar°, where r 
is the radius of the sphere). First we convert the pm units to cm. Then we cal. ulate the 
density in g/cm?: 


1x10 %m_ 100cm 


r=5x 10pm x x 5x 10-8 cm 
1 pm lm 
mass texalOnes x 107 
density = eg = set Goa 
volume $a? 4m(5 x 10713 cm)? 


= 2x 10" g/cm? 


This is an exceedingly high density. The highest density known for an element is only 
22.6 g/cm’, for osmium (Os). Thus the average atomic nucleus is roughly 9 * 10'? (or 
9 trillion) times more dense than the densest element known! 

The enormously high density of the nucleus prompts us to wonder what holds the 
particles together so tightly. From Coulomb’s law we know that like charges repel and 
unlike charges attract one another. We would thus expect the protons to repel one 
another strongly, particularly when we consider how close they must be to each other. 
This indeed is so. However, in addition to the repulsion, there are also short-range 
attractions between proton and proton, proton and neutron, and neutron and neutron. 
The study of these interactions is beyond the scope of this book. What you should 
understand is that the stability of any nucleus is determined by the difference between 
coulombic repulsion and this attraction. If the repulsion outweighs attraction, the nu- 
cleus disintegrates, emitting particles and/or radiation. This is the phenomenon of 
radioactivity we discussed in Chapter 2. If the attraction prevails, the nucleus will be 
stable. 

The principal factor for determining whether a nucleus is stable is the neutron-to- 
proton ratio (n:p). For stable atoms of elements of low atomic number, the n:P value 
is close to 1. As the atomic number increases, the neutron-to-proton ratios of the stable 
nuclei become greater than 1. This deviation at higher atomic numbers arises because 4 
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larger number of neutrons is needed to stabilize the nucleus by counteracting the strong 
repulsion among the protons. The following rules are useful in predicting nuclear 
stabil 

© Nuclei that contain 2, 8, 20, 50, 82, or 126 protons or neutrons are generally 


ore stable than nuclei that do not possess these numbers. For example, there are 

stable isotopes of tin (Sn) with the atomic number 50 and only two stable 

isotopes of antimony (Sb) with the atomic number 51. The numbers 2, 8, 20, 50, 

©) and 126 are called magic numbers. These numbers have a significance in 

clear stability similar to the numbers of electrons associated with the very 
le noble gases (that is, 2, 10, 18, 36, 54, and 86 electrons). 


© Nuclei with even numbers of both protons and neutrons are generally more stable 
han those with odd numbers of these particles (Table 25.2). 
© Aji isotopes of the elements starting with polonium (Po, Z = 84) are radioactive. 
sotopes of technetium (Tc, Z = 43) and promethium (Pm, Z = 61) are also 
radioactive. 

Figure 25.1 shows a plot of the number of neutrons versus the number of protons in 
various isotopes. The stable nuclei are located in an area of the graph known as the belt 
of stability. Most of the radioactive nuclei lie outside this belt. Above the stability belt, 
the nucic: have higher neutron-to-proton ratios than those within the belt (for the same 
number of protons). To lower this ratio (and hence move down toward the belt of 
stability). these nuclei undergo the following process, called B particle emission: 


in —> 1p + -18 
Beta particle emission leads to an increase in the number of protons and a simultaneous 
decrease in the number of neutrons. Some examples are 
uc —> 4N + -§8 
49K —»> $8Ca + -16 
zr —> {Nb + -1B 
Below the stability belt the nuclei have lower neutron-to-proton ratios than those in the 


belt (for the same number of protons). To increase this ratio (and hence move up 
toward the belt of stability), these nuclei either emit a positron 


0 
1p —> ont +B 


TABLE 25.2 Number of Stable Isotopes with Even and Odd Numbers of 


Protons and Neutrons 
Number of 
Stable Isotopes 


Protons Neutrons 
8 


Odd Odd 
Odd Even : ; 
Even Odd 157 


intent ew 
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Belt of stability 
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Neutrons/Protons = 1 


40 
Number of protons 


FIGURE 25.1 Plot of neutrons versus protons for various stable isotopes, represented by dots. 
The straight line represents the points at which the neutron-to-proton ratio equals 1. The shaded 
area represents the belt of stability. 
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or un ergo electron capture. An example of positron emission is 
3 
i9K —> igAr + 498 


Elect: ‘apture is the capture of an electron by the nucleus in an atom, usually a 1s 
elect his process has the same net effect as positron emission: 


Ar + 9c —> cl 


33Fe + % —~ 33Mn 


Nucle«" Binding Energy 


A qua ‘ive measure of nuclear stability is the nuclear binding energy, which is the 
energ sired to break up a nucleus into its component protons and neutrons. It was 
noticed + ‘he study of nuclear properties that the masses of nuclei are always less than 
the sui the masses of the nucleons. (The term “‘nucleon’’ refers to both protons 
and ne ns in a nucleus.) For example, the 13F isotope has an atomic mass of 
18.99% 1. The nucleus has 9 protons and 10 neutrons and therefore a total of 19 
nucleo: sing the known mass of the 1H atom (1.007838 amu) and the neutron 
(1.0080¢. amu), we can carry out the following analysis. The mass of 9 {H atoms (that 
is, the of 9 protons and 9 electrons) is 


9 X 1.007838 amu = 9.070542 amu 


and the s of 10 neutrons is 
10 X 1.008665 amu = 10.08665 amu 


Therefore, the atomic mass of a !2F atom calculated from the known numbers of 
electrons, protons, and neutrons is 


9.070542 amu + 10.08665 amu = 19.15719 amu 


which is larger than 18.9984 amu (the measured mass of 12R) by 0.1588 amu. This 
difference between the mass of the atom and the sum of the masses of its protons, 
neutrons, and electrons is called the mass defect. Where did the mass go? 

In the formation of the fluorine nucleus, a large quantity of energy is released. 
Einstein's relativity theory tells us that a loss of energy is always accompanied by an 
equivalent loss of mass. According to Einstein's mass—energy equivalence relation- 
ship (E = mc?, where E is energy, m is mass, and c is the velocity of light), we can 
calculate the energy released as follows. We start by writing 


AE = (Am)c? 
where AE and Am are defined as follows: 
AE = energy of product — energy of reactants 
Am = mass of product — mass of reactants 


Thus we have 


Am = 18.9984 amu — 19.15719 amu 
= —0.1588 amu 


1015 


We use _%e rather than _?B 
here because the electron 
came from an atomic orbital 
and not from the nucleus. 
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Because '§F has a mass that is less than the mass calculated from the sumber of 
electrons and nucleons present, Am is a negative quantity. Consequently, AF is alsoa 
negative quantity; that is, energy is released to the surroundings as a result of the 
formation of the fluorine-19 nucleus. So we calculate AE as follows: 


AE = (—0.1588 amu)(3.00 x 10° m/s)? 
= —1.43 x 10! amu m?/s? 


With the conversion factors 
1 kg = 6.022 x 107° amu 
1 J =1 kg m/s? 


we obtain 


ae 1.00 kg ) x ( lJ \ 


AE = (-1.43 sO 


s 6.022 x 107° amu 1 kg m7/s°/ 
= —2.37 x 1071!!J 
This is the energy released (note the negative sign, which indicates that this is an 
exothermic process) when one fluorine-19 nucleus is formed from 9 protons and 10 
neutrons. The nuclear binding energy of the nucleus has the value of 2.37 x 107!!J, 


which is the amount of energy needed to decompose the nucleus into separate protons 
and neutrons. In general, the larger the mass defect, the greater the nuclear binding 
energy and the more stable the nucleus. In the formation of 1 mole of fluorine nuclei, 
for instance, the energy released is 


AE = (—2.37 X 10™"' J)(6.022 x 1073/mol) 
= —1.43 x 10" J/mol 
= —1.43 x 10 kJ/mol 


The nuclear binding energy, therefore, is 1.43 x 10!° kJ for 1 mole of fluorine-19 
nuclei, which is a tremendously large quantity when we consider that the enthalpies of 
ordinary chemical reactions are of the order of only 200 kJ. The procedure we have 
followed can be used to calculate the nuclear binding energy of any nucleus. 

As we have noted, nuclear binding energy is an indication of the stability of a 
nucleus. However, in comparing the stability of any two nuclei we must account for 
the fact that they have different numbers of nucleons. For this reason it is more mean- 
ingful to use the nuclear binding energy per nucleon, defined as 


nuclear bindi 
nuclear binding energy per nucleon = rs i leet 


number of nucleons 


For the fluorine-19 nucleus, 


2.37 x 107" J 
19 nucleons 
= 1.25 x 107"? J/nucleon 


nuclear binding energy per nucleon = 


In this manner we can compare the stability of all nuclei on a common basis. Figure 
25.2 shows the variation of nuclear binding energy per nucleon plotted against mass 
number. As you can see, the curve rises rather steeply; the highest binding energies pet 
nucleon belong to elements with intermediate mass numbers—between 40 and 100— 
and are greatest for elements in the iron, cobalt, and nickel region (the Group 8B 
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FIGURE 25.2 Plot of nuclear binding energy per nucleon versus mass number. 


elements) of the periodic table. This result shows that the net attractive forces among 
the particles (protons and neutrons) are greatest for the nuclei of these elements. 

Nuclear binding energy and nuclear binding energy per nucleon are calculated for 
an iodine nucleus in the following example. 


mies: ee, 


EXAMPLE 25.2 

The atomic mass of !33I is 126.9004 amu. Calculate the nuclear binding energy of this 
nucleus and the corresponding nuclear binding energy per nucleon. 

Answer 


the nucleus. The mass of 53 1H atoms is 


There are 53 protons and 74 neutrons in 


53 X 1.007838 amu = 53.41541 amu 


and the mass of 74 neutrons is 
74 X 1.008665 amu = 74.64121 amu 


Therefore, the predicted mass for !33I is 53.41541 + 74.64121 = 128.05662 amu, and 


the mass defect is 


Am = 126.9004 amu — 128.05662 amu 
= —1.1562 amu 


The energy released is 


AE = (Am)c? 
= (—1.1562 amu)(3.00 x 10° m/s)” 
= —1,04 x 10!7 amu m7/s” 
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amu m? 1.00 kg 1J 
= (—1.04 x 10"7 a) x (= _) "ol omeRery 


s 6.022 x 107° amu 1 kg m7) 
= -1.73 x 107'°J 
Thus the nuclear binding energy is 1.73 x 10~'° J. The nuclear binding energy »cr nu- 
cleon is obtained as follows: 
L713 10rd 


= 1.36 x 107? J/nucleon 
127 nucleons 


Similar problem: 25.23. 


25.3 Natural Radioactivity 


Nuclei outside the belt of stability, as well as nuclei with more than 83 pro tend to 
be unstable. Radioactivity is the spontaneous emission by unstable nuclei © particles 
or electromagnetic radiation, or both. The three main types of radiation ar articles 
(or doubly charged helium nuclei, He?*), 6 particles (or electrons), and y which 
are very-short-wavelength (0.1 nm to 1074 nm) electromagnetic waves, as «\scussed 
in Section 2.2. 

When a radioactive nucleus disintegrates, the products formed may also »« unstable 
and therefore will undergo further disintegration. This process is repeated uri: a stable 
product finally is formed. Starting with the original radioactive nucleus, the sequence 


of disintegration steps is called a decay series. Table 25.3 shows the decay series of 
naturally occurring uranium-238, which involves 16 steps. This decay scheme is 
known as the uranium decay series. 

It is important to be able to balance the nuclear reaction for each of the steps. For 
example, the first step is the decay of uranium-238 to thorium-234, with the emission 
of an a particle. Hence, the reaction is . 


*38U —> ?3$Th + $He 
The next step is represented by 
230Th —> 734Pa + _98 


and so on. In a discussion of radioactive decay steps, the beginning radioactive isotope 
is sometimes called the parent and the product, the daughter. 


Kinetics of Radioactive Decay 


All radioactive decays obey first-order kinetics. This means that the rate of radioactive 
decay at any time ¢ is given by 


rate of decay at time 1 = kN 
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TA! 25.3 The Uranium Decay Series 
= ap SS SES! 


U0 —a 
| 4.51 x 10°yr 


thea 
24.1 days 


2.47 x 105yr 


Vv 
20 Th —> a 


90 
| 8.0 x 10*yr 


74 Ra——>" 0 
1.60 x 10%yr 


vv 
Rn a 
| 3.82 days 


P< PO ert 


apne Mae min 


oa <—— “At *2 Pb —> B 


2s =e vA 26.8 min 


p<— Bi — a 


ar an 19.7 min 


a. <— 74} Po oh MT lisaees Die 
1.32 min 


1.6 x 107s 


*2 Pb —> B 
| 20.4 yr 


p<—*s) Bi —> @ 


Dios (5 xX 5.01 days 


0. <— 74 Po ath 2B 


138 days ase if 4.20 min 


* Pb 


1020 


We do not have to wait 4.51 x 
10° yr to make a half-life 
measurement of uranium-238. 
Its value can be calculated 
from the rate constant using 
Equation (13.5). 
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where k is the first-order rate constant and N is the number of radioactive nuclei present 


at time t. The half-life for such a reaction is given by [see Equation (13.5)| 


0.693 


In the following example we calculate the half-life of a radioactive isotope. 


— 
EXAMPLE 25.3 
Strontium-90 is a 6 emitter with a half-life of 28.8 years. How many years will it take for 
99.0 percent of a given sample of 38Sr released in an atmospheric test of an atomic bomb 
to disintegrate? 
Answer 
The first step is to calculate the first-order constant for the decay. From Equation (13.5) 
0.693 0.693 
k= —_ = ——_ = 2.41 X 10yr™| 
4 28.8 yr 
Next, we write [see Equation (13.3)] 
1 N 
k=—In— 
tN, 
where No and N, are the fractions of strontium-90 nuclei present at = 0 and ¢ = :. From 
the data given, No = 1.00 (100 percent) and N, = 1.00 — 0.99 = 0.0100; therefore 
\ 1.00 
Nie a TNS ee 
2.41 x 107*yr! 0.0100 
= 491 yr 
Similar problems: 25.26, 25.30. 


The half-lives (hence the rate constants) of radioactive decay vary greatly from 
nucleus to nucleus. For example, looking at Table 25.3, we find two extreme cases: 
*33U —> 733Th + $He =) = 4.51 x 10° yr 
74Po —> *8Pb+4$He 4 = 1.6 x 1074s 
The ratio of these two rate constants after conversion to the same time unit is about 
1 x 107", an enormously large number. Furthermore, the rate constants are unaffected 


by changes in environmental conditions such as temperature and pressure. These 
highly unusual features are not seen in ordinary chemical reactions (see Table 25.1). 


Dating Based on Radioactive Decay 


The half-lives of radioactive decay have been used as ‘‘atomic clocks’’ to determine 
the ages of certain objects. Some examples of dating by radioactive decay measure- 
ments will be described here. 


25.3 NATURAL RADIOACTIVITY 


Radiccarbon Dating. This technique is discussed on p. 546. Carbon-14 isotopes 
are produced when atmospheric nitrogen is bombarded by cosmic rays: 


SN + 6n —> C+ 1H 
The -dioactive carbon-14 isotope decays according to the equation 
Kc nN a ~%B 


Dating Using Uranium-238 Isotopes. Because some members of the uranium 
series have very long half-lives (see Table 25.3), it is particularly suitable for estimat- 


ing ‘he age of rocks in Earth and of extraterrestrial objects. The half-life for the first 
step (°U to 283Th) is 4.51 X 10° yr. This is about 20,000 times the second largest 
value (that is, 2.47 X 10° yr), which is the half-life for 733U to *3gTh. Therefore, as a 
good spproximation we can assume that the half-life for the overall process (that is, 
from =U to 7g$Pb) is governed solely by the first step: 
238 —» ph + 8$He + 6-98 4 = 4.51 x 10° yr 

In na‘esolly occurring uranium minerals we should and do find some lead-206 isotopes 
forme! by radioactive decay. Assuming that no lead was present when the mineral was 
formed and that the mineral has not undergone chemical changes that would allow the 
lead-296 isotope to be separated from the parent uranium-238, it is possible to estimate 
the age of the rocks from the mass ratio of 28$Pb to 738U. The preceding equation tells 
us thai ‘or every mole, or 238 g, of uranium that undergoes complete decay, 1 mole, or 
206 y. of lead is formed. If only half a mole of uranium-238 has undergone decay, the 
mass ratio Pb-206/U-238 becomes 

206 g/2 1 y's66 

238 g/2 


and the process would have taken a half-life of 4.51 X 10° yr to complete (Figure 
25.3). Ratios lower than 0.866 mean that the rocks are less than 4.51 10° yr old, and 
higher ratios suggest a greater age. Interestingly, studies based on the uranium series as 
well as other decay series put the age of the oldest rocks and, therefore, probably the 
age of Earth itself at 4.5 X 10°, or 4.5 billion, years. 


One half-life 
4.51 X 10” yr 


FIGURE 25.3 After one half-life, nearly half of the original uranium-235 ts converted to 


lead-206. 


1021 


We can think of the first step 
as the rate-determining step in 
the overall process. 
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Dating Using Potassium-40 Isotopes. This is one of the most impor «nt tech- 
niques in geochemistry. The radioactive potassium-40 isotope decays by sev differ- 
ent modes, but the relevant one as far as dating is concerned is that of elect apture: 


4k + %¢ —>» #$Ar 4=12Xx 10° yr 


The accumulation of gaseous argon-40 is used to gauge the age of a specimen Whena 
potassium-40 atom in a mineral decays, the argon-40 formed is trapped in the attice of 
the mineral and can escape only if the material is melted. Melting, therei is the 
procedure for analyzing a mineral sample in the laboratory. The amount o! *rgon-40 
present can be conveniently measured with a mass spectrometer. Knowing | itio of 
argon-40 to potassium-40 in the mineral and the half-life of decay makes it | ble to 


establish the ages of rocks ranging from thousands to billions of years o! 


25.4 Artificial Radioactivity 


Nuclear Transmutation 


The scope of nuclear chemistry would have been rather narrow if study ' 0d been 
limited to natural radioactive elements. An experiment performed by Ruth ‘ord in 
1919, however, suggested the possibility of observing artificial radioactivity. “yen he 
bombarded a sample of nitrogen with a particles, the following reaction too» place: 


MN + 4He —> 0 + Ip 


This reaction demonstrated for the first time the feasibility of converting one element 
into another—that is, the possibility of nuclear transmutation. 


The above reaction can be abbreviated as '$N(a,p)'ZO. Note that in the parvntheses 
the bombarding particle is written first, followed by the ejected particle. Nucle ir trans- 
mutations differ from radioactive decay in that the latter is a spontaneous process; 


consequently, in decay equations only one reactant appears on the left side of the 
equation. 


EXAMPLE 25.4 


Write the balanced equation for the nuclear reaction 38Fe(d,a)34Mn, where d represents 
the deuterium nucleus (that is, 7H). 


Answer 
& 
The abbreviation tells us that when iron-56 is bombarded with a deuterium nucleus, it 


produces the manganese-54 nucleus plus an a particle, $He. Thus, the equation for this 
reaction is 


3¢Fe + 7H —> 4He + $8Mn 


Similar problem: 25.7. 


Although light elements are generally not radioactive, they can be made so by 
bombarding their nuclei with appropriate particles. As we saw earlier, the radioactive 
carbon-14 isotope can be prepared by bombarding nitrogen-14 with neutrons: 


4 
WN + dn —> C+ 1H 
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Trit H, is prepared according to the following bombardment: | 1 
Alternating 
SLi + §n —> 7H + $He on™ 

Trit cays with the emission of B particles: 
7H —> 3He + 98 = h = 12.5 yr 


nthetic isotopes are prepared by using neutrons as projectiles. This is par- 


ticu convenient because neutrons carry no charges and therefore are not repelled 

by is—the nuclei. The situation is different when the projectiles are positively \/ 7 O F 
e 4 F V ‘arge 

ch rticles—for example, when protons or a particles are used, as in Dees 


Al + $He —> 7$P + on 
FIGURE 25.4 Schematic dia- 


To vith the aluminum nuclei, the @ particles must have considerable kinetic ae 4 : 
3 : gram of a cyclotron accelerator. 

ent order to overcome the electrostatic repulsion between themselves and the The particle (an ion) to be accel- 

tar = erated starts at the center (black 
vase the kinetic energy of charged species to the point that a reaction will — spot) and is forced to move in a 

oc ticle accelerators are used to force the particles through electric and mag- spiral path through the influence 

ne Alternating the polarity (that is, + and —) on specially constructed plates of electric and magnetic fields 

cal particles to accelerate along a spiral path. When they have the energy — until it emerges at a high veloc- 

ne ) carry out the desired nuclear reaction, they are guided out of the accelera- ity. The magnetic fields are per- 

tor ollision with a target substance (Figure 25.4). pendicular to the plane of the 
designs have been developed for particle accelerators, one of which accel- at bas are hollow and serve 

er ticles along a linear path of about 3 km (2 miles). It is now possible to“ “ecirades- 

ac particles to a speed well above 90 percent of the speed of light. (According 

to E n’s theory of relativity, it is impossible for a particle to move at the speed of 

ligh 1 only exception is the photon, which has a zero rest mass.) The extremely 

ene particles produced in accelerators are employed by physicists to smash 

atomic nuclei to fragments. Studying the debris from such disintegrations provides 

valuable information about nuclear structure and binding forces (Figure 25.5). 


FIGURE 25.5 A section of a particle accelerator. 
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The Transuranium Elements 


The advent of particle accelerators has also made possible the synthesis of elements 
with atomic numbers greater than 92, called transuranium elements. Since neptunium 
(Z = 93) was first prepared in 1940, 16 other transuranium elements have been synthe- 
sized. All isotopes of these elements are radioactive. Table 25.4 lists the transuranium 
elements and the reactions through which they are formed. 


Naming of Elements 104 and Beyond. Until recently, the honor of naming a 
newly synthesized element went to its discoverers. However, considerable controversy 
has arisen over the naming of some of the transuranium elements that have been 
independently synthesized by different groups of workers at about the same time. Asa 
result some of the elements are identified only by their atomic numbers (such as 
elements 104 through 109) and not by the names coined by their discoverers (see Table 
25.4). To systematize the naming of these elements, the International Union of Pure 
and Applied Chemistry (IUPAC) has recommended the use of three-letter symbols for 
elements having atomic numbers greater than 103. All the names end in -iuen, whether 
the element is a metal or a nonmetal. The following roots are used to derive the names 
of the elements: 


0 = nil 5 = pent 
1 =un 6 = hex 
2 = bi = sept 
3 = tri 8 = oct 


4 = quad 9 = enn 
The name of an element is formed by joining the roots in the order of the di gits that 
make up the atomic number and ending with -ium. For example, element 104 is un- 
nilquadium (Ung), element 116 would be ununhexium (Uuh), element 202 would be 
binilbium (Bnb), and so on. (The i in bi is omitted when the root precedes ium). 


TABLE 25.4 The Transuranium Elements 


Atomic Number Name Symbol Preparation 
93 Neptunium Np 238U + bn —> 733Np + -18 
94 Plutonium Pu 233Np —> 732Pu + _? 
95 Americium Am 232Pu + in —> *42Am + -18 
ze Cun Cm *33Pu + $He —> *42Cm + ja 
97 Berkelium Bk 41am + 4He —> 243Bk + 200 
98 Californium Cf Cm + 4He —> 28cf + bn 
99 Einsteinium Es 238 + 154n —» 283Es + 7-48 
re Fermium Fm 238U + 174n —> 23Fm + 8-18 
Mendelevium Md 233Es + $He —> 7)@Md + on 
102 Nobelium No 86Cm + 12¢ —+ ?4No + 400 
e eae Lr 232cf + 9B —, fosLr + Son 
105 Unnilquadium Ung EC + 3c > 78lUng + 4a 
e Vachoeetint Unp 23sCf + '3N —+> ?6Unp + ae 
nnilhexium Unh 28Cf + 189 — + ?8Unh + 400 
107 Unnilseptium Uns Bi + S4Cr —> 262Uns + On 
108 Unniloctium Uno 288Pb + 38Fe —> 763Uno + on 


109 Unnilennium Une Bi + 38Fe —> 266Une + on 
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] 


—_ 
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PIGURE 25.6 Nuclear fission of U-235. When a U-235 nucleus captures a neutron (black 
Sphere) it undergoes fission to yield two smaller nuclei. On the average, three neutrons are 
emitted for every U-235 nucleus that divides. 


H 


2 ‘uclear Fission 


In nuclear fission a heavy nucleus (mass number > 200) divides to form smaller nuclei 

of intermediate mass and one or more neutrons. Because the heavy nucleus is less 

stable than its products (see Figure 25.2), this process releases a large amount of 
| energy 
| The first nuclear fission reaction studied was that of uranium-235 bombarded with 
slow neutrons, whose speed is comparable to that of air molecules at room tempera- 
ture. Uranium-235 in such bombardment undergoes fission, as shown in Figure 25.6. 
Actually, this reaction is very complex: More than 30 different elements have been 
found among the fission products (Figure 25.7). A representative reaction is 


233U + jn —> 3gSr + '$iXe + 34n 


Although many heavy nuclei can be made to undergo fission, only the fission of 
naturally occurring uranium-235 and of the artificial plutonium-239 has any practical 
importance. As Figure 25.2 shows, the binding energy per nucleon for uranium-235 is 
less than the binding energies for elements with mass numbers near 90 and 150. 
Therefore, when a uranium-235 nucleus is split into two smaller nuclei, a certain 
amount of energy is released. Let us estimate the magnitude of this energy, using the 
preceding reaction as an example. Table 25.5 shows the nuclear binding energies of 
uranium-235 and its fission products. The difference between the binding prieaeiee of 
the reactants and products is (1.23 X 107!° + 1.92 x 107°) J — (2.82 x 10°") J, 
or 3.3 x 107"! J per nucleus. For 1 mole of uranium-235, the energy released would 
be (3.3 x 107!!)(6.02 x 1073), or 2.0 x 10!% J. This is an extremely exothermic re- 
action, considering that the heat of combustion of 1 ton of coal is only about 8 x 10° J. 


TABLE 25.5 Nuclear Binding Energies of Uranium-235 and Its Fission 
Products 


Nuclear Binding Energy per Nucleus 


Isotope 
oe 
Uranium-235 2.82 X ion 
Strontium-90 1.23 X a 
Xenon-143 192 e10= "J: 
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Relative amounts of fission product 


80 100 120 140 160 


Mass number 


FIGURE 25.7 Relative yields 
of the products resulting from the 
fission of U-235, as a function of 
mass number. 
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TNT stands for trinitrotoluene; 
it is a powerful explosive (see 
Section 12.3). 
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FIGURE 25.8 Two types of nuclear fission. (a) If the mass of U-235 is subcritica:, wo chain 
reaction will result. Many of the neutrons produced will escape to the surroundings. (b) If the 
mass is critical, most of the neutrons will be captured by U-235 nuclei and an unc. »irollable 


chain reaction will occur. 


The significant feature of uranium-235 fission is not just the enormous amount of 
energy released, but the fact that more neutrons are produced than are originally cap- 
tured in the process. This property makes possible a nuclear chain reaction, which is 
a self-sustaining sequence of nuclear fission reactions. The neutrons generated during 
the initial stages of fission can induce fission in other uranium-235 nuclei, which in 
turn produce more neutrons, and so on. In less than a second, the reaction can become 
uncontrollable, liberating a tremendous amount of heat to the surroundings. 

Figure 25.8 shows two types of fission reactions. For a chain reaction to occur, 
enough uranium-235 must be present in the sample to capture the neutrons. Otherwise, 
many of the neutrons will escape from the sample and the chain reaction will not occur 
[Figure 25.8(a)]. In this situation the mass of the sample is said to be subcritical. 
Figure 25.8(b) shows what happens when the amount of the fissionable material is 
equal to or greater than the critical mass, the minimum mass of fissionable material 
required to generate a self-sustaining nuclear chain reaction. In this case most of the 
neutrons will be captured by uranium-235 and a chain reaction will occur. 


The Atomic Bomb 


The first application of nuclear fission was in the development of the atomic bomb. 
How is such a bomb made and detonated? The crucial factor in the bomb’s design is 
the determination of the critical mass for the bomb. A small atomic bomb is equivalent 
to 20,000 tons of TNT. Since | ton of TNT releases about 4 x 10° J of energy, 20,000 
tons would produce 8 x 10! J. Earlier we saw that 1 mole, or 235 g, of uranium-235 
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liber 2.0 x 10!° J of energy. Thus the mass of the isotope present in a small bomb 
must it least 
235 g x enue 1 x 10° 1k 
—— =1x = 
&*2.0 x 10° J ee 
For ob ous reasons, an atomic bomb is never assembled with the critical mass already 
presi instead, the critical mass is formed by using a conventional explosive (for 
exat . TNT) to force the fissionable sections together, as shown in Figure 25.9. 
Neutroos from a source at the center of the device trigger the nuclear chain reaction. 
Ura: 235 was the fissionable material in the bomb dropped on Hiroshima, Japan, 
on A s..6, 1945. Plutonium-239 was used in the bomb exploded over Nagasaki three 
day . The fission reactions were similar in these two cases, as was the extent of 
the ruction. 
Nucis«r Reactors 
A pe-eful but controversial application of nuclear fission is the generation of electric- 
ity 1 heat from a controlled chain reaction in a nuclear reactor. Currently, nuclear 
react» provide about 8 percent of the electrical energy in the United States. This is a 
smal! but by no means negligible contribution to the nation’s energy production. Sev- 
eral ’/‘erent types of nuclear reactors are in operation; we will briefly discuss the main 
features of three of them: light water reactors, heavy water reactors, and breeder 
reacto 


Light Water Reactors. Most of the nuclear reactors in the United States are light 
water reactors. Figure 25.10 is a schematic diagram of such a reactor, and Figure 
25.11 shows the refueling process in the core of a nuclear reactor. 

An important aspect of the fission process is the speed of the neutrons. Slow neu- 
trons split uranium-235 nuclei more efficiently than do fast ones. Because fission 
reactions are so exothermic, the neutrons produced usually move at high velocities. For 
greater efficiency they must be slowed down before they can be used to induce nuclear 
disintegration. To accomplish this goal, scientists use moderators, which are sub- 
stances that can reduce the kinetic energy of neutrons. A good moderator must satisfy 
several requirements: It must be a fluid so it can be used also as a coolant, it should 
Possess a high specific heat; it should be nontoxic and inexpensive (as Very large 
quantities of it are necessary); and it should resist conversion into a radioactive sub- 
stance by neutron bombardment. No substance fits all of these requirements, although 
water comes closer than many others that have been considered. Nuclear reactors be 
Water as a moderator are called light water reactors because H is the lightest isotope 0} 
the element hydrogen. ; 

The an dal edi of uranium, usually in the form of its oxide, U30s (Figure 
25.12). Naturally occurring uranium contains about 0.7 percent of the uranium-235 
isotope, which is too low a concentration to sustain a small-scale chain reaction. For 
effective operation of a light water reactor uranium-235 must be enriched to < vical 
tration of 3 or 4 percent. In principle, the only difference between an atomic bom| - 
@ nuclear reactor is that the chain reaction that takes place in a nuclear reactor is kept 
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TNT explosive 


Subcritical 
U-235 wedge 


FIGURE 25.9 Schematic cross 
section of an atomic bomb. The 
TNT explosives are set off first. 
The explosion forces the sections 
of fissionable material together 
to form an amount considerably 
larger than the critical mass. 


In Europe, nuclear reactors 
provide about 40 percent of 
the electrical energy 
consumed. 
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ro 
——> steam 


turbine 


Control rod 


Uranium fuel 


FIGURE 25.10 Schematic diagram of a nuclear fission reactor. The fission process is con- 
trolled by cadmium or boron rods. The heat generated by the process is used to produce steam 
for the generation of electricity via a heat exchange system. 


under control at all times. The factor limiting the rate of the reaction is the number of 
neutrons present. This can be controlled by lowering cadmium or boron rods between 
the fuel elements. These rods capture neutrons according to the equations 


MaCd + dn —> 4c + Y 


9B +n —> TLi+ 4He 


where y denotes gamma rays. Without the control rods the heat generated would melt - 


down the reactor core, releasing radioactive materials into the environment. 
Nuclear reactors have rather elaborate cooling systems that absorb the heat gener- 
ated by the nuclear reaction and transfer it outside the reactor core, where it is used to 


FIGURE 25.12 Uranium oxide, 
U;0s. 


FIGURE 25.11 Refueling the core of a nuclear reactor. 


produce enough steam to drive an electric generator. In this respect a nuclear power 
plant is similar to a conventional power plant that burns fossil fuel. In both cases large 
quantities of cooling water are needed to condense steam for reuse. Thus, most nuclear 
power plants are built near a river or a lake. Unfortunately this method of cooling 
causes thermal pollution (see Section 11.6). 


Heavy Water Reactors. Another type of nuclear reactor uses D,0, or heavy water, 
as the moderator, rather than H,O. Heavy water slows down the neutrons emerging 
from the fission reaction less efficiently than does light water. Consequently, there is 
no need to use enriched uranium for fission in a heavy water reactor. The faster 
moving neutrons travel greater distances and so the probability that they will strike the 
proper targets—uranium-235 isotopes—is correspondingly high. Eventually most of 
the uranium-235 isotopes will take part in the fission process. 

The main advantage of a heavy water reactor is that it eliminates the need for 
building expensive uranium enrichment facilities. However, D,O must be prepared 
either by fractional distillation or electrolysis of ordinary water, which can be very 
€xpensive considering the quantity of water used in a nuclear reactor. In countries such 
as Canada and Norway, where hydroelectric power is abundant, the cost of producing 
D0 by electrolysis can be reasonably low. At present, Canada is the only nation 
Successfully using heavy water nuclear reactors. The fact that no enriched uranium is 
required in a heavy water reactor allows a country to enjoy the benefits of nuclear 
Power without undertaking work that is closely associated with weapons technology. 
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D.0 costs about $400 per 
pound. 
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The plutonium produced forms 
the oxide and can be readily 
separated from uranium. 


FIGURE 25.13 The red glow 
of the radioactive plutonium-238 
isotope. Orange color is due to 
the presence of its oxide. 


25 / NUCLEAR CHEMISTRY 


Breeder Reactors. A breeder reactor uses uranium fuel, but unlike a con: ational 
nuclear reactor, it produces more fissionable materials than it uses. 
We know that when uranium-238 is bombarded with fast neutrons the i«!lowing 


reactions take place: 
*38U + in —> *HU 
2391) —» 788Np + -{8 = 23.4 min 


233Np —> 79gPu + -18 ty = 2.35 days 


In this manner the nonfissionable uranium-238 is transmuted into the fission«>le iso- 
tope plutonium-239, which has a half-life of 24,400 yr (Figure 25.13). 

In a typical breeder reactor, nuclear fuel is mixed with uranium-238 so thai breeding 
takes place within the core. For every uranium-235 (or plutonium-239) nucle: under- 
going fission, more than one neutron is captured by uranium-238 to generate pluto- 
nium-239. Thus, the stockpile of fissionable material can be steadily increased as the 
starting nuclear fuels are consumed. An important factor is the doubling time, ‘he time 
required to produce as much net additional nuclear fuel as was originally present in the 
reactor. It takes about 7 to 10 years to regenerate the sizable amount of materia! needed 
to refuel the original reactor and to fuel another reactor of comparable si: 

Another fertile isotope is *83Th. Upon capturing slow neutrons, thoriun, 's trans- 


muted to uranium-233, which, like uranium-235, is a fissionable isotope 
232TH + bn —> 28Th 
23oTh —> *3{Pa+ 98 4 = 22 min 
733Pa ——> 73U + _98 ty = 27.4 days 


Uranium-233 is stable enough for long-term storage. The amounts of uranium 238 and 
thorium-232 in Earth’s crust are relatively plentiful (4 ppm and 12 ppm »y mass, 
respectively). 

Despite the promising prospects, the development of breeder reactors has been very 
slow. To date, the United States does not have a single operating breeder reactor, and 
only a few have been built in other countries, such as France and Russia. One problem 
is economics; breeder reactors are more expensive to build than conventional reactors. 
There are also more technical difficulties associated with the construction of such 
reactors. As a result, the future of breeder reactors, in the United States at least, is 
rather uncertain. 


Hazards of Nuclear Energy. There are many people, including environmentalists, 
who regard nuclear fission as a highly undesirable method of energy production. Many 
fission products such as strontium-90 are dangerous radioactive isotopes with long 
half-lives. Plutonium-239, used as a nuclear fuel and produced in breeder reactors, is 
one of the most toxic substances known. It is an a emitter with a half-life of 24,400 yr. 

Accidents, too, present many dangers. The accident at the Three Mile Island reactor 
in Pennsylvania in 1979 first brought the potential hazards of nuclear plants to public 
attention. Only a few years later, the disaster at the Chernobyl! nuclear plant in the 
Soviet Union, on April 26, 1986, was a tragic reminder of just how catastrophic a 
runaway nuclear reaction can be. On that day, a reactor at the plant surged out of 
control. The fire and explosion that followed released much radioactive material into 
the environment. People working near the plant died within weeks as a result of the 
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FIGURE 25.14 Low-level ra- 
dioactive wastes are stored in 
drums and buried underground. 


exposure to the intense radiation. The long-term effect of the radioactive fallout in the 
western Soviet Union and Europe has not yet been clearly assessed, although agricul- 
ture and dairy farming have already been affected by the fallout. The number of 
potential cancer deaths attributable to the radiation contamination is estimated to be 
between a few thousand and more than 100,000. 

Furthermore, the problem of radioactive waste disposal has not been satisfac 
resolved even for safely operated nuclear plants. Many suggestions have been made as 
to where to store or dispose of nuclear waste, including burial underground (Figures 
25. 14 and 25.15), burial beneath the ocean floor, and storage in deep geologic forma- 
Hons. But none of these sites has proven absolutely safe in the long run. Leakage of 
tadioactive wastes into underground water, for example, can endanger nearby commu- 
Nities. The ideal disposal site would seem to be the sun, where a bit more radiation 
would make little difference, but this kind of operation requires 100 percent reliability 
I space technology. 

Pe i of the hazards, the future of nuclear reactors is clouded. 

see A the ultimate solution to our energy needs in the twenty-first centu: 

lik ie ebated and questioned by both the scientific community and laypeople. 
€ly that the controversy will continue for some time. 


torily 


What was once 
ry is now 
It seems 
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FIGURE 25.15 Schematic diagram for the deep 
waste. 
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underground burial of high-level radioactive 


SEPARATION OF ISOTOPES BY LASER 


In Chapter 5 we discussed the separation of uranium 
isotopes by gaseous effusion. This effusion process is 
of historical importance, but it is highly inefficient and 
expensive. It can be described as a brute-force method 
because thousands of Separation stages are needed to 
obtain uranium-235 in sufficiently high purity, In Spite 
of its inefficiency, however, the process has been used 
since the 1940s for the large-scale separation of ura- 
nium isotopes. 

In recent years rapid advances in laser technology 
have offered an alternative—a revolutionary, low-cost, 
efficient method of producing uranium-235. This proc- 
ess for uranium-235 enrichment is called AVLIS, an 
acronym for Atomic Vapor Laser Isotope Separation. 
Previously we noted that isotopes of the same element 
behave alike chemically. However, because of their 
different masses, uranium-235 and uranium-238 atoms 


absorb colors of light at slightly different wavelengths. 
In the AVLIS process, lasers are tuned to emit a combi- 
nation of colors that will be absorbed only by a ura- 
nium-235 atom, which subsequently loses an electron. 
This is simply an ionization process by irradiation. The 
unipositively charged uranium-235 species can then be 
selectively separated from the uranium-238 atoms. 
Figure 25.16 shows how the process works. Ura- 
nium metal is melted and further heated to create an 
atomic vapor system. A tuned dye laser beam is passed 
through the vapor stream, where it selectively 
photoionizes the uranium-235 atoms (Figure 25.17). 
The positive uranium-235 ions are collected onto the 
negatively charged plate, whereas the uranium-238 
atoms, which are unaffected by the laser beam, pass 
on. The enriched uranium liquid metal flows out of the 
Separator and is cast and stored in metallic form, ready 
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Collector 


Laser beam 


/aporizer 


FIGURE 25.16 
(AVLIS) 


Atomic Vapor Laser Isotope Separation 
Metallic uranium is melted and vaporized. The 
is illuminated by visible laser light, which photoionizes 
se uranitan-235 isotopes. The resulting ions are then at- 
Tracted to a 


vape ” 
negatively charged collector. 


for use. The success of this process depends on two 
basic properties of laser: its precisely tuned wavelength 
(hence, energy) and its high intensity. Preliminary tests 
have shown that AVLIS can achieve a high degree of 
'sotopic enrichment, increasing the concentration of 
uranium-235 from 0.7 to 4 percent in a single-stage 
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FIGURE 25.17 Generation of laser light used in the AVLIS 
process. The green copper vapor laser light is used to excite 
an organic dye solution which then emits the red laser light 
used in the photoionization of uranium-235. 


separation. And this can be accomplished at relatively 
little cost compared to that of the effusion process. If 
all goes as planned, by 1996 the AVLIS process will be 
a large-scale operation that will allow the gradual phas- 
ing out of effusion facilities. 


ae with a routine analysis in May 1972 at the 
iat rida ee plant in Pierrelatte, France. A 
to U-238 nber was checking the isotope ratio of U-235 
site = as ; uranium ore and obtained a puzzling re- 

3 ong been known that the relative natural 
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occurrence of U-235 and U-238 is 0.7202 percent and 
99.2798 percent, respectively. In this case, however, 
the amount of U-235 present was only 0.7171 percent. 
This may seem like a very small deviation, but the 
measurements were SO precise that this difference was 
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considered highly significant. The ore had come from 
the Oklo mine in the Gabon Republic, a small country 
on the west coast of Africa. Subsequent analyses of 
other samples showed that some contained even less 
U-235, in some cases as little as 0.44 percent. 

The logical explanation for the low percentages of 
U-235 was that a nuclear fission reaction at the site of 
ore extraction must have consumed some of the U-235 
isotopes. But how did this happen? There are several 
conditions under which such a nuclear fission reaction 
could take place. In the presence of heavy water, for 
example, a chain reaction is possible with unenriched 
uranium. Without heavy water, such a fission reaction 
could still occur if the uranium ore and the moderator 
were arranged according to some specific geometric 
constraints at the site of the reaction. Both of the possi- 
bilities seem rather farfetched. The most plausible ex- 
planation is that the uranium ore originally present in 
the mine was enriched with U-235 and that a nuclear 
fission reaction took place with light water, as in a 
conventional nuclear reactor. 

As mentioned earlier, the natural abundance of 
U-235 is 0.7202 percent, but it has not always been that 
low. The half-lives of U-235 and U-238 are 700 million 
and 4.51 billion years, respectively. This means that 
U-235 must have been more abundant in the past, be- 
cause it has a shorter half-life. In fact, at the time Earth 
was formed, the natural abundance of U-235 was as 
high as 17 percent! Since the lowest concentration of 
U-235 required for the operation of a fission reactor is 1 
percent, a nuclear chain reaction could have taken 
place as recently as 400 million years ago. By analyz- 
ing the amounts of radioactive fission products left in 
the ore, scientists concluded that the Gabon ‘‘reactor’’ 
operated about 2 billion years ago. 

Having an enriched uranium sample is only one of 
the requirements for starting a controlled chain reac- 
tion. There must also have been a sufficient amount of 
the ore and an appropriate moderator present. It ap- 
pears that as a result of a geological transformation, 
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uranium ore was continually being washec into the 
Oklo region to yield concentrated deposits. 1 !« moder- 
ator needed for the fission process was large!y water, 
present as water of crystallization in the se. mentary 
ore. Figure 25.18 shows a section of the reaction zone 
on the floor of the pit at Oklo. 

Thus, in a series of extraordinary events, © natural 
nuclear fission reactor operated at the time hen the 
first sign of living systems began to appea Earth. 
As is often the case in scientific endeavors, humans are 
not necessarily the innovators but merely the ‘:nitators 


of nature. 


FIGURE 25.18 Photo showing the natural nuclear reactor 
site (lower right-hand corner) at Oklo, Gabon Republic. 


25.6 Nuclear Fusion 


In contrast to the nuclear fission process, nuclear fusion, the combinin 2 of small nuclei 
into larger ones, is largely exempt from the waste disposal problem. 

Figure 25.2 showed that for the lightest elements, nuclear stability increases with 
increasing mass number. This behavior suggests that if two light nuclei combine oF 
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fuse together to form a larger, more stable nucleus, an appreciable amount of energy 
w ‘| be released in the process. This is the basis for ongoing research into the harness- 
ins, of nuclear fusion for the production of energy. 

uclear fusion occurs constantly in the sun. The sun is made up mostly of hydrogen 
ano helium. In its interior, where temperatures reach about 15 million degrees Celsius, 
the ollowing fusion reactions are believed to take place: 


1H + 7H —> 3He 
3He + 3He ——> $He + 2}H 
iy + 1H —> jH+ 4% 


Be suse fusion reactions take place only at very high temperatures, they are often 
c ‘hermonuclear reactions. 


ucion Reactors 


» concern in choosing the proper nuclear fusion process for energy production is 


the ‘-rmperature necessary to carry out the process. Some of the more promising reac- 
tic ire 
Reaction Energy Released 

Re ies Se 

2H + 7H —> JH + jH 6.3 x 10°83 

2H + 3H —> 4He + gn Me ‘isl 

SLi + 7H —> 23He 3.6 x 1077 J 
These reactions take place at extremely high temperatures, of the order of 100 million 


degrees Celsius. The first reaction is particularly attractive because the world’s supply 
of deuterium is virtually inexhaustible. The total volume of water on Earth is about 
1.5 * 102 L, Since the natural abundance of deuterium is 1.5 x 10°? percent, the 
total amount of deuterium present is roughly 4.5 x 10?! g, or 5.0 x 10'° tons. The 
cost of preparing deuterium is minimal compared to the value of the energy released by 
the reaction. t. 
Compared to the fission process, nuclear fusion looks like a very promising energy 
source, at least ‘‘on paper.’’ Its advantages are that (1) the fuels are cheap and almost 
inexhaustible; (2) the process is ‘‘clean,’’ that is, except for thermal pollution, it 
produces little radioactive waste; and (3) it is a safe process. If a fusion machine were 
turned off, it would shut down completely and instantly; there would be no possibility 
of a meltdown. ' ; 
If fusion is so great, why isn’t there even one fusion reactor producing energy? 
Although we command the scientific knowledge to design such a reactor, the technical 


difficulties have not yet been solved. The basic problem is finding a way to hold the 


i = ion to occur. At 
nuclei together long enough, and at the appropriate temperature, for fusion 
. . = eR annot exist, and most or 


temperatures of about 100 million degrees Celsius, molecules c exist, 

all of the atoms are stripped of their electrons. This state of matter, in which a ond 
System consists of positive ions and electrons, is called plasma. The problem of con- 
taining this plasma is a formidable one. What solid container can exist at such eter 
tures? None, unless the amount of plasma is small; but then the solid ee Bate 
immediately cool the sample and quench the fusion reaction. One approach to solving 
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FIGURE 25.19 Magnetic confinement of plasma. 


a 


this problem is to use magnetic confinement. Since a plasma consists of charged parti- 
cles moving at high speeds, a magnetic field would exert force on it. Figure 25.19 
shows a recent magnetic confinement design, called tokamak. The plasma moves 
through this doughnut-shaped tunnel, confined by a complex magnetic field. Thus the 
plasma never comes in contact with the walls of the container. 

Another promising development employs high-power lasers to initiate the fusion 
reaction. In test runs a number of laser beams transfer energy to a small fuel pellet, 
heating it and causing it to implode, that is, to collapse inward from all sides and 
compress into a small volume (Figure 25.20). Consequently, fusion occurs. Like the 


FIGURE 25.20 This small- 
scale fusion reaction was created 
in 1986 at the Lawrence Liver- 
more National Laboratory using 
the world’s most powerful laser, 
Nova. 
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magne ynfinement approach, laser fusion presents a number of technical difficul- 
ties th || need to be overcome before it can be put to practical use on a large scale. 


The lf ogen Bomb 


The te | problems inherent in the design of a nuclear fusion reactor do not affect 
the pr n of a hydrogen bomb, also called a thermonuclear bomb. In this case the 
object \| power and no control. Hydrogen bombs do not contain gaseous hydro- 
gen ¢ is deuterium; they contain solid lithium deuteride (LiD), which can be 
packe ightly. The detonation of a hydrogen bomb occurs in two stages—first a 
fissior mn and then a fusion reaction. The required temperature for fusion is 
derived an atomic bomb. Immediately after the atomic bomb explodes, the fol- 
lowir is occur, releasing vast amounts of energy (Figure 25.21): 


SLi + 7H ——> 23He 


7H + 7H —> jH+ iH 


The 6 critical mass in a fusion bomb, and the force of explosion is limited only 
by th tity of reactants present. Thermonuclear bombs are described as being 
“‘cleane han atomic bombs because they do not produce radioactive isotopes except 
for trit which is a weak B-particle emitter (4 = 12.5 yr), and the products from the 
fissior ter. Their damaging effects on the environment can be aggravated, how- 
ever, by incorporating in the construction some nonfissionable material such as cobalt. 


FIGURE 25.21 


thermonuclear bomb. 
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Upon bombardment by neutrons, cobalt-59 is converted to cobalt-60, which is a very 
strong y-ray emitter with a half-life of 5.2 yr. The presence of these radioactive cobalt 
isotopes in the debris or fallout from a thermonuclear explosion would cause tie deaths 
of those who survived the initial blast. 


25.7 Applications of Isotopes 


Radioactive and stable isotopes alike have many applications in science and ‘medicine. 
We have previously described the use of isotopes in the study of reaction mechanisms 
(see Section 13.4) and in dating (p. 546 and Section 25.3). In this section liscuss a 


few more examples. 


Structural Determination 


The formula of the thiosulfate ion is S,03. For some years chemists were uncertain as 
to whether the two sulfur atoms occupied equivalent positions in the ion. thiosul- 
fate ion is prepared by treatment of the sulfite ion with elemental sulfu 

SO} (aq) + S(s) —> $,03"(aq) (25.1) 
When thiosulfate is treated with dilute acid, the sulfite ion is reformed and elemental 


sulfur precipitates: 


$,03-(aq) 2°. $03-(aq) + S(s) oe 
If this sequence is started with the elemental sulfur enriched in the radioactive sulfur-35 
isotope, the isotope acts as a “‘label’’ for S atoms. All the labels are found in the sulfur 
precipitate in reaction (25.2); none of them appears in the final sulfite ions. Clearly, 
then, the two atoms of sulfur in $,03~are not structurally equivalent, as would be the 
case if the structure were 


[:0-S—0-S—0: > 
Otherwise, the radioactive isotope would be present in both the elemental! sulfur pre- 


cipitate and the sulfite ion. Base on other studies, we know that the structure of the 
thiosulfate ion is 


Study of Photosynthesis 
The study of photosynthesis is also rich with isotope applications. The overall photo- 
synthesis reaction can be represented as 

6CO, + 6Hx0 —> CoH\20, + 60, 


A question that arose early in studies of photosynthesis was whether the molecular 
oxygen was derived from water, from carbon dioxide, or from both. By the use of 
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it was demonstrated that the evolved oxygen came from water, and none came 
carbon dioxide, because the O formed contained only the '*O isotopes. This 
established the mechanism in which water molecules are ‘‘split’’ by light: 


2H,0 + hv —> QO + 4H* + 4e7 


otons and electrons can then be used to drive energetically unfavorable reactions 
| are necessary for a plant’s growth and function. 

: radioactive carbon-14 isotope helped to determine the path of carbon in photo- 
esis. Starting with ‘CO, it was possible to isolate the intermediate products 
» photosynthesis and measure the amount of radioactivity of each carbon-contain- 
mpound. In this manner the path from CO, through various intermediate com- 
s to carbohydrate could be clearly charted. Isotopes, especially radioactive iso- 
that are used to trace the path of the atoms of an element in a chemical or 
gical process, are called tracers. 


ypes in Medicine 


rs are used also for diagnosis in medicine. Sodium-24 (a B emitter with a half-life 
8 h) injected into the bloodstream as a salt solution can be monitored to trace the 

f blood and detect possible constrictions or obstructions in the circulatory sys- 
\dine-131 (a B emitter with a half-life of 8 days) has been used to test the activity 
hyroid gland. A malfunctioning thyroid can be detected by giving the patient a 
.f a solution containing a known amount of Na!*'I and measuring the radioactiv- 
above the thyroid to see if the iodine is absorbed at the normal rate (Figure 
»). Of course, the amounts of radioisotope used in the human body must always be 
:mall; otherwise, the patient might suffer permanent damage from the high-energy 


radiation. 


‘echnetium is one of the most useful elements in nuclear medicine. Although tech- 


netium is a transition metal, all its isotopes are radioactive. Therefore, technetium does 
not occur naturally on Earth. In the laboratory it is prepared by the nuclear reactions 


99 
38Mo + §n —> 42Mo 


0 
Mo —> #™Tc + -18 


(a) (b) (c) 


FIGURE 25.22 (a) A normal thyroid, (b) an enlarged thyroid, and (c) a cancerous thyroid. 


These photos were taken by a linear photo scanner, 


using radioactive iodine-1 31. 
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Technetium is the first 
artificially prepared element, 
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FIGURE 25.23 Schematic diagram of a Geiger counter. Radiation (a, B, or y rays) entering 
through the window causes ionization of the argon gas, which allows a small current to flow 
between the electrodes. This current is amplified and is used to flash a light or operate « counter 
with a clicking sound (not shown). 


where the superscript m denotes that the technetium-99 isotope is produced in its 
excited nuclear state. This isotope has a half-life of about 6 hours, decaying by y 
radiation to technetium-99 in its nuclear ground state. Thus it is a valuable diagnostic 
tool. The patient either drinks or is injected with a solution containing “"'Tc. By 
detecting the y rays emitted by °°" Tc, doctors can obtain images of organs such as the 
heart, liver, and lungs. 

A major advantage of using radioactive isotopes as tracers is that they are easy to 
detect. Their presence even in very small amounts can be detected by photographic 
techniques or by devices known as counters. Figure 25.23 is a diagram of a Geiger 
counter, an instrument widely used in scientific work and medical laboratories to detect 
radiation. 


25.8 Biological Effects of Radiation 


In this section we will examine briefly the effects of radiation on biological systems. 
But first let us define quantitative measures of radiation. The fundamental unit of 
radioactivity is the curie (Ci); 1 curie corresponds to exactly 3.70 x 10'° nuclear 
disintegrations per second. This decay rate is the equivalent of 1 g of radium. A 
millicurie (mCi) is one-thousandth of a curie. Thus, 10 millicuries of a carbon-14 
sample is the quantity that undergoes 


(10 x 1074)(3.70 x 10!) = 3.70 x 108 


disintegrations per second. The intensity of radiation depends on the number of disinte- 
grations as well as on the energy and type of radiation emitted. One common unit for 
the absorbed dose of radiation is the rad (radiation absorbed dose), which is the 
amount of radiation that results in the absorption of 1 x 107° J per gram of irradiated 
material. The biological effect of radiation depends on the part of the body irradiated 
and the type of radiation. For this reason the rad is often multiplied by a factor called 
RBE (relative biological effectiveness). The product is called a rem (roentgen equiva- 
lent for man): 


1 rem = | rad X 1 RBE 


25.8 BIOLOGICAL EFFECTS OF RADIATION 


Of the three types of nuclear radiation, a particles usually have the least penetrating 
power and are, therefore, least harmful. Beta particles are more penetrating than a 
particles, but less so than y rays, which are the most dangerous. Gamma rays have very 
short wavelengths and high energies. Furthermore, since they carry no charge, they 
cannot be stopped by shielding materials as easily as a and B particles. However, if a 
or § emitters are ingested, their damaging effects are greatly aggravated because the 
organs will be constantly subject to damaging radiation at close range. Table 25.6 lists 
the average amounts of radiation an American receives every year. 

rhe chemical basis of radiation damage, especially that produced by y rays and X 
rays, is that of ionizing radiation. A y ray has enough energy to remove electrons from 
atoms and molecules in its path, leading to the formation of ions and free radicals. Free 
radicals are molecular fragments having one or more unpaired electrons; they are 
usually short-lived and highly reactive. For example, when water is irradiated with y 
rays or X rays, the following reactions take place: 


H,0 radiation H.O* er 


H,0* + HO ———> H;0* + -OH 


‘The electron (in the hydrated form) can subsequently react with water or with a hydro- 
ion to form atomic hydrogen, and with oxygen to produce the superoxide ion, 


e+ HO lee OHs 
e +H* —>H: 
e +O, — -Oz 
In the tissues these free radicals attack a host of organic compounds, such as en- 
zymes and other protein molecules, to produce new radicals, R-: 
RH + -OH —> R- +H,0 
RH+H: —R:° + Ha 


TABLE 25.6 Average Yearly Radiation Doses for Americans 


Dose 
Source (mremlyr)* 
Cosmic rays 20-50 
Ground and surroundings 25 
Human body+ 26 
Medical and dental X rays 50-75 
Air travel = 
Fallout from weapons tests 5 
Nuclear waste 2 
133-188 


Total 


*L mrem = | millirem = 1 x 1073 rem. 


+The radioactivity in the body comes from food and air. 
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Current safety standards 
permit nuclear workers to be 
exposed Lo no more than 

5 rem per year and specify 
that members of the general 
public should not be exposed 
to more than 0.5 rem of man- 
made radiation per year. 
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where R represents some organic group. The free radicals can also react vy» > deoxyri- 
bonucleic acid (DNA), the genetic materials. 

Organic compounds can, of course, be ionized directly by high-energ' sadiation, 
The reactions are similar to those of water: 

RH radiation RH* + e- 

RE Rec tel 

In the presence of oxygen, the organic radicals form highly reactive perox «> radicals, 
RO, a 

R: +0, —=> RO): 
The presence of these radicals prevents restoration of the initial structure of |) organic 
molecule. Peroxides cannot form in the absence of oxygen, however, anc many or- 
ganic radicals may be converted to their original structure; for example, 

R: + H—R’ —> RH + -R’ 

It has long been known that exposure to high-energy radiation can induc cancer in 
humans and other animals. Cancer is characterized by uncontrolled cellular » wth. On 
the other hand, it is also well established that cancer cells can be destroye:’ »y proper 
radiation treatment. In radiation therapy, a compromise is sought. The *~ ‘iation to 
which the patient is exposed must be sufficient to destroy cancer cells wit! ut killing 
too many normal cells and, it is hoped, without inducing another form 0! cancer. 

Radiation damage to living systems is generally classified as somatic or genetic. 
Somatic injuries are those that affect the organism during its own lifetime. Sunburn, 

; skin rash, cancer, and cataracts are examples of somatic damage. Genetic damage 
Chromosomes are parts of the : A : 

cell structure that contain the | ™€ans inheritable changes or gene mutations. For example, a person whose chromo- 
genetic material (DNA). somes have been damaged or altered by radiation may have deformed offspring. 


“SURGEON GENERAL’S WARNING: Smoking is 
Hazardous to Your Health.’’ This message appears on 
every package of’ cigarettes sold in the United States. 
The link between cigarette smoke and cancer has long 
been established. There is, however, another cancer- 
causing mechanism in smokers. The culprit in this case 
is a radioactive environmental pollutant present in the 
tobacco leaves from which cigarettes are made. 

The soil in which tobacco is grown is heavily treated 
with phosphate fertilizers, which are rich in uranium 
and its decay products. Consider a particularly impor- 


CHEMISTRY IN ACTION 


TOBACCO RADIOACTIVITY 


tant step in the uranium-238 decay series: 
78Ra —> ?2Rn + @ 
The product formed, radon-222, is an unreactive gas 
(radon is the only gaseous product in the uranium-238 
decay series). Radon-222 emanates from radium-226 
and is present at high concentrations in soil gas and in 
the surface air layer under the vegetation canopy pro- 
vided by the field of growing tobacco (Figure 25.24). 
In this layer some of the daughters of radon-222 such as 
polonium-218 and lead-214 become firmly attached to 


the surface and interior of tobacco leaves. As Table 
25.3 shows, the next few decay reactions leading to the 
formation of lead-210 proceed rapidly. Gradually, the 
concentration of radioactive lead-210 can build to quite 
a high level. 

During the combustion of a cigarette, small insolu- 
ble smoke particles are inhaled and deposited in the 
respiratory tract of the smoker and are eventually trans- 
ported and stored at sites in the liver, spleen, and bone 
marrow. Measurements have shown that there is a high 
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FIGURE 25.24 A field of to- 
bacco. 


lead-210 content in these particles. (Note that the lead- 
210 content is not high enough to be hazardous chemi- 
cally, but because it is radioactive it is hazardous.) 
Because of its long half-life (20.4 yr), lead-210 and its 
radioactive daughters—bismuth-210 and polonium- 
210—can continue to build up in the body throughout 
the period of smoking. Constant exposure of organs 
and bone marrow to a- and f-particle radiation in- 
creases the probability of cancer development in the 
smoker. 


SUMMARY 


1. For stable nuclei of low atomic number, the neutron-to-proton ratio 
greater than 1. All nuclei with 84 or 


For heavier stable nuclei, the ratio becomes 


is close to 1. 


more protons are unstable and radioactive. Nuclei with even atomic numbers are 


more stable than those with odd atomic numbers. 


2. A quantitative measure of nuclear stability is the nuclear binding energy. Nuclear 


binding energy can be calculated from a knowledge of the mass defect 


nucleus. 


of the 


3. Radioactive nuclei emit @ particles, B particles, or y rays. The equation for a 
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nuclear reaction includes the particles emitted, and both the mass numbers and the 
atomic numbers must balance. 

4. Uranium-238 is the parent of a natural radioactive decay series which can be used 
to determine the ages of rocks. 

5. Artificially radioactive elements are created by the bombardment of other ele- 
ments by accelerated neutrons, protons, or @ particles. 

6. Nuclear fission is the splitting of a large nucleus into two smaller nuclei, plus 
neutrons. When these neutrons are captured efficiently by other nuclei, an uncon- 
trollable chain reaction can occur. 

7. Nuclear reactors use the heat from a controlled nuclear fission reaction to produce 
power. The three important types of reactors are light water reactors, heavy water 
reactors, and breeder reactors. 

8. Nuclear fusion, the type of reaction that occurs in the sun, is the combination of 
two light nuclei to form one heavy nucleus. Fusion takes place only at very high 
temperatures—so high that controlled large-scale nuclear fusion has so far not 
been achieved. 

9. Radioactive isotopes are easy to detect and thus make excellent tracers in chemical 
reactions and in medical practice. 

10. High-energy radiation damages living systems by causing ionization and the for- 
mation of free radicals. 

KEY WORDS 
Breeder reactor, p. 1030 Nuclear chain reaction, p. 1026 Plasma, p. 1035 
Critical mass, p. 1026 Nuclear fission, p. 1025 Thermonuclear reaction, p. 1035 
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EXERCISES 
iCLE AC . (c) *33U + jn —> kr + 132Ba + 3X 
NUCLEAR REACTIONS (a) 350 + is re: gr a 33Te 4X 
REVIEW QUESTIONS (e) 34Cr + 3He —> jn + X 
25.1 How do nuclear reactions differ from ordinary chemical Y we ia rd i? 
reactions? a - “ ice oe 
25.2 What are the steps in balancing nuclear equations? (i) 8Co +n aa. 36Min + X 
25.3. What is the difference between Ye and _?B? @ HAs —3 B+X 
25.4 What is the difference between an electron and a posi- 25.7 Write balanced nuclear equations for the following reac- 
tron? tions and identify X: 
PROBLEMS (a) SN(p,@)2C (d) S3Se(d.p)X 
(b) 7Al(d,a)33Mg (e) $Be(d,2p)sLi 
25.5 Write complete nuclear equations for the following (c) 33Mn(n,y)X (f) 'Q6Pd(a,p)'7A8 


processes: (a) tritium, /H, undergoes B decay; (b) 242Pu 
undergoes a-particle emission; (c) ‘I undergoes B 
decay; (d) *°'Cf emits an a particle. 

Complete the following nuclear equations and identify 
X in each case: 

(a) 7$Mg + |p —> 
(b) 33Co + 7H —> 


3He + X 
Co + X 


25.8 


25.9 


Describe how you would prepare astatine-211, starting 
with bismuth-209. 

A long-cherished dream of alchemists was to produce 
gold from cheaper and more abundant elements. This 
dream was finally realized when '{{Hg was converte 
into gold by neutron bombardment. Write a balanc 
equation for this reaction. 


NUCL OAR STABILITY 
REVIEW QUESTIONS 


10 State the general rules for predicting nuclear stability. 

i What is the belt of stability? 

12 Why is it impossible for the isotope 3He to exist? 

|3 Define nuclear binding energy, mass defect, and nu- 
cleon. 

25.14 How does Einstein’s equation, E = mc, allow us to 

calculate nuclear binding energy? 
25.15 Why is it preferable to compare the stability of nuclei in 
terms of nuclear binding energy per nucleon? 


PROBLEMS 


25.16 The radius of a uranium-235 nucleus is about 7.0 x 
10> pm. Calculate the density of the nucleus in g/cm’. 
(Assume the atomic mass to be 235 amu.) 


25.17 Por each pair of isotopes listed, predict which one is less 
stable: (a) SLi or 3Li, (b) 73Na or 7{Na, (c) 3§Ca or 3}Sc. 
25.18 For each pair of elements listed, predict which one has 


more stable isotopes: (a) Co or Ni, (b) F or Se, (c) Ag or 
Cd. 

25.19 The nucleus of nitrogen-18 lies above the stability belt. 
Write an equation for a nuclear reaction by which ni- 
trogen-18 can achieve stability. 

25.20 In each pair of isotopes shown, indicate which one 
you would expect to be radioactive: (a) 78Ne and \2Ne, 
(b) $8Ca and 43Ca, (c) $3Mo and %3Tc, (d) 'g3Hg and 
'36Hg, (e) 783Bi and 74gCm. 

1 Given that 


N 
a 
nN 


H(g) + H(g) —> Ha(g) AH? = —436.4 kJ 


Calculate the change in mass (in kg) per mole of H2 

formed, 

Estimates show that the total energy output of the sun is 

5 x 106 J/s. What is the corresponding mass loss in 

kg/s of the sun? 

25.23 Calculate the nuclear binding energy (in J) and the bind- 
ing energy per nucleon of the following isotopes: (a) 3Li 
(7.01600 amu), (b) 35Cl (34.95952 amu), (c) 3He 
(4.0026 amu), (d) 723Bi (208.9804 amu). 


nN 
an 
N 
N 


RADIOACTIVE DECAY; DATING 


PROBLEMS 
25.24 Fill in the blanks in the following radioactive decay se- 
ries: 
(a) Th SS #, £, 2th 
(b) U 4 8, +5 Hike 
() 5 233p, £, ee 
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25.25 A radioactive substance decays as follows: 


Time (days) Mass (g) 
0 500 
1 389 
2 303 
3 236 
4 184 
5 143 
6 112 


Calculate the first-order decay constant and the half-life 
of the reaction. 

25.26 The radioactive decay of TI-206 to Pb-206 has a half- 
life of 4.20 min. Starting with 5.00 x 10°? atoms of 
TI-206, calculate the number of such atoms left after 
42.0 min. 

25.27 A freshly isolated sample of °°Y was found to have an 
activity of 9.8 x 10° disintegrations per minute at 1.00 
pm on December 3, 1982. At 2.15 pM on December 17, 
1982, its activity was redetermined and found to be 
2.6 X 104 disintegrations per minute. Calculate the 
half-life of °°Y. 

25.28 In the thorium decay series, thorium-232 loses a total of 
6 a particles and 4 B particles in a 10-stage process. 
What is the final isotope produced? 

25.29 Why do radioactive decay series obey first-order kinet- 
ics? 

25.30 Strontium-90 is one of the products of the fission of 
uranium-235. This isotope of strontium is radioactive, 
with a half-life of 28.8 yr. Calculate how long (in yr) it 
will take for 1.00 g of the isotope to be reduced to 
0.200 g by decay. 

25.31 Consider the decay series 


A— B—C—D 


where A, B, and C are radioactive with half-lives of 
4.50 s, 15.0 days, and 1.00 s, respectively, and D is 
nonradioactive. Starting with 1.00 mole of A, and none 
of B, C, or D, calculate the number of moles of A, B, 
C, and D left after 30 days. 

25.32 The radioactive potassium-40 isotope decays to argon- 
40 with a half-life of 1.2 x 10° yr. (a) Write a balanced 
equation for the reaction. (b) A sample of moon rock is 
found to contain 18 percent potassium-40 and 82 per- 
cent argon by mass. Calculate the age of the rock in 
years. 


NUCLEAR FISSION; NUCLEAR REACTORS 
REVIEW QUESTIONS 


25.33 Define nuclear fission, nuclear chain reaction, and criti- 
cal mass. 
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25.34 Which isotopes can undergo nuclear fission? 

25.35 Explain how an atomic bomb works. 

25.36 Explain the functions of a moderator and a control rod in 
a nuclear reactor. 

25.37 Discuss the differences between a light water and a 
heavy water nuclear fission reactor. 

25,38 What are the advantages of a breeder reactor over a con- 
ventional nuclear fission reactor? 

25.39 No form of energy production is without risk. Make a 
list of the risks to society involved in fueling and operat- 
ing a conventional coal-fired electric power plant, and 
compare them with the risks of fueling and operating a 
nuclear fission-powered electric plant. 


NUCLEAR FUSION 
REVIEW QUESTIONS 


25.40 Define nuclear fusion, thermonuclear reaction, and 
plasma. 

25.41 Why do heavy elements such as uranium undergo fis- 
sion while light elements such as hydrogen and lithium 
undergo fusion? 

25.42 How does a hydrogen bomb work? 

25.43 What are the advantages of a fusion reactor over a fis- 
sion reactor? What are the practical difficulties in oper- 
ating a large-scale fusion reactor? 


APPLICATIONS OF ISOTOPES 
REVIEW QUESTION 


25.44 Define a tracer and describe three applications of iso- 
topes in chemistry and medicine. 


PROBLEMS 


25.45 Describe how you would use a radioactive iodine iso- 
tope to demonstrate that the following process is in dy- 
namic equilibrium: 


PbI,(s) == Pb**(aq) + 21” (aq) 
25.46 Consider the following redox reaction: 


104 (aq) + 21 (aq) + H20(/) —> 
I,(s) + 103 (aq) + 20H (aq) 


When KIO, is added to a solution containing iodide ions 
labeled with radioactive iodine-128, all the radioactivity 
appears in I, and none in the IO; ion. What can you 
deduce about the mechanism for the redox process? 
25.47 Explain how you might use a radioactive tracer to show 
that ions are not completely motionless in crystals. 
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25.48 Each hemoglobin molecule, the oxygen 
contains four Fe atoms. Explain how y 
radioactive 3¢Fe (4; = 46 days) to shoy 
certain diet is converted into hemog\ 


MISCELLANEOUS PROBLEMS 


rrier in blood, 
would use the 
‘i the iron ina 


25.49 How does a Geiger counter work’ 

25.50 Chlorine-39 is radioactive and unde: 
differences would you expect in the 
of HCI molecules containing chlorin: 
those containing chlorine-35? C| 

25.51 Name the elements with atomic nu 
116, (c) 125, (d) 218. 

25.52 Write atomic numbers of the foll: 
ununbium, (b) untrioctium, (c) 
binilquadium. 

25.53 Nuclei with an even number of p 
number of neutrons are more stab 
odd number of protons and/or ar 
trons. What is the significance o! 
protons and of neutrons in this ca: 

25.54 Tritium, 7H, is radioactive and dec: 
sion. Its half-life is 12.5 yr. In ordi 


© decay. What 
vical behavior 
compared to 
onradioactive. 


(a) 110, (b) 


elements: (a) 
thexium, (d) 


and an even 
those with an 

‘ number of neu- 
ven number of 


electron emis- 
water the ratio 


of 'H to 7H atoms is 1.0 x 10!” & 1) Write a bal- 
anced nuclear equation for tritium ¢ (b) How many 
disintegrations will be observed per saute in a 1.00-kg 


sample of water? 

25.55 Balance the following equations, w' 
reactions that are known to occur in 
atomic bomb: 

(a) 733U + (n —> '88Ba + 34n + X 
(b) 733U + §n —> '4Cs + SRb + 2X 

(c) 733U + gn —> 82Br+ 3in + X 

(d) 783U + dn —+> '8Sm + 32Zn + 4X 

25.56 (a) What is the activity, in millicuries, of a 0.500-g 
sample of *3;Np? (This isotope decays by a-particle 
emission and has a half-life of 2.20 x 10° yr.) (b) Write 
a balanced nuclear equation for the decay of 733Np. 

25.57 Calculate the nuclear binding energies, in J/nucleon, for 
the following species: (a) !°B (10.0129 amu), (b) 'B 
(11.00931 amu), (c) N (14.00307 amu), (d) **Fe 
(55.9349 amu), (e) '8*W (183.9510 amu). 

25.58 Why is strontium-90 a particularly dangerous isotope 
for humans? 

25.59 How are scientists able to tell the age of a fossil? 

25.60 After the Chernobyl accident, people living close to the 
nuclear reactor site were urged to take large amounts of 
potassium iodide as a safety precaution. What is the 
chemical basis for this action? 


are for nuclear 
~ explosion of an 
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PPENDIX 1 


ymodynamic Data for Selected Elements and Their Compounds at 
m and 25°C 


GANIC SUBSTANCES 


AH; AG? Ss 
Substance (kJ/mol) (kJ/mol) (J/K mol) 
mene ea SET 
0 0 42.71 
—127.04 —109.72 96.11 
0 0 28.32 
— 1669.8 — 1576.4 50.99 
0 0 6.53 
— 1263.6 —1184.1 54.0 
0 0 66.94 
—558.2 —528.4 70.3 
— 1464.4 —1353.1 132.2 
— 1218.8 —1138.9 112.1 
0 0 152.30 
& =36:2 =53122 198.48 
C(graphite) 0 0 5.69 
C(diamond) 1.90 2.87 2.44 
CO(g) —110.5 sel HES 197.9 
CO,(g) —393.5 —394.4 213.6 
CS3(/) 87.9 63.6 151.0 
Ca(s) 0 0 41.63 
Ca0(s) —635.6 —604.2 39.8 
CaCO,(calcite) —1206.9 ~1128.8 92.9 
Cla(g) 0 0 223.0 
HCl(g) —92.3 95.27 187.0 
Cu(s) 0 0 33:3 
CuO(s) —155.2 127.2 43.5 
CuS(s) —48.5 -49.0 66.5 
F,(g) 0 0 203.34 
HF(g) —268.61 —270.71 173.51 
Fe(s) 0 0 27.2 
Fe,03(s) —822.2 —741.0 90.0 
H(g) 218.2 203.24 114.61 
H2(g) 0 0 131.0 
H,0(g) —241.8 —228.6 188.7 
H,0(/) —285.8 —237.2 69.9 
H,0,(/) —187.6 118.1 ? 
Hg(1) 0 0 77.40 
Hg0(s) —90.7 —58.5 72.0 
Ls) 0 0 116.7 
HI(g) 25.94 1.30 206.33 
Mg(s) 0 0 32.51 


MgO(s) —601.8 —569.6 26.78 


A2 
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i Sm a SS 


AH? AG? ° 
Substance (kJ/mol) (kJ/mol) (JIK mol) 
eae —— 
MgCO,(s) —1112.9 —1029.3 65.69 
N2(g) 0 0 191.5 
NH3(g) —46.3 —16.6 193.0 
NO(g) 90.4 86.7 210.62 
NO2(g) 33.85 51.8 240.46 
N204(g) 9.66 98.29 304.30 
N20(g) 81.56 103.60 219.99 
O(g) 249.4 230.10 160.95 
O2(g) 0 0 205.0 
0x(g) 142.2 163.4 237.6 
P(white) 0 0 44.0 
P(red) -18.4 13.8 29.3 
S(rhombic) 0 0 31.88 
S(monoclinic) 0.30 0.10 32.55 
SO2(g) —296.1 —300.4 248.52 
SO3(g) —395.2 —370.4 256.22 
H2S(g) —20.15 —33.02 205.64 
SFe(g) —1096.2 a e 
Zn(s) 0 0 41.6 
Zn0(s) —348.0 —318.2 43.9 
ZnS(s) —978.6 —871.6 124.7 
Tt 
ORGANIC SUBSTANCES 
AH; AG; s 
Substance Formula (kJ/mol) (kJ/mol) (J/K mol) 
—————————ee—— ee 
Acetic acid(/) CH,;COOH —484.21 —389.45 159.83 
Acetaldehyde(g) CH;CHO —166.35 —139.08 264.22 
Acetone(/) CH;COCH; —246.81 —153.55 198.74 
Acetylene(g) CH» 226.6 209.2 200.8 
Benzene(!) CoH 49.04 124.52 124.52 
Ethanol(J) CH;OH —276.98 -174.18 161.04 
Ethane(g) CoH, —84.7 —32.89 229.49 
Ethylene(g) CoHy 52.3 68.12 219.45 
Formic acid(/) HCOOH —409.20 ~346.02 128.95 
Glucose(s) CH 206 -1274.5 -910.56 212.13 
Methane(g) CH, -74.85 —50.8 186.19 
Methanol(1) CH;,OH —238.7 ~166.31 126.78 


Sucrose(s) CieHnOn —2221.70 ~1544.31 360.24 


P>PENDIX 2 


i. ‘s for the Gas Constant 


In this eopendix we will see how the gas constant R can be expressed in units J/K - mol. Our first 
ste] derive a relationship between atm and pascal. We start with 
force 
pressure = 
area 


__ mass X acceleration 


area 


volume X density X acceleration 
area 


= length X density x acceleration 


By sion, the standard atmosphere is the pressure exerted by a column of mercury exactly 
76 gh of density 13.5951 g/icm®, in a place where acceleration due to gravity is 
980 6+ 5 cm/s?. However, to express pressure in N/m? it is necessary to write 


density of mercury = 1.35951 x 10* kg/m? 
acceleration due to gravity = 9.80665 m/s” 


The standard atmosphere is given by 
1 atm = (0.76 m Hg)(1.35951 * 10* kg/m?)(9.80665 m/s”) 


101325 kg m/m?- s* 
= 101325 N/m? 
101325 Pa 


From Section 5.5 we see that the gas constant R is given by 0.082057 L- 
conversion factors 


ll 


atm/K - mol. Using the 


1L=1x10° m 
1 atm = 101325 N/m? 


we write 
R= (0.082057) (ue (oe) 
= 8.314 a 
= 8.314 K “— 
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The Elements and the Derivation of Their Names and Symbols* 


I 
Atomic Atomic Date of Discoverer and 
Element Symbol No. Masst Discovery Nationalityt Derévation 
TT 
Actinium Ac 89 (227) 1899 A. Debierne (Fr.) Gr. aktis, b©@ arm or ray 
Aluminum Al 13 26.98 1827 F. Woehler (Ge.) Alum, the &ltarninum 
compouncd im which it 
was discc> ve red; derived 
from L. <2Zzernen, 
astringent taste 
Americium Am 95 (243) 1944 A. Ghiorso (USA) The Americas 
R. A. James (USA) 
G. T. Seaborg (USA) 
S. G. Thompson (USA) 


Antimony Sb 51 121.8 Ancient L. antimon Eze rz2 (anti, 
opposite f= monium, 
isolated ©Ondition), so 
named because it is a 
tangible (zm etallic) 
substanc@ x-hich 
combines readily; 
symbol, E__  stibium, 


mark 
Argon Ar 18 39.95 1894 Lord Raleigh (GB) Gr. argos, in active 
Sir William Ramsay (GB) 
Arsenic As 33 74.92 1250 Albertus Magnus (Ge.) Gr. aksenike rz, yellow 


Pigment; ¥__ arsenicum, 
orpiment: tye Greeks 
once WEA arsenic 


trisulfide AS a pigment 


Astatine At 85 (210) 1940 D. R. Corson (USA) Gr. astatos unstable 
K. R. MacKenzie (USA) 
E. Segre (USA) 
Barium Ba 56 137.3 1808 Sir Humphry Davy (GB) barite, a heavy spar. 
derived Bin Ga ‘barys, 


heavy 


; ; 5, eee 
Source: Reprinted with permission from ‘‘The Elements and Derivation of Their Names and Symbols,’’ G. P. Dinga, Cherm; 
(1968). Copyright by the American Chemical Society. ‘i *Szry 41 (2), 20-22 


*At the time this table was drawn up, only 103 elements were known to exist. 

{The atomic masses given here correspond to the 1961 values of the Commission on Atomic Weights. Masses in parentheSe — the 
most stable or most common isotopes. are those of 
+The abbreviations are (Ar.), Arabic; (Au.) Austrian; (Du.) Dutch; (Fr.) French; (Ge.) German; (GB) British; (Gr.) Greek; ay ian; (.) 
Italian; (L.) Latin; (P.) Polish; (R.) Russian; (Sp.) Spanish; (Swe.) Swedish; (USA) American. ~) Hungarian; \% 
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APPENDIX 3 AS 
Atomic Atomic Date of Discoverer and 
Element Symbol No. Mass Discovery Nationality Derivation 
[ee 
Berkelium Bk 97 (247) 1950 G. T. Seaborg (USA) Berkeley, Calif. 
S. G. Thompson (USA) 
A. Ghiorso (USA) 
Beryllium Be 4 9.012 1828 F. Woehler (Ge.) Fr. L. beryl, sweet 
A. A. B. Bussy (Fr.) 

Bisn Bi 83 209.0 1753 Claude Geoffroy (Fr.) Ge. bismuth, probably a 
distortion of weisse 
masse (white mass) in 
which it was found 

Boron B 5 10.81 1808 Sir Humphry Davy (GB) The compound borax, 

J. L. Gay-Lussac (Fr.) derived from Ar. buragq, 
L. J. Thenard (Fr.) white 

Bromine Br 35 79.90 1826 A. J. Balard (Fr.) Gr. bromos, stench 

Cadmium Cd 48 112.4 1817 Fr. Stromeyer (Ge.) Gr. kadmia, earth; L. 
cadmia, calamine 
(because it is found 
along with calamine) 

Calcium Ca 20 40.08 1808 Sir Humphry Davy (GB) L. calx, lime 

Californium cf 98 (249) 1950 G. T. Seaborg (USA) California 

S. G. Thompson (USA) 
A. Ghiorso (USA) 
K. Street, Jr. (USA) 
Carbon (@ 6 12.01 Ancient L. carbo, charcoal 
Cerium Ce 58 140.1 1803 J. J. Berzelius (Swe.) Asteroid Ceres 
William Hisinger (Swe.) 
M. H. Klaproth (Ge.) 
Cesium Cs 55 132.9 1860 R. Bunsen (Ge.) L. caesium, blue (cesium 
G. R. Kirchhoff (Ge.) was discovered by its 
spectral lines which are 
blue) 

Chlorine Cl 17 35.45 1774 K. W. Scheele (Swe.) Gr. chloros, light green 

Chromium Cr 24 52.00 1797 L. N. Vauquelin (Fr.) Gr. chroma, color 
(because it is used in 
pigments) 

Cobalt Co 27 58.93 1735 G. Brandt (Ge.) Ge. Kobold, goblin 
(because the ore yielded 
cobalt instead of the 
expected metal, copper, 
it was attributed to 
goblins) 

Copper Cu 29 63.55 Ancient L. cuprum, copper, 
derived from cyprium, 
Island of Cyprus, the 
main source of ancient 
copper 

Curium Cm 96 (247) 1944 G. T. Seaborg (USA) Pierre and Marie Curie 

R. A. James (USA) 
A. Ghiorso (USA) 
Dysprosium Dy 66 162.5 1886 Lecoq de Boisbaudran Gr. dysprositos, hard to 


(Fr.) 


get at 


(Continued) 


Element 


Plutonium 


Polonium 
Potassium 
Praseodymium 


Promethium 


Protactinium 


Radium 


Radon 


Rhenium 


Rhodium 


Rubidium 


Ruthenium 
Samarium 


Scandium 
Selenium 


Silicon 


Silver 


Sodium 


Strontium 


Sulfur 


Symbol 


Pu 


WAP 


Re 


Rh 


Rb 


Sr 


APPENDIX 3 


Atomic 
No. 


94 


19 
59 


86 


75 


45 


37 


38 


Atomic 


Mass 


(242) 


(210) 
39.10 
140.9 


(147) 


(231) 


(226) 


(222) 


186.2 


102.9 


85.47 


101.1 
150.4 


44.96 
78.96 


28.09 


107.9 


22.99 


87.62 


32.07 


Date of 
Discovery 


1940 


1898 
1807 
1885 


1945 


1917 


1925 


1804 


1861 


1844 
1879 


1879 
1817 


1824 
Ancient 
1807 


1808 


Ancient 


Discoverer and 
Nationality 


G. T. Seaborg (USA) 

E. M. McMillan (USA) 

J. W. Kennedy (USA) 

A. C. Wahl (USA) 

Marie Curie (P.) 

Sir Humphry Davy (GB) 
C. A. von Welsbach (Au.) 


J. A. Marinsky (USA) 
L. E. Glendenin (USA) 
C. D. Coryell (USA) 


O. Hahn (Ge.) 
L. Meitner (Au.) 


Pierre and Marie Curie 
(Fr.; P.) 
F. E. Dorn (Ge.) 


W. Noddack (Ge.) 

I. Tacke (Ge.) 

Otto Berg (Ge.) 

W. H. Wollaston, (GB) 


R. W. Bunsen (Ge.) 
G. Kirchhoff (Ge.) 


K. K. Klaus (R.) 
Lecoq de Boisbaudran 
(Fr.) 


L. F. Nilson (Swe.) 
J. J. Berzelius (Swe.) 
J. J. Berzelius (Swe.) 


Sir Humphry Davy (GB) 


Sir Humphry Davy (GB) 


| 


Derivation 
i 
Planet Pluto 
Poland 
Symbol, L. kalium, potash 
Gr. prasios, green; 
didymos, twin 
Gr. mythology, 
Prometheus, the Greek 
Titan who stole fire 
from heaven 
Gr. protos, first; actinium 
(because it disintegrates 
into actinium) 
L. radius, tay 
Derived from radium with 
suffix ‘‘on’’ common to 
inert gases (once called 


nitron, «weaning shining, 
with symbol Nt) 
L. Rhenus, Rhine 


Gr. rhodon, rose (because 
some of its salts are 
rose-colored) 

L. rubidius, dark red 
(discovered with the 
spectroscope, its 
spectrum shows red lines) 

L. Ruthenia, Russia 

Samarskite, after 
Samarski, a Russian 
engineer 

Scandinavia 

Gr. selene, moon (because 
it resembles tellurium, 
named for the earth) 

L. silex, silicis, flint 

Symbol, L. argentum, 
silver 

L. sodanum, headache 
remedy; symbol, L. 
natrium, soda 

Strontian, Scotland, 
derived from mineral 
strontionite 

L. sulphurium (Sanskrit, 
sulvere) 


et 

Atomic Atomic Date of 

Element Symbol No. Mass Discovery 

— 

Tantaluir Ta 73 180.9 1802 
Technetium Tc 43 (99) 1937 
Tellurium Te 52 127.6 1782 
Terbium Tb 65 158.9 1843 
Thallium Tl 81 204.4 1861 
Thorium Th 90 232.0 1828 
Thulium Tm 69 168.9 1879 

Tin Sn 50 118.7 Ancient 
Titanium irk 22 47.88 1791 
Tungsten WwW 74 183.9 1783 
Uranium U 92 238.0 1789 
1841 
Vanadium Vv 23 50.94 1801 
1830 
Xenon Xe 54 131.3 1898 
Ytterbium Yb 70 173.0 1907 
Yttrium Y 39 88.91 1843 
Zine Zn 30 65.39 1746 
Zirconium Zr 40 91.22 1789 
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Discoverer and 
Nationality 


A. G. Ekeberg (Swe.) 


C. Perrier (I.) 


F. J. Miiller (Au.) 
C. G. Mosander (Swe.) 
Sir William Crookes (GB) 


J. J. Berzelius (Swe.) 


P. T. Cleve (Swe.) 


W. Gregor (GB) 


J. J. and F. de Elhuyar 
(Sp.) 


M. H. Klaproth (Ge.) 

E. M. Peligot (Fr.) 

A. M. del Rio (Sp.) 

N. G. Sefstrom (Swe.) 
Sir William Ramsay (GB) 
M. W. Travers (GB) 

G. Urbain (Fr.) 

C. G. Mosander (Swe.) 
A. S. Marggraf (Ge.) 

M. H. Klaproth (Ge.) 


AQ 


CC A ES 


Derivation 


a ES 


Gr. mythology, Tantalus, 
because of difficulty in 
isolating it (Tantalus, 
son of Zeus, was 
punished by being 
forced to stand up to his 
chin in water which 
receded whenever he 
tried to drink) 

Gr. technetos, artificial 
(because it was the first 
artificial element) 

L. tellus, earth 

Ytterby, Sweden 

Gr. thallos, a budding 
twig (because its 
spectrum shows a bright 
green line) 

Mineral thorite, derived 
from Thor, Norse god 
of war 

Thule, early name for 
Scandinavia 

Symbol, L. stannum, tin 

Gr. giants, the Titans, and 
L. titans, giant deities 

Swe. tung sten, heavy 
stone; symbol, 
wolframite, a mineral 

Planet Uranus 


Vanadis, Norse goddess of 
love and beauty 
Gr. xenos, stranger 


Ytterby, Sweden 

Ytterby, Sweden 

Ge. zink, of obscure origin 

Zircon, in which it was 
found, derived from Ar. 
zargum, gold color 


APPENDIX 4 


Mathematical Operations 


LOGARITHMS 


Common Logarithms The concept of the logarithm is an extension of the concept of 
exponents, which is discussed in Chapter 1. The common, or base-10, logarithm of any number 
is the power to which 10 must be raised to equal the number. The following examples illustrate 
this relationship: 


Logarithm Exponent 
log 1 =0 10° = 1 
log 10 = 10' = 10 
log 100 = 2 10? = 100 
log 10°! = -1 107! = 0.1 
log 10°? = —2 10°? = 0.01 


In each case the logarithm of the number can be obtained by inspection. 
Since the logarithms of numbers are exponents, they have the same properties as exponents. 
Thus, we have 


Logarithm Exponent 
Ee 6 ne Soe 
log AB = log A + log B 104 x 108 = 104*8 

10 


A 
log — = log A — log B —=10'5 
es 108 


Furthermore, log A” = 7 log A. 
Now suppose we want to find the common logarithm of 6.7 X 10~*. On most electronic 
calculators, the number is entered first and then the log key is punched. This operation gives us 


log 6.7 x 10~* = —3.17 


Note that there are as many digits after the decimal point as there are significant figures in the 
original number. The original number has two significant figures and the ‘*17’” in —3. 17 tells us 
that the log has two significant figures. Other examples are 


Number Common Logarithm 
ee = 
62 1.79 

0.872 —0.0595 
1.0 x 10-7 —7.00 


Sometimes (as in the case of pH calculations) it is necessary to obtain the number whose 
logarithm is known. This procedure is known as taking the antilogarithm; it is simply the reverse 
of taking the logarithm of a number. Suppose in acertain calculation we have pH = 1.46 and are 
asked to calculate [H*]. From the definition of pH (pH = —log [H*]}) we can write 


[H*] = 1071-46 
A1N 
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I iculators have a key labeled log™! or INV log to obtain antilogs. Other calculators have 
y* key (where x corresponds to —1.46 in our example and y is 10 for base-10 logarithm). 

Pho .fore, we find that [H*] = 0.035 M. 

Notas! Logarithms Logarithms taken to the base e instead of 10 are known as natural 

»s (denoted by In or log,); e is equal to 2.7183. The relationship between common 

s and natural logarithms is as follows: 


log 10= 1 10h=10 
In 10=2.303 e*3 = 10 


In x = 2.303 log x 


id the natural logarithm of 2.27, say, we first enter the number on the electronic 
cal ; and then punch the In key to get 


In 2.27 = 0.820 
If n »y is provided, we can proceed as follows: 
2.303 log 2.27 = 2.303 x 0.356 


= 0.820 
Son ©s we may be given the natural logarithm and asked to find the number it represents. For 
exa 
In x = 59.7 
On mes) calculators, we simply enter the number and punch the e key: 


27 = 8.46 x 107° 


TRE QUADRATIC EQUATION 


A quadratic equation takes the form 
ar +bx+c=0 
If coefficients a, b, and c are known, then x is given by 
—b + Ve? = 4ac 
os 2a 
Suppose we have the following quadratic equation: 
2x + 5x — 12 =0 


Solving for x, we write 


—5 + V6) — 42(-12) 


2(2) 
—5+V25 + 96 
F 4 
Therefore 
=o 3 
oe 2 
and 
-5-11 
x= =—4 


* 


a 


( L.OSSARY 


Gi:OSSARY* 


Absol\ verature scale A temper- 
» that uses the absolute 
mperature as the lowest 
e. (5.4) 

» Theoretically the lowest 
temperature. (5.4) 

urities Impurities that can 
ctrons from semiconduc- 
3) 

“he closeness of a measure- 

io the true value of the quantity 

that ‘s measured. (1.7) 

ystance that yields hydrogen 

ions (11) when dissolved in water. 

(2.9) 

Acid ionization constant The equilib- 
rium constant for the acid ioniza- 
tion. (16.1) 

Actinide series Elements that have in- 
completely filled Sf subshells or 
readily give rise to cations that have 
incompletely filled Sf subshells. 
(6.10) 

Activated complex The species tempo- 
rarily formed by the reactant mole- 
cules as a result of the collision be- 

_fore they form the product. (13.3) 

Activation energy The minimum 

amount of energy required to initiate 
_4 chemical reaction. (13.3) 

Activity series A summary of the re- 
sults of many possible displacement 
Teactions, (3.3) 

Actual yield The amount of product 

igo obtained in a reaction. (3.6) 
sion The attraction between unlike 
molecules. (10.3) 


Acid 


Adiabatic process A process in which 
no heat exchange occurs between 
the system and its surroundings. 
(18.2) 

Alcohol An organic compound contain- 
ing the hydroxyl group —OH. 
(23.2) 

Aldehydes Compounds with a carbonyl 
functional group and the general for- 
mula RCHO, where R is an H atom, 
an alkyl, or an aryl group. (23.2) 

Aliphatic hydrocarbons Hydrocarbons 
that do not contain the benzene 
group or the benzene ring. (23.1) 

Alkali metals The Group 1A elements 
(Li, Na, K, Rb, Cs, and Fr). (1.4) 

Alkaline earth metals The Group 2A 
elements (Be, Mg, Ca, Sr, Ba, and 
Ra). (1.4) 

Alkanes Hydrocarbons having the gen- 
eral formula C,H>,,+2, where n = 1, 
Pe 210) 

Alkenes Hydrocarbons that contain one 

carbon-carbon double 


or more 

bonds. They have the general for- 
mula  C,Ho,, where n= 2. 
3) ic Weecasy( ord) 


Alkynes Hydrocarbons that contain one 
or more carbon-carbon triple bonds. 
They have the general formula 
CyHon-2. (23.1) 

Allotropes Two or more forms of the 
same element that differ signifi- 
cantly in chemical and_ physical 
properties. (2.4) 

Alloy A solid solution composed of two 
or more metals, or of a metal or met- 


*The 7 
© number in parentheses is the number of the section in which the term first appears. 


als with one or more nonmetal. 
(20.2) 

Alpha particles See alpha rays. 

Alpha (a) rays Helium ions with a pos- 
itive charge of +2. (2.2) 

Amalgam An alloy of mercury with 
another metal or metals. (20.2) 
Amines Organic bases that have the 
functional group —NR2, where R 
may be H, an alkyl group, or an aryl 

group. (23.2) 

Amorphous solid A solid that lacks a 
regular three-dimensional arrange- 
ment of atoms or molecules. (10.7) 

Amphoteric oxide An oxide that exhib- 
its both acidic and basic properties. 
(7.6) 

Amplitude The vertical distance from 
the middle of a wave to the peak or 
trough. (6.1) 

Anion An ion with a net negative 
charge. (2.5) 

Anode The electrode at which oxidation 
occurs. (19.2) 

Antibonding molecular orbital A mo- 
lecular orbital that is of higher en- 
ergy and lower stability than the 
atomic orbitals from which it was 
formed. (9.7) 

Aromatic hydrocarbon Hydrocarbons 
that contain one or more benzene 
rings. (23.1) 

Aryl group A group of atoms equiva- 
lent to a benzene ring or a set of 
fused benzene rings, less one hydro- 
gen atom. (23.1) 

Atmospheric pressure The pressure 
exerted by Earth’s atmosphere. (1.6) 


AIS 


Al6 


Atom The basic unit of an element that 
can enter into chemical combina- 
tion. (2.2) 

Atomic mass The mass of an atom in 
atomic mass units. (2.3) 

Atomic mass unit A mass exactly equal 
to “oth the mass of one carbon-12 
atom. 

Atomic number (Z) The number of 
protons in the nucleus of an atom. 
(2.3) 

Atomic orbital The probability function 
that defines the distribution of elec- 
tron density in space around the 
atomic nucleus. (6.6) 

Atomic radius One-half the distance 
between the two nuclei in two adja- 
cent atoms of the same element in a 
metal. For elements that exist as dia- 
tomic units, the atomic radius is 
one-half the distance between the 
nuclei of the two atoms in a particu- 
lar molecule. (7.3) 

Aufbau principle As protons are added 
one by one to the nucleus to build up 
the elements, electrons similarly are 
added to the atomic orbitals. (6.10) 

Avogadro’s law At constant pressure 
and temperature, the volume of a 
gas is directly proportional to the 
number of moles of the gas present. 
(5.4) 

Avogadro’s number 6.022 x 10”; the 
number of particles in a mole. (2.3) 

Barometer An instrument that meas- 
ures atmospheric pressure. (5.3) 

Base A substance that yields hydroxide 
ions (OH) when dissolved in 
water. (2.9) 

Base ionization constant The equilib- 
rium constant for the base ioniza- 
tion. (16.2) 

Battery An electrochemical cell, or 
often several electrochemical cells 
connected in series, that can be used 
as a source of direct electric current 
at a constant voltage. (19.6) 

Beta particles See beta rays. 

Beta (B) rays Electrons. (2.2) 

Bimolecular reaction An elementary 
step that involves two molecules. 
(13.4) 

Binary acid An acid that contains only 
two elements. (15.5) 


GLOSSARY 


Binary compounds A _ compound 
formed from just two elements. 
(2.9) 

Bioamplification The buildup of any 
poison along a food chain. (20.9) 

Boiling point The temperature at which 
the vapor pressure of a liquid is 
equal to the external atmospheric 
pressure. (10.8) 

Bond dissociation energy The enthalpy 
change required to break a particular 
bond in a mole of gaseous diatomic 
molecules. (8.10) 

Bond length The distance between the 
centers of two bonded atoms in a 
molecule. (8.8) 

Bond order The difference between the 
numbers of electrons in bonding 
molecular orbitals and antibonding 
molecular orbitals, divided by two. 
(9.8) 

Bonding molecular orbital A molecu- 
lar orbital that is of lower energy and 
greater stability than the atomic or- 
bitals from which it was formed. 
(9.7) 

Boranes Compounds containing only 
boron and hydrogen. (21.3) 

Born-Haber cycle The cycle that re- 
lates lattice energies of ionic com- 
pounds to ionization energies, elec- 
tron affinities, heats of sublimation 
and formation, and bond dissocia- 
tion energies. (8.3) 

Boundary surface diagram Diagram 
of the region containing a substantial 
amount of the electron density 
(about 90 percent) in an orbital. 
(6.8) 

Boyle’s law The volume of a fixed 
amount of gas maintained at con- 
stant temperature is inversely pro- 
portional to the gas pressure. (5.4) 

Breeder reactor A nuclear reactor that 
produces more fissionable materials 
than it uses. (25.5) 

Bronsted-Lowry acid A substance ca- 
pable of donating a proton. (15.2) 

Brensted-Lowry base A _ substance 
capable of accepting a proton. 
(15.2) 

Buffer range The pH range over which 
a buffer solution is most effective. 
(16.7) 


Buffer solution A solution of (a) a weak 
acid or base and (b) its salt; both 
components must be present. The 
solution has the ability to resist 
changes in pH upon the addition of 
small amounts of either acid or base. 
(16.7) 

Calorimetry The measurement of heat 
changes. (4.4) 

Carbides [onic compounds containing 
the C3~ or C*™ ion. (21.4) 

Carboxylic acids Acids that contain the 
carboxyl group —COOH. (23.2) 

Catalyst A substance that increases the 
rate of a chemical reaction without 
itself being consumed. (13.5) 

Catenation The ability of the atoms of 
an element to form bonds with one 
another. (21.4) 

Cathode The electrode at which reduc- 
tion occurs. (19.2) 

Cation An ion with a net positive 
charge. (2.5) 

Charles and Gay-Lussac’s law See 
Charles’ law. 

Charles’ law The volume of a fixed 
amount of gas maintained at con- 
stant pressure is directly propot- 
tional to the absolute temperature of 
the gas. (5.4) 

Chelating agent A substance that forms 
complex ions with metal ions in so- 
lution. (22.3) 

Chemical energy Energy stored within 
the structural units of chemical sub- 
stances. (4.1) 

Chemical equilibrium A chemical state 
in which no net change can be ob- 
served. (3.2) } 

Chemical formula An expression 
showing the chemical composition 
of a compound in terms of the sym- 
bols for the atoms of the elements 
involved. (2.4) ’ 

Chemical kinetics The area of chemis- 
try concerned with the speeds, of 
rates, at which chemical reactions 
occur. (13.1) 

Chemical property Any properly of a 
substance that cannot be studied 
without converting the substance 
into some other substance. (1.3) 

Chemistry The science that studies the 
properties of substances and how 


substances react with one another. 
(1.1) 
Chiral © 


superi 


ipounds or ions that are not 
nposable with mirror images. 


{i process The production of 
sas by the electrolysis of 
aqueous NaCl solution. (21.7) 
Chromopliore Molecules or portions of 

mole that absorb light. (22.7) 
Closed system A system that allows the 


chlorin 


exchange of energy (usually in the 
form of heat) but not mass with its 
surroundings. (4.1) 

Closest packing The most efficient ar- 
rangements for packing atoms, mol- 
ecules. or ions in a crystal. (10.4) 

Cohesion The intermolecular attraction 


between like molecules. (10.3) 

Colligative properties Properties of 
solutions that depend on the number 

lute particles in solution and not 
on the nature of the solute particles. 
(11.8) 

Combination reaction Two or more 
substances react to produce one 
product. (3.3) 

Common ion effect The shift in equi- 
librium caused by the addition of a 
compound having an ion in common 
with the dissolved substances. 
(16.6) 

Complex ion An ion containing a cen- 
tral metal cation bonded to one or 
more molecules or ions. (17-5) 

Compound A substance composed of 
atoms of two or more elements 
chemically united in fixed propor- 
tions. (1.3) 

Concentration of a solution The 
amount of solute dissolved in a 
given amount of solvent. (3.7) 

Condensation The phenomenon of 
going from the gaseous state to the 
liquid state. (10.8) 

Condensation reaction A reaction in 
which two smaller molecules com- 
bine to form a larger molecule. 
Water is invariably one of the prod- 
ucts of such a reaction. (23.2) 

Conductor Substance capable of con- 
ducting electric current. (20.3) 

Conjugate acid-base pair An acid and 


of s 
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its conjugate base or a base and its 
conjugate acid. (15.2) 

Conjugate protein Protein that contains 
a prosthetic group in addition to 
amino acids. (24.3) 

Coordinate covalent bond A bond in 
which the pair of electrons is sup- 
plied by one of the two bonded 
atoms; also called a dative bond. 
(8.9) 

Coordination compound A_ neutral 
species containing a complex ion. 
(22.3) 

Coordination number In a crystal lat- 
tice it is defined as the number of 
atoms (or ions) surrounding an atom 
(or ion). In coordination compounds 
it is defined as the number of donor 
atoms surrounding the central metal 
atom in a complex. (10.4, 22.3) 

Copolymerization The formation of a 
polymer that contains two or more 
different monomers. (24.2) 

Corrosion The deterioration of metals 
by an electrochemical process. 
(19.7) 

Covalent bond A bond in which two 
electrons are shared by two atoms. 
(8.4) 

Covalent compounds Compounds con- 
taining only covalent bonds. (8.4) 

Critical mass The minimum mass of 
fissionable material required to gen- 
erate a self-sustaining nuclear chain 
reaction. (25.5) 

Critical pressure The minimum pres- 
sure that must be applied to bring 
about liquefaction at the critical 
temperature. (10.8) 

Critical temperature The temperature 
above which a gas will not liquefy. 
(10.8) 

Crystal field splitting The energy dif- 
ference between two sets of d orbit- 
als of a metal atom in the presence 
of ligands. (22.5) 

Crystal structure The geometrical 
order of the lattice points. (10.4) 

Crystalline solid A solid that possesses 
rigid and long-range order; its 
atoms, molecules, or ions occupy 
specific positions. (10.4) 

Crystallization The process in which 
dissolved solute comes out of solu- 
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tion and forms crystals. (11.6) 

Cyanides Compounds containing the 
CN™ ion. (21.4) 

Cycloalkanes Alkanes whose carbon 
atoms are joined in rings. They have 
the general formula C,H»,, where 
w= 345% 2 23.1) 

Dalton’s law of partial pressures The 
total pressure of a mixture of gases 
is just the sum of the pressures that 
each gas would exert if it were pres- 
ent alone. (5.7) 

Decomposition reaction One substance 
undergoes a reaction to produce two 
or more substances. (3.3) 

Degenerate orbitals Orbitals that have 
the same energy. (6.8) 

Delocalized molecular orbitals Molec- 
ular orbitals that are not confined 
between two adjacent bonding 
atoms but actually extend over three 
or more atoms. (9.9) 

Denatured protein Protein that does 
not exhibit normal biological activi- 
ties. (24.3) 

Density The mass of a substance di- 
vided by its volume. (1.6) 

Deposition The process in which the 
molecules go directly from the vapor 
into the solid phase. (10.8) 

Desalination Purification of sea water 
by the removal of dissolved salts. 
(11.9) 

Diagonal relationship Similarities be- 
tween pairs of elements in different 
groups and periods of the periodic 
table. (7.6) 

Diamagnetic Repelled by a magnet; a 
diamagnetic substance contains only 
paired electrons. (6.9) 

Diatomic molecule A molecule that 
consists of two atoms. (2.4) 

Diffusion The gradual mixing of mole- 
cules of one gas with the molecules 
of another by virtue of their kinetic 
properties. (5.9) 

Dilution A procedure for preparing a 
less concentrated solution from a 
more concentrated solution. (3.7) 

Dimer A molecule made up of two 
identical molecules. (11.3) 

Dipole moment The product of charge 
and the distance between the charges 
in a molecule. (9.3) 
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Dipole-dipole forces Forces that act 
between polar molecules. (10.2) 
Diprotic acid Each unit of the acid 
yields two hydrogen ions. (3.3) 
Dispersion forces The attractive forces 
that arise as a result of temporary 
dipoles induced in the atoms or mol- 
ecules; also called London forces. 

(10.2) 

Displacement reaction An atom or an 
ion in a compound is replaced by an 
atom of another element. (3.3) 

Disproportionation reaction A _ reac- 
tion in which an element in one oxi- 
dation state is both oxidized and re- 
duced. (12.3) 

Donor atom The atom in a ligand that is 
bonded directly to the metal atom. 
(22.3) 

Donor impurities Impurities that pro- 
vide conduction electrons to semi- 
conductors. (20.3) 

Dynamic equilibrium The condition in 
which the rate of a forward process 
is exactly balanced by the rate of a 
reverse process. (10.8) 

Effusion The process by which a gas 
under pressure escapes from one 
compartment of a container to an- 
other by passing through a small 
opening. (5.9) 

Electrolysis A process in which electri- 
cal energy is used to cause a non- 
spontaneous chemical reaction to 
occur. (19.8) 

Electrolyte A substance that, when dis- 
solved in water, results in a solution 
that can conduct electricity. (3.2) 

Electromagnetic wave A wave that has 
an electric field component and a 
magnetic field component. (6.1) 

Electromotive force (emf) The voltage 


difference between electrodes. 
(19.2) 

Electromotive series See activity se- 
ries. 


Electron A subatomic particle that has a 
very low mass and carries a single 
negative electric charge. (2.2) 

Electron affinity The energy change 
when an electron is accepted by an 
atom (or an ion) in the gaseous state. 
(7.5) 
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Electron configuration The distribu- 
tion of electrons among the various 
orbitals in an atom or molecule. 
(6.9) 

Electron density The probability that 
an electron will be found at a partic- 
ular region in an atomic orbital. 
(6.6) 

Electronegativity The ability of an 
atom to attract electrons toward it- 
self in a chemical bond. (8.5) 

Element A substance that cannot be 
separated into simpler substances by 
chemical means. (1.3) 

Elementary steps A series of simple 
reactions that represent the progress 
of the overall reaction at the molecu- 
lar level. (13.4) 

Emission spectra Continuous or line 
spectra emitted by substances. (6.3) 

Empirical formula An_ expression 
showing the types of elements pres- 
ent and the ratios of the different 
kinds of atoms. (2.4) 

Enantiomers Optical isomers, that is, 
compounds and their nonsuperim- 
posable mirror images. (22.4) 

Endothermic processes Processes that 
absorb heat from the surroundings. 
(4.2) 

Energy The capacity to do work or to 
produce change. (1.6) 

Enthalpy A thermodynamic quantity 
used to describe heat changes taking 
place at constant pressure. (4.3) 

Enthalpy of reaction The difference 
between the enthalpies of the prod- 
ucts and the enthalpies of the reac- 
tants. (4.3) 

Enthalpy of solution The heat gener- 
ated or absorbed when a certain 
amount of solute is dissolved in a 
certain amount of solvent. (4.7) 

Entropy A direct measure of the ran- 
domness or disorder of a system. 
(18.3) 

Enzyme A biological catalyst. (13.5) 

Equilibrium A state in which there are 
no observable changes as time goes 
by. (14.1) 

Equilibrium constant A number equal 
to the ratio of the equilibrium con- 
centrations of products to the equi- 


librium concentration: of reactants, 
each raised to the ; * of its stoi- 
chiometric coeffici: (14.2) 

Equilibrium vapor pr « The vapor 
pressure measur er dynamic 
equilibrium oj sation and 
evaporation. (10 

Equivalence point it at which 
the acid is comp! reacted with 
or neutralized by xe. (3.9) 

Equivalent One eq) of an oxi- 
dizing agent is th nt that gains 
one mole of e! )ne equiva- 
lent of a red gent is the 
amount that los¢ ole of elec- 
trons. (12.5) 

Equivalent mass |! of a sub- 
stance in grams ns or loses 
one mole of elk | a redox re- 
action. (12.5) 

Esters Compounds ‘!; © the general 
formula R'COO ere R’ can be 
H or an alkyl gr » aryl group 
and R is an alky! up or an aryl 
group. (23.2) 

Ether An organic com.und containing 
the R—O—R’ lin! (23.2) 
Evaporation The escape of molecules 

from the surface of a liquid; also 
called vaporization. (10.8) 
Excess reagents One or more reactants 


present in quantities greater than 
those needed to react with the quan- 
tity of the limiting reagent. (3.5) 

Excited level See excited state. 

Excited state A state that has higher 
energy than the ground state. (6.3) 

Exothermic processes Processes that 
give off heat to the surroundings. 
(4.2) 

Extensive property A property that 
depends on how much matter 1s 
being considered. (1.3) 

Family The elements in a vertical col- 
umn of the periodic table. (1.4) 

Faraday Charge contained in | mole of 
electrons, equivalent to 96,487 cou- 
lombs. (19.4) 

First law of thermodynamics Energy 
can be converted from one form to 
another, but cannot be created oF 
destroyed. (18.2) 


reaction A reaction whose 
nds on reactant concentra- 
d to the first power. (13.2) 
The emission of electro- 
radiation from an atom or 
. particularly in the visi- 
after an initial absorption 

m. (22.7) 

Fort ee The difference between 

» electrons in an isolated 

the number of electrons 

o that atom in a Lewis 

(8.7) 

onstant The equilibrium 

r the complex ion forma- 
5) 

Fraction! crystallization The separa- 
mixture of substances into 
mponents on the basis of 

{fering solubilities. (11.6) 
Fra »! distillation A procedure for 
» liquid components of a 
i that is based on their differ- 

viling points. (11.8) 

Free escrgy The energy available to do 

usetul work. (18.4) 

Frequency The number of waves that 
pass through a particular point per 
unit time. (6.1) 

Functional group That part of a mole- 
cule characterized by a special ar- 
rangement of atoms that is largely 
responsible for the chemical behav- 
ior of the parent molecule. (23.1) 

Gamma (y) rays High-energy radia- 
tion. (2.2) 

Gas constant (R) The constant that ap- 
pears in the ideal gas equation 
(PV = nRT). It is usually expressed 
as 0.08206 L+ atm/K + mol, — or 
8.314 J/K + mol. (5.4) 

Geometric isomers Compounds with 
the same type and number of atoms 
and the same chemical bonds but 
different spatial arrangements; such 
isomers cannot be interconverted 
without breaking a chemical bond. 
(22.4) 

Gibbs free energy See free energy. 

Glass The optically transparent fusion 
product of inorganic materials that 
has cooled to a rigid state without 
crystallizing. (10.7) 


First- 
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Graham’s law of diffusion Under the 
same conditions of temperature and 
pressure, rates of diffusion for gase- 
ous substances are inversely propor- 
tional to the square roots of their 
molar masses. (5.9) 

Gravimetric analysis An _ analytical 
procedure that involves the meas- 
urement of mass. (3.8) 

Ground level See ground state. 

Ground state The lowest energy state 
of a system. (6.3) 

Group The elements in a vertical col- 
umn of the periodic table, (1.4) 
Half-cell reactions Oxidation and _re- 
duction reactions at the electrodes. 

(19.2) 

Half-life The time required for the con- 
centration of a reactant to decrease 
to half of its initial concentration. 
(13.2) 

Half reaction A reaction that explicitly 
shows electrons involved in either 
oxidation or reduction. (12.1) 

Halogens The nonmetallic elements in 
Group 7A (F, Cl, Br, I, and At). 
(1.4) 

Hard water Water that contains Car* 
and Mg?* ions. (11.4) 

Heat Transfer of energy (usually ther- 
mal energy) between two bodies that 
are at different temperatures. (4.1) 

Heat capacity The amount of heat re- 
quired to raise the temperature of a 
given quantity of the substance by 
one degree Celsius. (4.4) 

Heat content See enthalpy. 

Heat of dilution The heat change asso- 
ciated with the dilution process. 
(4.7) 

Heat of hydration The heat change (ab- 
sorbed or released) associated with 
the hydration process. (4.7) 

Heat of solution See enthalpy of solu- 
tion. (4.7) 

Heisenberg uncertainty principle It is 
impossible to know simultaneously 
both the momentum and the position 
of a particle with certainty. (6.5) 

Henry’s law The solubility of a gas in a 
liquid is proportional to the pressure 
of the gas over the solution. (11.7) 
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Hess’s law When reactants are con- 
verted to products, the change in 
enthalpy is the same whether the 
reaction takes place in one step or in 
a series of steps. (4.5) 

Heterogeneous equilibrium An equi- 
librium state in which the reacting 
species are not all in the same phase. 
(14.3) 

Heterogeneous mixture The individual 
components of a mixture remain 
physically separated and can be seen 
as separate components. (1.3) 

Heteronuclear diatomic molecule A 
diatomic molecule containing atoms 
of different elements. (9.3) 

Homogeneous equilibrium An equilib- 
rium state in which all reacting spe- 
cies are in the same phase. (14.3) 

Homogeneous mixture The composi- 
tion of the mixture, after sufficient 
stirring, is the same throughout the 
solution. (1.3) 

Homonuclear diatomic molecule A 
diatomic molecule containing atoms 
of the same element. (9.3) 

Homopolymer Polymer that is made 
from only one type of monomer. 
(24.2) 

Hund’s rule The most stable arrange- 
ment of electrons in subshells is the 
one with the greatest number of par- 
allel spins. (6.9) 

Hybrid orbitals Atomic orbitals ob- 
tained when two or more nonequiva- 
lent orbitals of the same atom com- 
bine. (9.5) 

Hybridization The process of mixing 
the atomic orbitals in an atom (usu- 
ally the central atom) to generate a 
set of new atomic orbitals. (9.5) 

Hydrates Compounds that have a spe- 
cific number of water molecules at- 
tached to them. (2.9) 

Hydration A process in which an ion or 
a molecule is surrounded by water 
molecules arranged in a specific 
manner. (4.7) 

Hydrocarbons Compounds made up 
only of carbon and hydrogen. (23.1) 

Hydrogen bond A special type of di- 
pole—dipole interaction between the 
hydrogen atom bonded to an atom of 
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a very electronegative element (F, 
N, O) and another atom of one of the 
three electronegative elements. 
(10.2) 

Hydrogenation The addition of hydro- 
gen, especially to compounds with 
double and triple carbon-carbon 
bonds. (13.5) 

Hydrolysis The reaction of a substance 
with water that usually changes the 
pH of the solution. (16.5) 

Hydrophilic Water-liking. (24.3) 

Hydrophobic Water-fearing. (24.3) 

Hygroscopic Having a tendency to ab- 
sorb water. (20.5) 

Hypothesis A tentative explanation for 
a set of observations. (1.2) 

Ideal gas A hypothetical gas whose 
pressure-volume-temperature —_be- 
havior can be completely accounted 
for by the ideal gas equation. (5.4) 

Ideal gas equation An equation ex- 
pressing the relationships among 
pressure, volume, temperature, and 
amount of gas (PV = nRT, where R 
is the gas constant). (5.4) 

Ideal solution Any solution that obeys 
Raoult’s law. (11.8) 

Indicators Substances that have dis- 
tinctly different colors in acidic and 
basic media. (3.9) 

Induced dipole The separation of posi- 
tive and negative charges in a neu- 
tral atom (or a nonpolar molecule) 
caused by the proximity of an ion or 
a polar molecule. (10.2) 

Inert complex A complex ion that un- 
dergoes very slow ligand exchange 
reactions. (22.6) 

Inert pair effect The two relatively 
stable and unreactive outer s elec- 
trons. (20.8) 

Inorganic compounds Compounds 
other than organic compounds. (2.9) 

Insulator A substance incapable of con- 
ducting electricity. (20.3) 

Intensive property Properties that do 
not depend on how much matter is 
being considered. (1.3) 

Interhalogen compounds Compounds 
formed between two halogen ele- 
ments. (21.7) 

Intermediate A species that appears in 
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the mechanism of the reaction (that 
is, the elementary steps) but not in 
the overall balanced equation. (13.4) 

Intermolecular forces Attractive forces 
that exist among molecules. (10.2) 

Intramolecular forces Forces that hold 
atoms together in a molecule. (10.2) 

Ion A charged particle formed when a 
neutral atom or group of atoms gain 
or lose one or more electrons. (2.5) 

Ionic bond The electrostatic force that 
holds ions together in an ionic com- 
pound. (8.2) 

Ionic compound Any neutral com- 
pound containing cations and ani- 
ons. (2.5) 

Ionic equation An equation that shows 
dissolved ionic compounds in terms 
of their free ions. (3.3) 

Ionic radius The radius of a cation or an 
anion as measured in an ionic com- 
pound. (7.3) 

Ionization energy The minimum en- 
ergy required to remove an electron 
from an isolated atom (or an ion) in 
its ground state. (7.4) 

Ion pair A species made up of at least 
one cation and at least one anion 
held together by electrostatic forces. 
(11.9) 

Ion-dipole forces Forces that operate 
between an ion and a dipole. (10.2) 

Ion—product constant Product of hy- 
drogen ion concentration and hy- 
droxide ion concentration (both in 
molarity) at a particular tempera- 
ture. (15.3) 

Isoelectronic ons, or atoms and ions, 
that possess the same number of 
electrons, and hence the same 
ground-state electron configuration, 
are said to be isoelectronic. (7.2) 

Isolated system A system that does not 
allow the transfer of either mass or 
energy to or from its surroundings. 
(4.1) 

Isotopes Atoms having the same atomic 
number but different mass numbers. 
(2.3) 

Joule Unit of energy given by 
newtons X meters. (1.6) 

Kelvin temperature scale See absolute 
temperature scale. 


Ketones Compounds with a carbonyl 
functional group and the general for- 
mula RR’CO, where R and R’ are 
alkyl and/or aryl groups. (23.2) 

Kinetic energy Energy available be- 
cause of the motion of an object. 
(4.1) 

Labile complexes Complex ions that 
undergo rapid ligand exchange reac- 
tions. (22.6) 

Lanthanide series Elements that have 
incompletely filled 4f subshells or 
readily give rise to cations that have 
incompletely filled 4f subshells. 
(6.10) 

Lattice energy The energy required to 
completely separate one mole of a 
solid ionic compound into gaseous 
ions. (4.7) 

Lattice points The positions occupied 
by atoms, molecules, or ions that 
define the geometry of a unit cell. 
(10.4) 

Law A concise verbal or mathematical 
statement of a relationship between 
phenomena that is always the same 
under the same conditions. (1.2) 

Law of conservation of energy The 
total quantity of energy in the uni- 
verse is constant. (4.1) S| 

Law of conservation of mass Matter 
can be neither created nor destroyed. 
(2.1) 

Law of definite proportions Different 
samples of the same compound al- 
ways contain its constituent ele 
ments in the same proportions by 
mass. (2.7) 

Law of multiple proportions If two 
elements can combine to form more” 
than one type of compound, the 
masses of one element that combine 
with a fixed mass of the other ele- 
ment are in ratios of small whole 
numbers, (2.7) a 

Le Chatelier’s principle [If an external 
stress is applied to a system at equi” 
librium, the system will adjust itself 
in such a way as to partially offset 
the stress. (14.6) 7 

Leveling effect The inability of a SF 
vent to differentiate among the rela~ 
tive strengths of all acids stronget 


han the solvent’s conjugate acid. 
(15.4) 

Lewis acid A substance that can accept 
a pair of electrons. (15.7) 


Lewis base A substance that can donate 
pair of electrons. (15.7) 

Lewis dot symbol The symbol of an 
ment with one or more dots that 
present the number of valence 
ectrons in an atom of the element. 
1) 

Lewis structure A representation of 


valent bonding using Lewis sym- 

Shared electron pairs are 

hown either as lines or as pairs of 

(s between two atoms, and lone 

are shown as pairs of dots on 
lividual atoms. (8.4) 

Ligawet A molecule or an ion that is 

ended to the metal ion in a complex 
(22.3) 

‘ing reagent The reactant used up 

‘rst in a reaction. (3.5) 

Spectra produced when 

on is absorbed or emitted by 

tances only at some wave- 

lengths. (6.3) 

Liter The volume occupied by one 
cubic decimeter. (1.6) 

Lone pairs Valence electrons that are 
not involved in covalent bond for- 
mation. (8.4) 

Macroscopic properties Properties that 
can be measured directly. (1.5) 
Many-electron atoms Atoms that con- 

tain two or more electrons. (6.6) 

Mass A measure of the quantity of mat- 
ter contained in an object. (1.3) 

Mass defect The difference between the 
mass of an atom and the sum of the 
Masses of its protons, neutrons, and 
electrons. (25,2) 

Mass number (A) The total number of 
neutrons and protons present in the 
nucleus of an atom. (2.3) 

Matter Anything that occupies space 
and possesses mass. (1.3) 

Mean free path The average distance 
traveled by a molecule between suc- 
cessive collisions. (5.8) 

Melting point The temperature at which 
Solid and liquid phases coexist in 
equilibrium. (10.8) 


spectra 
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Metals Elements that are good conduc- 
tors of heat and electricity and have 
the tendency to form positive ions in 
ionic compounds. (1.4) 

Metalloid An element with properties 
intermediate between those of met- 
als and nonmetals. (1.4) 

Metallurgy The science and technology 
of separating metals from their ores 
and of compounding alloys. (20.2) 

Metathesis reaction A double displace- 
ment reaction. (3.3) 

Microscopic properties Properties that 
cannot be measured directly without 
the aid of a microscope or other spe- 
cial instrument. (1.5) 

Mineral A _ naturally occurring sub- 
stance with a characteristic range of 
chemical composition. (20.1) 

Miscible Two liquids that are com- 
pletely soluble in each other in all 
proportions are said to be miscible. 
(11.3) 

Mixture A combination of two or more 
substances in which the substances 
retain their identify. (1.3) 

Moderator A substance that can reduce 
the kinetic energy of neutrons. 
(25.5) 

Molality The number of moles of solute 
dissolved in one kilogram of sol- 
vent. (11.5) 

Molarity The number of moles of solute 
in one liter of solution. (3.7) 
Molar heat of fusion The energy (in 
kilojoules) required to melt one 

mole of a solid. (10.8) 

Molar heat of sublimation The energy 
(in kilojoules) required to sublime 
one mole of a solid. (10.8) 

Molar heat of vaporization The energy 
(in kilojoules) required to vaporize 
one mole of a liquid. (10.8) 

Molar concentration See molarity. 

Molar mass The mass (in grams or kil- 
ograms) of one mole of atoms, mol- 
ecules, or other particles. (2.3) 

Molar mass of a compound The mass 
(in grams or kilograms) of one mole 
of the compound. (2.4) 

Molar solubility The number of moles 
of solute in one liter of a saturated 
solution (mol/L). (17.1) 
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Mole The amount of substance that con- 
tains as many elementary entities 
(atoms, molecules, or other parti- 
cles) as there are atoms in exactly 12 
grams (or 0.012 kilograms) of the 
carbon-12 isotope. (2.3) 

Mole fraction Ratio of the number of 
moles of one component of a mix- 
ture to the total number of moles of 
all components in the mixture. (5.7) 

Mole method An approach for deter- 
mining the amount of product 
formed in a reaction. (3.4) 

Molecular equations Equations in 
which the formulas of the com- 
pounds are written as though all spe- 
cies existed as molecules or whole 
units. (3.3) 

Molecular formula An_ expression 
showing the exact numbers of atoms 
of each element in a molecule. (2.4) 

Molecular mass The sum of the atomic 
masses (in amu) present in the mole- 
cule. (2.4) 

Molecular orbital An orbital that re- 
sults from the interaction of the 
atomic orbitals of the bonding 
atoms. (9.7) 

Molecularity of a reaction The number 
of molecules reacting in an elemen- 
tary step. (13.4) 

Molecule An aggregate of at least two 
atoms in a definite arrangement held 
together by special forces. (2.4) 

Monatomic ion An ion that contains 
only one atom. (2.5) 

Monomer The single repeating unit of a 
polymer. (24.2) 

Monoprotic acid Each unit of the acid 
yields one hydrogen ion. (3.3) 
Multiple bonds Bonds formed when 
two atoms share two or more pairs 

of electrons. (8.4) 

Net ionic equation An equation that 
indicates only the ionic species that 
actually take part in the reaction. 
(3.3) 

Neutralization reaction A reaction be- 
tween an acid and a base. (3.3) 

Neutron A subatomic particle that bears 
no net electric charge. Its mass is 
slightly greater than that of the pro- 
ton. (2.2) 
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Newton The SI unit for force. (1.6) 

Nitrogen fixation The conversion of 
molecular nitrogen into nitrogen 
compounds. (21.5) 

Noble gases The nonmetallic elements 
in Group 8A (He, Ne, Ar, Kr, Xe, 
and Rn). With the exception of he- 
lium, these elements all have com- 
pletely filled p subshells. (The 
elctron configurations are 1s? for 
helium and ns?np® for the other 
noble gases, where n is the principal 
quantum number for the outermost 
shell.) (7.2) 

Nonbonding electrons Valence elec- 
trons that are not involved in cova- 
lent bond formation. (8.4) 

Nonelectrolyte A substance that, when 
dissolved in water, gives a solution 
that is not electrically conducting. 
(3.2) 

Nonmetals Elements that are usually 
poor conductors of heat and electric- 
ity. (1.4) 

Nonpolar molecule A molecule that 
does not possess a dipole moment. 
(9.3) 

Nonvolatile Does not have a measura- 
ble vapor pressure. (11.8) 

Normality The number of equivalents 
of an oxidizing agent or a reducing 
agent per liter of solution. (12.5) 

n-Type semiconductors Semiconduc- 
tors that contain donor impurities. 
(20.3) 

Nuclear binding energy The energy 
required to break up a nucleus into 
its component protons and neutrons. 

Nuclear chain reaction A self-sustain- 
ing sequence of nuclear fission reac- 
tions. (25.5) 

Nuclear fission A heavy nucleus (mass 
number > 200) divides to form 
smaller nuclei of intermediate mass 
and one or more neutrons. (25.5) 

Nuclear fusion The combining of small 
nuclei into larger ones. (25.6) 

Nuclear transmutation The change 
undergone by a nucleus as a result of 
bombardment by neutrons or other 
nuclei. (25.1) 

Nucleotide The repeating unit in each 
strand of a DNA molecule which 
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consists of a base—deoxyribose— 
phosphate linkage. (24.4) 

Nucleus The central core of an atom. 
(2.2) 

Octane number A measure of gaso- 
line’s tendency to cause knocking. 
(23.2) 

Octet rule An atom other than hydrogen 
tends to form bonds until it is sur- 
rounded by eight valence electrons. 
(8.6) 

Open system A system that can ex- 
change mass and energy (usually in 
the form of heat) with its surround- 
ings. (4.1) 

Optical isomers Compounds that are 
nonsuperimposable mirror images. 
(22.4) 

Orbital See atomic orbital and molecu- 
lar orbital. 

Ore The material of a mineral deposit in 
a sufficiently concentrated form to 
allow economical recovery of a de- 
sired metal. (20.1) 

Organic chemistry The branch of 
chemistry that deals with carbon 
compounds. (23.1) 

Organic compounds Compounds that 
contain carbon, usually in combina- 
tion with elements such as hydro- 
gen, oxygen, nitrogen, and sulfur. 
(2.9) 

Osmosis The net movement of solvent 
molecules through a semipermeable 
membrane from a pure solvent or 
from a dilute solution to a more con- 
centrated solution. (11.8) 

Osmotic pressure The pressure re- 
quired to stop osmosis from pure 
solvent into the solution. (11.8) 

Overvoltage The additional voltage 
required to cause electrolysis. (19.8) 

Oxidation number The number of 
charges an atom would have in a 
molecule if electrons were trans- 
ferred completely in the direction 
indicated by the difference in elec- 
tronegativity. (12.2) 

Oxidation reaction The half-reaction 
that involves the loss of electrons. 
(12.1) 

Oxidation state See oxidation number. 

Oxidizing agent A substance that can 


accept electrons from vnother sub- 
stance or increase oxidation 
numbers in anol! substance. 
(12.1) 

Oxoacid Acids contai hydrogen, 


oxygen, and an 
central element) 

Oxoanion Anion ed from 
oxoacids. (2.9) 


iement (the 


Packing efficiency ge of the 
unit cell space od by the 
spheres. (10.4) 

Paramagnetic Attra: a magnet. 


ice contains 
electrons. 


A paramagneti 
one or more 
(6.9) 


Partial pressure |) one com- 
ponent in a mixtu eases. (5.7) 

Pascal A pressure vewton per 
square meter (| (1.6) 

Pauli exclusion pri: o two elec- 
trons in an atom e the same 


four quantum nur (6.9) 

Percent composition }y «ass The per- 
cent by mass of ea: element in a 
compound. (2.6) 


Percent composition »y weight See 


percent composition by mass. 
Percent ionization Ratio of ionized 
acid concentration at equilibrium to 
the initial concentration of acid. 


(15.4) 

Percent yield The ratio of actual yield 
to theoretical yield, multiplied by 
100%. (3.6) 

Period A horizontal row of the periodic 
table. (1.4) 

Periodic table A tabular arrangement of 
the elements. (1.4) 

pH The negative logarithm of the hy- 
drogen ion concentration. (15.3) 

Phase change Transformation from one 
phase to another. (10.8) 

Phase diagram A diagram showing the 
conditions at which a substance 
exists as a solid, liquid, or vapor. 
(10.9) 

Photon A particle of light. (6.2) 

Physical equilibrium An equilibrium in 
which only physical _ properties 
change. (14.2) 

Physical property Any property of a 
substance that can be observed with- 


ransforming the substance into 
e other substance. (1.3) 
Pi | A covalent bond formed by 
yvays overlapping orbitals; its 
mn density is concentrated 
ve and below the plane of the 
‘i of the bonding atoms. (9.6) 
cular orbital A molecular or- 
n which the electron density is 
nirated above and below the 
vining the two nuclei of the 
ling atoms. (9.7) 
slarized light Light in which 
cetric field and magnetic field 
nents are confined to specific 
nes. (22.4) 
\ state of matter in which a 
5 system consists of positive 
id electrons. (25.6) 
yecule A molecule that pos- 
a dipole moment. (9.3) 
Polariiseter The instrument for study- 
i ‘eraction between plane-polar- 
tux light and chiral molecules. 
(22.4) 
Polariz 
lees 


Pi 1 


Plane 


Plasm: 


Polai 


The ease with which the 
on density in a neutral atom (or 
molecule) can be distorted. (10.2) 
Pollutant A substance that is harmful to 
the ogical environment. 
Polyatomic ion An ion that contains 
more than one atom, (2.5) 
Polyatomic molecule A molecule that 
consists of more than two atoms. 
(2.4) 
Polymer 


vility 


A chemical species distin- 
guished by a high molar mass, rang- 
ing into thousands and millions of 
grams. (24.1) 

Potential energy Energy available by 
virtue of an object’s position. (4.1) 

Precipitate An insoluble solid that sep- 
arates from the solution. (3.3) 

Precision The closeness of agreement 
of two or more measurements of the 
same quantity. (1.7) 

Pressure Force applied per unit area. 
(1.6) 

Product The substance formed as a re- 
Sult of a chemical reaction. (3.1) 

Proton A subatomic particle having a 
Single positive electric charge. The 
mass of a proton is about 1840 times 
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that of an electron. (2.2) 

Prosthetic group A part of protein 
structure not made up of amino 
acids. (24.3) 

p-Type semiconductors —Semiconduc- 
tors that contain acceptor impurities. 
(20.3) 

Pyrometallurgy Metallurgical _ proc- 
esses that are carried out at high 
temperatures. (20.2) 

Qualitative Consisting of general ob- 
servations about the system. (1.2) 

Qualitative analysis The determination 
of the types of ions present in a solu- 
tion. (3.7) 

Quantitative Comprising numbers ob- 
tained by various measurements of 
the system. (1.2) 

Quantitative analysis The determina- 
tion of the amount of substances 
present in a sample. (3.7) 

Quantum The smallest quantity of en- 
ergy that can be emitted (or ab- 
sorbed) in the form of electromag- 
netic radiation. (6.1) 

Racemic mixture An equimolar mix- 
ture of the two enantiomers. (22.4) 

Radiation The emission and transmis- 
sion of energy through space in the 
form of waves. (2.2) 

Radical Any neutral fragment of a mol- 
ecule containing an unpaired elec- 
tron. (23.1) 

Radioactivity The spontaneous break- 
down of an atom by emission of par- 
ticles and/or radiation. (2.2) 

Raoult’s law The partial pressure of the 
solvent over a solution is given by 
the product of the vapor pressure of 
the pure solvent and the mole frac- 
tion of the solvent in the solution. 
(11.8) 

Rare earth series Sce lanthanide series. 

Rare gases See noble gases. 

Rate constant Constant of proportion- 
ality between the reaction rate and 
the concentrations of reactants. 
(13.1) 

Rate law An expression relating the rate 
of a reaction to the rate constant and 
the concentrations of the reactants. 
(13.2) 

Rate-determining step The slowest 


A23 


step in the sequence of steps leading 
to the formation of products. (13.4) 

Reactants The starting substances in a 
chemical reaction. (3.1) 

Reaction mechanism The sequence of 
elementary steps that leads to prod- 
uct formation. (13.4) 

Reaction order The sum of the powers 
to which all reactant concentrations 
appearing in the rate law are raised, 
(13.2) 

Reaction quotient A number equal to 
the ratio of product concentrations to 
reactant concentrations, each raised 
to the power of its stoichiometric 
coefficient at some point other than 
equilibrium. (14.5) 

Reaction rate The change in the con- 
centration of reactant or product 
with time. (13.1) 

Redox reaction A reaction in which 
there is either a transfer of electrons 
or a change in the oxidation numbers 
of the substances taking part in the 
reaction. (12.1) 

Reducing agent A substance that can 
donate electrons to another sub- 
stance or decrease the oxidation 
numbers in another substance. (12.1) 

Reduction reaction The half-reaction 
that involves the gain of electrons. 
(12.1) 

Representative elements Elements in 
Groups IA through 7A, all of which 
have incompletely filled s or p sub- 
shell of highest principal quantum 
number, (7.2) 

Resonance The use of two or more 
Lewis structures to represent a par- 
ticular molecule. (8.8) 

Resonance form See resonance struc- 
ture. (8.8) 

Resonance structure One of two or 
more alternative Lewis structures for 
a single molecule that cannot be de- 
scribed fully with a single Lewis 
structure, (8.8) 

Reverse osmosis A method of desalina- 
tion using high pressure to force 
water through a semipermeable 
membrane from a more concentrated 
solution to a less concentrated solu- 
tion. (11.9) 
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Reversible reaction A reaction that can 
occur in both directions. (3.2) 

Salt An ionic compound made up of a 
cation other than H* and an anion 
other than OH™ or 07>. (3.3) 

Salt hydrolysis The reaction of the 
anion or cation, or both, of a salt 
with water. (16.5) 

Saponification Soapmaking. (23.2) 

Saturated hydrocarbons — Hydrocar- 
bons that contain only single cova- 
lent bonds. (23.1) 

Saturated solution At a given tempera- 
ture, the solution that results when 
the maximum amount of a substance 
has dissolved in a solvent. (11.6) 

Scientific method A systematic ap- 
proach to research. (1.2) 

Second law of thermodynamics The 
entropy of the universe increases in 
a spontaneous process and remains 
unchanged in an equilibrium proc- 
ess. (18.3) 

Second-order reaction A_ reaction 
whose rate depends on reactant con- 
centration raised to the second 
power or on the concentrations of 
two different reactants, each raised 
to the first power. (13.2) 

Semiconducting elements Elements 
that normally cannot conduct elec- 
tricity, but can have their conductiv- 
ity greatly enhanced either by rais- 
ing the temperature or by adding 
certain impurities. (20.3) 

Semipermeable membrane A mem- 
brane that allows solvent molecules 
to pass through, but blocks the 
movement of solute molecules.(11.8) 

Sigma bond A covalent bond formed by 
orbitals overlapping end-to-end; it 
has its electron density concentrated 
between the nuclei of the bonding 
atoms. (9.6) 

Sigma molecular orbital A molecular 
orbital in which the electron density 
is concentrated around a line be- 
tween the two nuclei of the bonding 
atoms. (9.7) 

Significant figures The number of 
meaningful digits in a measured or 
calculated quantity. (1.7) 

Silanes Binary compounds containing 
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silicon and hydrogen. (21.4) 

Silicates Compounds whose anions 
consist of Si and O atoms. (21.4) 

Simple protein Protein that contains 
only amino acids. (24.3) 

Soft water Water that is mostly free of 
Ca?* and Mg?* ions. (11.4) 

Solubility The maximum amount of 
solute that can be dissolved in a 
given quantity of solvent at a spe- 
cific temperature. (11.4) 

Solubility product The product of the 
molar concentrations of the constitu- 
ent ions, each raised to the power of 
its stoichiometric coefficient in the 
equilibrium equation. (17.1) 

Solute The substance present in smaller 
amount in a solution. (3.2) 

Solution A homogeneous mixture of 
two or more substances. (3.2) 

Solvent The substance present in larger 
amount in a solution. (3.2) 

Specific heat The amount of heat en- 
ergy required to raise the tempera- 
ture of one gram of the substance by 
one degree Celsius. (4.4) 

Spectator ions [ons that are not in- 
volved in the overall reaction. (3.3) 

Spectrochemical series A list of li- 
gands arranged in order of their abil- 
ities to split the d-orbital energies. 
(22.5) 

Stability constant See formation con- 
stant. 

Standard emf The sum of the standard 
reduction potential of the substance 
that undergoes reduction and the 
oxidation potential of the substance 
that undergoes oxidation. (19.3) 

Standard enthalpy of formation The 
heat change that results when one 
mole of a compound is formed from 
its elements in their standard states. 
(4.6) 

Standard enthalpy of reaction The 
enthalpy change when the reaction is 
carried out under standard state con- 
ditions. (4.6) 

Standard oxidation potential The volt- 
age measured as oxidation occurs at 
the electrode when all solutes are 
1M and all gases are at 1 atm. 
(19.3) 


Standard reduction potential The 
voltage measured as a reduction re- 
action occurs at the electrode when 
all solutes are | M and all gases are 
at 1 atm. (19.3) 

Standard solution 
rately known concentration. (3.9) 

Standard state The condition of | atm 
of pressure. (4.6) 

Standard temperature and pressure 


A solution of accu- 


(STP) O°C and | atm. (5.4) 
State function A property that is deter- 
mined by the state of the system. 
(18.1) 
State of a system The values of all per- 
tinent macroscopic variables (for 


example, composit volume, 
pressure, and temperature) of a sys- 
tem. (18.1) 


Static equilibrium 4 state in which no 
changes are taking place either at the 
macroscopic, observable level or at 
the molecular leve! 

Stereoisomerism — Thx 
two or more compounds with the 
same types and numbers of atoms 
and the same chemical bonds but 
different spatial arrangements. 
(22.4) 

Stereoisomers Compounds possessing 
the same formula and bonding ar- 
rangement but different spatial ar- 
rangements of atoms. (22.4) 

Stoichiometric amounts The exact 
molar amounts of reactants and 
products that appear in the balanced 
chemical equation. (3.5) 

Stoichiometry The mass relationships 
among reactants and products in 
chemical reactions. (3.4) 

Structural isomers Molecules that have 
the same molecular formula but dif- 
ferent structures. (23.1) 

Sublimation The process in which mol- 
ecules go directly from the solid into 
the vapor phase. (10.8) 

Substance A form of matter that has a 
definite or constant composition (the 
number and type of basic units pres- 
ent) and distinct properties. (1.3) _ 

Superconductivity The loss of electr!- 
cal resistance in certain metals, al- 
loys, and compounds at low temper 


occurrence of 


tures. (21.8) 

Suwpercooling Cooling of a liquid below 

its freezing point without forming 

the solid. (10.8) 

saturated solution A_ solution 
that contains more of the solute than 

s present in a saturated solution. 
(11.6) 

Surface tension The amount of energy 
squired to stretch or increase the 
urface of a liquid by a unit area. 
(10.3) 

Surroundings The rest of the universe 

outside the system. (4.1) 

tem Any specific part of the uni- 

verse that is of interest to us. (4.1) 

Yermolecular reaction An elementary 
step that involves three molecules. 
13.4) 

fermary acid An acid that contains 
three different elements. (15.5) 

‘Yersary compounds Compounds con- 

sting of three elements. (2.9) 

tical yield The amount of prod- 

{ predicted by the balanced equa- 

tion when all of the limiting reagent 

has reacted. (3.6) 

A unifying principle that ex- 
plains a body of facts and the laws 
that are based on them. (1.2) 

Thermal energy Energy associated 
with the random motion of atoms 
and molecules. (4.1) 

Thermal pollution The heating of the 
environment to temperatures that are 
harmful to its living inhabitants. 
(11.6) 

Thermochemical equation An equa- 
lion that shows both the mass and 
enthalpy relations. (4.3) 

Thermochemistry The study of heat 
changes in chemical reactions. (4.2) 

Thermodynamics The scientific study 


Sepe: 


Theory 
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of the interconversion of heat and 
other forms of energy. (18.1) 

Thermonuclear reactions Nuclear fu- 
sion reactions that occur at very high 
temperatures. (25.6) 

Titration The gradual addition of a so- 
lution of accurately known concen- 
tration to another solution of un- 
known concentration until — the 
chemical reaction between the two 
solutions is complete. (3.9) 

Tracers Isotopes, especially radioactive 
isotopes, that are used to trace the 
path of the atoms of an element in a 
chemical or biological process. 
(25.7) 

Transition metals Elements that have 
incompletely filled d subshells or 
readily give rise to cations that have 
incompletely filled d  subshells. 
(6.10) 

Transuranium elements Elements with 
atomic numbers greater than 92. 
(25.4) 

Triple point The point at which the 
vapor, liquid, and solid states of a 
substance are in equilibrium. (10.9) 

Unimolecular reaction An elementary 
step in which only one reacting mol- 
ecule participates. (13.4) 

Unit cell The basic repeating unit of the 
arrangement of atoms, molecules, or 
ions in a crystalline solid. (10.4) 

Unsaturated hydrocarbons Hydrocar- 
bons that contain carbon—carbon 
double bonds or carbon-carbon tri- 
ple bonds. (23.1) 

Unsaturated solution A solution that 
contains less solute than it has the 
capacity to dissolve. (11.6) 

Valence electrons The outer electrons 
of an atom, which are those in- 
volved in chemical bonding. (7.2) 
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Valence shell The outermost electron- 
occupied shell of an atom, which 
holds the electrons that are usually 
involved in bonding. (9.2) 

Valence-shell electron-pair repulsion 
(VSEPR) model A model that ac- 
counts for the geometrical arrange- 
ments of shared and unshared elec- 
tron pairs around a central atom in 
terms of the repulsions between 
electron pairs. (9.2) 

Valence-shell expansion The use of d 
orbitals in addition to s and p orbit- 
als to form covalent bonds. (9.5) 

Van der Waals forces The dipole— 
dipole, dipole—induced dipole, and 
dispersion forces. (10.2) 

Van der Waals radius One-half the dis- 
tance between two equivalent non- 
bonded atoms in their most stable 
arrangement. (10.2) 

Vaporization The escape of molecules 
from the surface of a liquid; also 
called evaporation. (10.8) 

Viscosity A measure of a fluid’s resist- 
ance to flow. (10.3) 

Volatile Has a measurable vapor pres- 
sure. (11.8) 

Wave A vibrating disturbance by which 
energy is transmitted. (6.1) 


Wavelength The distance between 
identical points on successive 
waves. (6.1) 


Weight The force that gravity exerts on 
an object. (1.3) 

X-ray diffraction The scattering of X 
rays by the units of a regular crystal- 
line solid. (10.5) 

Yield of the reaction The quantity of 
product obtained from the reaction. 
(3.6) 


ANSWERS TO 


SELECTED 


NUMERICAL PROBLEMS 


Chapter 1 


1.29 11.4 g/cm) 1.30 1.30 x 10° g 

1.33 (a) 35°C, (b) —11°C, (c) 38.9°C, (d) 1011°C 
1.35 —40° 1.43 (a) 10.6 m, (b) 0.79 g, 

(c) 16.5 cm?, (d) 1.28 1.46 1.10 x 10° mg 

1.50 8.3 min 1.53 2.5 x 10° kg/month 

1.66 (a) 8.08 x 10* g, (b) 1.4 x 10% g, (c) 39.9 g 
1.68 31.35cm> 1.69767 mph 


Chapter 2 


2.30 35.45 amu 
2.39 (a) 3.33 X 10°” g/atom, (b) 3.35 x 10-7 g/atom, 
(c) 1.24 X 10° g/atom, (d) 3.44 X 1077? g/atom 

2.57 893.5 amu 2.58 89 e/mol 2.62 8.56 X 
10°? molecules pa 
O: 2.90 x 107 2.81 C: 10.06%; H: 0.844%; Cl: 
89.07% 2.85 0.308 mole 2.88 (a) H2SO4, 

(b) AICI;, (c) CH,0, (d) KCN 2.100 CHCl 

2.117 Chlorophyll 2.118 — (c) < (a) < (b) 

2.119 103.3 amu 


2.36 4.3.x 10% ¢ 


97 


Chapter 3 


3.26 1.3 107 tons 3.28 0.0581 g 
mole 3.32 9.40g = 3.33.—-2.88 moles 
3.39 13.3g 3.47(a) 7.05 g, (b) 92.9% 
3.50 56.0g 3.52 6.00 x 10-7 mole 
3.54 10.8 g 3.57 (a) 1.37 M, (b) 0.426 M, 
(c) 0.716M 3.60 (a) 1.40 M, (b) 4.96 g 

3.65 0.0433 M 3.67 126mL 3.69 1.09M 


3.30 0.300 


3.71 0.215 g 3.73 35.72% 3.79 (a) 42.78 mL, 


(b) 158.5 mL, (c) 79.23 mL 3.83 X,0; 
3.85 89.7% 3.87 CrCl, 3.88 Mg3N> 
3.96 2 3.97 NaCl: 43.97%; KCI: 56.03% 
3.98 24.02 


Chapter 4 


4.19 0.237 S/g-°C 4.21 7.28 x 10° KJ 
4.23 50.8°C 4.26 24.8 kJ/g; 603 kJ/mol 
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2.67" (CP 3.17 X 107: He 5:81" x10": 


4.27 5337 JC 4.30 0.30 kJ 4.32 238.7 kJ/ 
mol 4.35 (a) —65.2 kJ, (b) —9.0 kJ 4.44 3.93 xX 
10° kJ 4.51 (a) —571.6 kJ, (b) ~2 j 

(c) —1411 kJ, (d) —1124 kJ 4.53 3 < 104 kJ 
4.54 218.2 kJ/mol 4.56 —4.51 kJ 


Chapter 5 


5.20 1.30 10?mL 5.22 457 mm! 

5.26 44.1 L 5.30 CIF; 5.36 0.43 mole 
5.38 20L 5.40 472°C 5.44 f 

5.46 33.6mL 5.48 6.1 X 10-4 aim 5.51 2.9 
10'° molecules 5.54 (a) 0.545 L, (b) 10° L, 
(c) 8.1 X10?L 5.56 C4HiO 5.66 3.88L 
5.63 0.0701 M 5.66 94.7% 5.72. Pon; 
0.54 atm: Pe,y,: 0.44 atm; Pey,: 0.51 atm 

5.76 0.45g 5.88 No: 435 m/s; Op: 407 m/s; Os: 
332 m/s 5.96 13g 5.98 HI<Kr< ClO, < 
PH; < NH3; 2.74 5.105 18.0 atm; ideal: 18.5 atm 


Chapter 6 


6.7 3.5 X 10° nm; 5.30 x 107 Hz = 6.91.50 X 
107s 6.16 3.19X 107" J 6.19 1.2 X 10? nm; 
UV region 6.34. (a) 1.4 X 10? nm, (b) 5.0 X LOT 
(c) 2.0 10? nm = 6.36 3.027 x 10°" J 

6.37 6.17 X 10'* Hz; 4.86 X 10? nm 

6.44 9.90nm 6.46 1.7 10°77 nm 

6.94 463 nm (blue) 


Chapter 7 


7.47 -199.4°C 7.51 (a) 1.30 x 10!° Hz; 231 nm; 
(b) 3.14 x 10! Hz: 95.8 nm; (c) 5.94 x 10!° Hz: 
50.5nm 7.58 5.25 10? kJ/mol 7.59 (a) 4.73 * 
10* kI/mol, (b) 8.43 X 10° kJ/mol 7.83 76.7% 


Chapter 8 


8.25 788 kJ 8.76 392 kJ/mol 8.78 (a) —119 KJ. 
(b) —137 kJ 8.82 (a) 225 kJ, (b) 163 KJ, 
(c) 71 kJ 
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Chap { 

10.5 10.56 458 pm 10.57 361 pm 
10.67 n 10.68 0.220 nm 10.95 169 kJ 
10.1 nmHg 10.119 30.7 kJ/mol 

Ch 

Il. 3%, (b) 16.9%, (c) 13% 

1 0618 m, (b) 2.03 m 11.27 (a) 1.74 m, 
(b 6.99 m 11.29 5.0 x 10? m; 18.3 M 
11.39 11.47 1.0x 103M 

II. mHg 11.68 1.3 x 10° g 

11 11.77 3.93 L; 105.6°C 

I1.% C4HgO4 11.84 32.9 atm 

11% ; 11.97 (a) —10.0°C, 102.8°C; 

(b) 102.0°C 11.98 0.9420 m 

11 im 11.109 34 atm 

Ch 

12 M 12.32 45.1% 12.34 % of molar 
ma 13 g 12.36 0 12.40 0.5530 N; 


0. ' 12.50 1.67 g 


13.47 10°° M/s 13.20 0.0895 min”! 

13.26 (2) rate = kIXP[Y], (b) 0.13 M/s 

13.31 36 min 13.44 135 kJ/mol 13.45 3.0x 
10° s 13.46 371°C 


Chapter 14 


14.13 1.08 x 107 14,15 (a) 0.082, (b) 0.29 

14.17 K.: 2.6 X 10%; Kp: 3.2% 10? = 14.19 3.53 X 
10°? 14.23 Kp: 0.0231; Ke: 9.60 x 1074 

14.25 Kp: 9.3 x 107%: K,: 3.8 X 107¢ 14.30 4.7 x 
10° 14.34 0.64/M?-s 14.39 347 atm 

14.41 0.173 mole 14.45 Peoc,: 0.408 atm; Pco: 
0.352 atm; Po: 0.352 atm i 
0.05 M, [H,O]: 0.11 M, [CO]: 0.11 M 
0.12 atm; Pxo: 0.24 atm; (b) 1.7 x 1077 


14.68 (a) Per: 


Chapter 15 


15.23 (a) 3.8 x 1073 M, (b) 6.2 x 107!? M, (c) 1.1 x 
10°" M, (d) 1.0* 10° M 15.25 (a) 3.00, 
(b) 13.89, (c) 10.74, (d) 3.28 15.30 2.2x 10° 


Chapter 16 


16.7 2.2x 10-6 16.9 [H*]: 5.8 x 10-4 M; 
ICH3COO~}: 5.8 x 1074 M; [CH;COOH]: 0.018 M 

16.11 (a) 1.8%, (b) 43% 16.18 (a) 11.11, (b) 8.96, 
(c) 12.03 16.20 0.15M 16.26 [H*]: 1.0 x 
104 M; [HCO3]: 1.0 x 1074 M; [CO3]: 4.8 x 


14.49 [Hp]; 0.05 M, [CO2]: 


10°" M 16.36 9.15 16.40 7.4x 10 %¢ 
16.46 (a) [H*]: 1.3 x 10°* M; [CH3;COO }: 1.3 
1073 M; (b) [H*]: 0.10 M; [CH;COO~]: 1.8 x 107° M 
16.56 10 16.59 4.54 16.61 9.25; 9.18 
16.64 0.25M 16.66 89g 16.68 (a) 2.19, 
(b) 3.95, (c) 11.39 16.78 Red 16.83 4.0 x 
10-2 16.86 0.330¢CO, 16.87 2 


Chapter 17 


17.7 (a) 7.8 X 107", (b) 2.0 x 107"4, (c) 1.8 Xx 

10-'8 «17.11 (a) 1.8 X 1077 M, (b) 2.2 x 10°49 M 
17.14 No — 17.17. [Na*]: 0.045 M; [NOs ]: 0.076 M; 
[Sr2*]: 1.5 x 107? M; [F7]: 1.2 x 10-4 M 

17.18 (a) Agl, (b) 1.6 X 10°’ M, (c) 1.6 x 10°7% 
17.25 (a) 1.7 X 10-4 g/L, (b) 1.4 X 1077 g/L 

17.30 2.4x 10° — 17.34 (a) 0.016 M, (b) 1.6 x 
10-°M 17.36 Yes 17.42 [Cd?*]: 1.1 x 10°'* M, 
[CN™]: 0.48 M; [Cd(CN)}- J: 4.2 * 10-3 M 


Chapter 18 


18.8 —198J 18.10 —44.35 kJ/mol 

18:13. —1.04% 1073. 18.15; —3.1 kK) 

18.34 (a) 173.4 kJ, (b) 8.6 kJ, (c) —2470 kJ, 

(d) —1139 kJ, (e) —140 kJ 18.37 56.0 J/K 

18.42 0.350 18.47 (a) —106.4 kJ, 4.5 x 10'%; 
53.22 kJ, 2.1 X 10? 18.49 (a) 39 kJ, 1 x 1077; 


(b) 48 kJ 18.54. 4.8 x 1077 atm 

Chapter 19 

19.9 2.46V 19.21 (a) 2x 10'%, (b) 3.x 10°, 
(c) 4X 10% = 19.23. (a) —432 kJ, 6 x 10”; 


(b) —104 kJ, 2 x 10'*; (c) —178 kJ, 1 x 10°); 

(d) -1.27 x 10? kJ, 1x 10° = 19.28 1.09 V 

19.30 0.083 V 19.32 <6.0x 10° 

19.38 1.09V 19.47 0.012F = 19.51 5.33 g Cu, 
13.4g¢Br 19.55 1.84kg/hr 19.59 27.18 

19.69 (a) 3.14 V, (b) 3.13 V 19.71 (a) 0.39 V, 
(b) 4x 10'7 19.75 2.5 10? hr 19.76 Hg3" 


Chapter 20 

20.13 Ky: 4.5 10° 20,18 (a) 8.9 x 10'? cm’, 
(b) 4.0 10° kg =. 20.34 5.59 L 

20.38 (a) 117.6 kJ, (b) 177.8 kJ; MgCO3 

20.65 17.9% 20.76 14kJ, 4x 10% 

20.79 6.49% 


Chapter 21 


2.15 ilkg 21.23 ByHiy 21.42 379g 
21.68 (a) 86.7 kI/mol, (b) 4 x 10°71, (c) 4x 10 
21.75 Ps, 125 g/mol 21.88 (b) 0.371 L 
21.99 26x10? g 21.107 25.3 L 
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Chapter 22 

22.49 1.4 10? = 22.52. 6.7 x 10'3, —79 kJ 
22.54 3 x 10" 

Chapter 23 


23.23 —630.8 kJ 23.44 —174 kJ 23.48 8.4 x 
10°L 23.51 (a) C: 15.81 mg, H: 1.33 mg, O: 
3.49 mg; (b) C6He¢O 


Chapter 25 


25.16 2.8 10" g/cm? = 25.21. —4.85 « 1072 kg/mol 
H, 25.23 (a) 6.30 x 10°'* J, 9.00 x 10° J/nucleon; 
(b) 4.92 x 107!" J, 1.41 x 107! J/nucleon: ‘c) 4.54 x 
107'? J, 1.14 x 107!? J/nucleon; (d) 2.63 * [07 '9 J, 

1.26 x 107"? J/nucleon 25.26 4.89 « 10!” 

25.32 3.0 10’ yr 25.54 (b) 70.5 disintegrations/ 
min 
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Page | vurtesy of The American Chemical Society. FIGURE 1.2: 

Mark Antiaw The Image Works. FIGURE 1.3: Both, Random House 

photos by Ken Karp. FIGURE 1.9: Courtesy of Mettler Instrument 

oo FIGURE 1.10: Courtesy of The American Museum of 
atura ry 
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Page 43; Courtesy of RCA. FIGURE 2.3: Both, Random House photos 
by Ken | p. FIGURES 2.7 and 2.16: Both, Random House photos by 
Ken Karp. *iGURE 2.17: a, Random House photo by Ken Karp. b, 


Courtesy of Diamond Information Center. 
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Page 8% James Scherer, Boston, Mass. FIGURE 3.3: All, Random 


House photos by Ken Karp. FIGURES 3.4, 3.5, 3.6, 3.7, and 3.9: All 
Random Hor photos by Ken Karp. FIGURE 3.10: Joel Gordon. 
FIGURES 3.11 and 3,12: All, Random House photos by Ken Karp. 
FIGURE 3.17: All, Joel Gordon. FIGURE 3.19: Both, Random House 


photos by Ken Karp. FIGURE 3.20: Dr. E. R. Degginger. 
FIGURE 3.21: Random House photo by Ken Karp. FIGURE 3.23: 
aa Heilman Photography. FIGURE 3.24: Courtesy 
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Page 135: Courtesy of Sandia National Laboratories, photo by Cary 
hin. FIGURE 4.2: UPI/Bettmann Newsphotos. FIGURE 4.6: All, 
Random House photos by Ken Karp. FIGURE 4.8: Dr. E. R. Deg- 
ginger. FIGURE 4.14: Courtesy of T. Eisner and Daniel Aneshansley, 
Cornell University. FIGURE 4.17: Courtesy of Physicians and Nurses 
Manufacturing Corporation, Larchmont, N.Y. 
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eee: Courtesy of General Motors Research Laboratory. 
From a 5.13: Random House photo by Ken Karp. FIGURE 5.15: 
Th $4 ne Chemisty of Oxygen by James B. Ifft and Julian L. Roberts, 
ee ed. I 975; this is #1228 of the Laboratory Studies in General 
ee aie ec Franz/Malm’s Essentials of Chemistry in the Labora- 
FIGUR ed., 1975, W. H. Freeman and Company, copyright © (1975). 

E 5.17; Jeff Rotman. FIGURE 5.22: Both, Random House 


photos by Ken Karp. FIGURE 5.23: James L. Ruhle & Associates, 
ullerton, Calif. 
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Page ; S 
Gea 217: Terry E. SchmidV/TIARA Observatory. FIGURE 6.7: Joel 
on. FIGURE 6.12: Helium, neon, and sodium, Random House 
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photos by Ken Karp; mercury, Joel Gordon. FIGURE 6.15: Phil Deg- 
ginger. FIGURE 6.17: by permission of Sargent-Welch Scientific 
Company, Skokie, Ill. FIGURE 6.18: Reproduced with permission of 
Michael Isaacson, David Kopf, Mituso Ohsuki, and Mark Utlaut. 
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Page 263: Science Museum, London. FIGURE 7.12: Sodium, Random 
House photo by Ken Karp; magnesium and aluminum, L. V. Bergman 
& Associates; silicon, Frank Wing/Stock, Boston; phosphorus, Life 
Science Library/MATTER, photo by Albert Fenn © 1963 Time-Life 
Books, Inc.; sulfur, L. V. Bergman & Associates; chlorine and argon, 
Random House photos by Ken Karp. FIGURE 7.19: Lithium and so- 
dium, Random House photos by Ken Karp; potassium, Life Science 
Library/MATTER, photo by Albert Fenn © 1963 Time-Life Books, 
Inc.; rubidium and cesium, L. V. Bergman & Associates. 
FIGURE 7.20: Beryllium, magnesium, calcium, strontium, and bar- 
ium, L. V. Bergman & Associates; radium, Life Science Library/ 
MATTER, photo by Phil Brodatz © 1963 Time-Life Books, Inc. FIG- 
URE 7.21: All, L. V. Bergman & Associates. FIGURE 7.22: Graphite, 
Random House photo by Ken Karp; diamond, courtesy of Diamond 
Information Center; silicon, Frank Wing/Stock, Boston; germanium, 
Random House photo by Ken Karp; tin, L. V. Bergman & Associates; 
lead, Random House photo by Ken Karp. FIGURE 7.23: Nitrogen, Joe 
McNally/Wheeler Pictures; phosphorus, Life Science Library/ 
MATTER, photo by Albert Fenn © 1963 Time-Life Books, Inc.; arse- 
nic, antimony, and bismuth, L. V. Bergman & Associates, 
FIGURE 7.24: sulfur and selenium, L. V. Bergman & Associates; 
tellurium, Random House photo by Ken Karp. FIGURE 7.25: Joel 
Gordon, FIGURE 7.26: All, Random House photos by Ken Karp. 
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Page 305: Butterworth and Company, Ltd. 1986; first published in the 
Journal of Molecular Graphics, Vol. 4, No. 3, Sept. 1986. 
FIGURE 8.3: Courtesy of International Salt Company. FIGURE 8.4; 
Liane Enkelis/Stock, Boston. FIGURE 8.5: Ward's Natural Science 


Establishment, Inc. 
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Page 343: Courtesy of The Ealing Corporation, FIGURE 9.3: Joel 
Gordon. FIGURE 9.21: Donald Clegg. 
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Page 396: John Eastcott/Yua Momatiuh/Woodfin Camp and Associ- 
ates. FIGURE 10.11: From G. Némethy and H. A. Scheraga, Journal 
of Chemical Physics 36, 3383 (1962). FIGURE 10.13: Alan Carey/The 
Image Works. FIGURE 10.34: Hank  Morgan/Rainbow. 
FIGURE 10.35: Courtesy of Corning Glass Works. FIGURES 10.41 
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and 10.44: All, Random House photos by Ken Karp. FIGURE 10.46: 
General Electric, FIGURE 10.49: Ken Karp. FIGURE 10.50: Tim 
Eagan/Woodfin Camp and Associates. 
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Page 451; Random House photo by Ken Karp. FIGURES 11.2 and 
11.3: Random House photos by Ken Karp. FIGURE 11.4: Courtesy of 
the Permutit Company, Inc. FIGURE 11.6: All, Random House photos 
by Ken Karp. FIGURE 11.10: Joel Gordon. 
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Page 493: All, James Scherer, Boston, Mass. FIGURES 12.2 and 
12.3: All, Random House photos by Ken Karp. FIGURE 12.4; Cour- 
tesy of Kent Porter. FIGURE 12.5: Courtesy of Orgo-Thermite, Inc. , 
Lakehurst, N.J, FIGURES 12.6 and 12.7: All, Random House photos 
by Ken Karp. FIGURE 12.8: National Draeger, Inc. FIGURE 12,9: 
Both, Joel Gordon. 
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Page 523: NASA/Goddard Space Flight Center. FIGURE 13.3: Ran- 
dom House photo by Ken Karp. FIGURE 13.12: The Metropolitan 
Museum of Art, Museum Excavations, 1920-1921; contribution from 
Edward S. Harkness and the Rogers Fund, 1921. FIGURE 13.21: Ran- 
dom House photo by Ken Karp. FIGURE 13.22: Courtesy of Johnson 
Matthey. FIGURE 13.23: Random House photo by Ken Karp. FIG- 
URE 13.24: Courtesy of General Motors Corporation. 
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Page 575: Random House photo by Ken Karp. FIGURES 14.3 and 
14.6: All, Random House photos by Ken Karp. 
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Page 613: Random House photo by Ken Karp. FIGURE 15.2: Random 
House photo by Ken Karp. FIGURE 15.7: Owen Franken/Stock, Bos- 
ton. FIGURE 15.8: Landschafts-Verband Westfalen-Lippe, Munich. 
FIGURE 15.9: Michael Melford/Wheeler Pictures. 
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Page 645: Dr. R. Y. Tsier and Dr. T. E. Maeher. FIGURES 16.4 and 
16.10: Random House photos by Ken Karp. 
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Page 695: Courtesy of R. F. Dill. FIGURES 17.2, 17.3, 17.4, and 
17.5: All, Random House photos by Ken Karp. FIGURE 17.6: All, 
Fujimoto/Kodansha. FIGURE 17.8: John S. Shelton from Geology II- 
lustrated, 1966, W. H. Freeman. FIGURE 17.9: C, Allen Morgan/ 
Peter Arnold. 
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Page 727: © M. C. Escher Heirs c/o Cordon Art, Baarn, Holland. 
FIGURE 18.4: Courtesy of Hedco, Inc. 
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Page 759: All, James Scherer, Boston, Mass. FIGURE 19.5: Random 
House photo by Ken Karp. FIGURE 19.10: NASA. FIGURE 19.12: 
Courtesy of Alupower. FIGURE 19.13: a, Dr. E. R. Degginger; b, 
Random House photo by Ken Karp; c, Donald Dietz/Stock, Boston. 
FIGURES 19.15 and 19.18: Random House photos by Ken Karp. 
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Page 801: Courtesy of ALCOA. FIGURE 20.2: Co of Woods 
Hole Oceangraphic Institution, FIGURE 20.5 if Smith. 
FIGURE 20.7: Courtesy of Atlantic Rich! Company. 
FIGURE 20.13: Richard Megna/Fundamental P! phers. FIG- 


URE 20.14; Ward’s Natural Science Establishment. f: 
Aronson Photo/Stock, Boston. FIGURE 20.17: Ja: 
URES 20.18 and 20.19: Ward's Natural Science ! 

URE 20.20: Random House photo by Ken Karp 

20,22; Ward’s Natural Science Establishment. FIG! 
Cohen/Stock, Boston. FIGURE 20,24: L. V. Berg: 


Dye, FIG- 
ment. FIG- 
» 20.21 and 
23: Stuart 
Associates. 


FIGURE 20.25: Ward's Natural Scien blishment. 
FIGURE 20.29: Both, courtesy of Aluminum Con i! America. 
FIGURE 20.30: Ward's Natural Scienc blishment. 
FIGURE 20.31: Random House photo by Ken i jURE 20,32: 
Ward’s Natural Science Establishment. FIGURI J. Chow, 
Chem. in Britain 9, 258 (1973). FIGURE 20.35: Al sergman & 
Associates. FIGURE 20.36: Ward's Natural Scien iablishment. 
FIGURE 20.37: Courtesy of Yamaha International ation, FIG- 
URE 20.38: Xerox Corporation. FIGURE 20.39 Jatural Sei- 
ence Establishment. FIGURE 20.40: From P. V {. Harrison, 
and E. Robinson, Science 183, 909-15 (1974); coy 074 by the 
American Association for the Advancement of S 
Chapter 21 
Page 847: NASA. FIGURE 21.4: Ward’s Nature! : Establish- 
ment. FIGURE 21.11: Courtesy of General Elev ypany and 
Development Center. FIGURE 21.12: Paul Logs« totake. FIG- 
URE 21.13: From **The Carbon Cycle,”’ Bert Bolir ight © 1970 
21.14: Jeff 


by Scientific American, Inc., all rights reserved. !"\ 


Smith. FIGURE 21.18: Bill Belknap/Pho Researchers. 
FIGURE 21.19: Jeff Smith. FIGURE 21.20: Cour of Bell Labs. 
FIGURE 21.23: Courtesy of Avondale Research Cewter, U.S. Bureau 
of Mines. FIGURE 21.24: From **The Nitrogen C) * C..C. Dele 


wiche; copyright © 1970 by Scientific American . all rights re- 
served. FIGURE 21.26: Stan Ries/The Picture Cube. FIGURE 21.27: 
Courtesy of Amax Inc. FIGURE 21.33; From “The Oxygen Cycle,” 
Preston Gibor and Aharon Gibor; copyright © 1970 by Scientific 
American, Inc., all rights reserved, FIGURE 12.34: L. V Bergman & 
Associates. FIGURE 21.36: C. B. Jones/Taurus. FIGURE 21.37: a, 
Dr. E. R. Degginger; b, Roger Werth/Longview Daily News/Woodfin 
Camp & Associates. FIGURE 21.40; Vulcan Materials Company, 
photo by Charles Beck. FIGURE 21.42; Mula & Haramaty/Phototake. 
FIGURE 21.44: L. C. Clark, Jr. FIGURE 21.45: Jim Brandenberg. 
FIGURE 21.47: Neil Bartlett. FIGURE 21.48: Courtesy of Argonne 
National Laboratory. 
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page 909: Courtesy of Edmund Catalogs. FIGURE 22. 
House photo by Ken Karp. FIGURE 22.6: Scandium, titanium, vana- 
dium, chromium, manganese, iron, cobalt, and nickel, Random House 
photos by Ken Karp; copper, L. V. Bergman and Associates. FIG- 
URES 22.7 and 22.9; Ward's Natural Science Establishment. FIGURE 
22.10: Grant Heilman. FIGURE 22.11: Random House photo by Ken 
Karp. FIGURE 22.12: Ward’s Natural Science Establishment. FIG- 
URE 22.13: Andrew Popper/Picture Group. FIGURE 22.21: Joel Gor- 
don. FIGURE 22.27: Random House photo by Ken Karp. FIGURE 
22.40: Fritz Goro/Al Lammé. 
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Page 949: James Scherer, Boston, Mass. Courtesy of Professor G. M. 
Whitesides, Harvard University. FIGURES 23.12 and 23.14: Courtesy 
of American Petroleum Institute. 
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81: Courtesy of General Electric. FIGURE 24.2: Random House 

by Ken Karp. FIGURE 24.6: Donald Clegg. FIGURE 24.7: 

m Strode/Black Star/Humana, Inc. FIGURE 24.8: Both, Ran- 
House photos by Ken Karp. FIGURE 24.13: Reprinted from The 

» of the Chemical Bond by L. Pauling, © 1960 by Cornell Uni- 
used by permission of Cornell University Press. 

URE 24.14: Reprinted from The Structure and Action of Proteins 
. Dickerson and I. Geis, Benjamin/Cummings, Menlo Park, 

if, copyright © 1969 by Dickerson and Geis. FIGURE 24.15: Re- 
nied from The Nature of the Chemical Bond by L. Pauling, © 1960 
cornell University, used by permission of Cornell University Press. 
{URE 24.16: From The Molecular Basis of Evolution by C. B. 
en, John Wiley and Sons, New York, 1959. FIGURE 24.19: 
ued from The Structure and Action of Proteins by R. E. Dicker- 
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son and I. Geis, Benjamin/Cummings, Menlo Park, Calif., copyright 
© 1969 by Dickerson and Geis. FIGURE 24.20: Courtesy of Dr. Bruce 
F. Cameron and Dr. Robert Zucker, Miami Comprehensive Sickle Cell 
Center. 
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Page 1009: NASA. FIGURE 25.5: Fermi National Accelerator Labora- 
tory. FIGURE 25.11: Pierre Kopp/West Light. FIGURE 25.12: 
M. Lazarus/Photo Researchers. FIGURE 25.13: Los Alamos National 
Laboratory. FIGURE 25. 14: James Mason/Black Star. FIGURE 25.15: 
From Chemical and Engineering News, July 18, 1983, pp. 20-38. 
FIGURES 25.16 and 25.17: Lawrence Livermore National Laboratory. 
FIGURE 25.18: W. J. Maeck. FIGURE 25.20: Lawrence Livermore 
National Laboratory. 
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Aryl group, 964 
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Aston, Francis W., 62 
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freezing point and, 440 
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Dalton’s theory of, 34 
emission spectrum of, 226 
Greek theories of, 34 
Rutherford’s model of, 38 
structure of, 38 
Thomson’s model of, 38 
Atomic bomb, 206, 1026 
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Atomic number (Z), 41, 268 
Atomic orbitals, 241 
defined, 239 
electron assignment to, 246 
energies of, 245 
hybrid, see Hybrid orbitals 
relationship between quantum 
numbers and, 242 
Atomic radii, 274 
Atomic theory, see Atom 
Atomic weight, see Atomic mass 
Aufbau principle, 253 
Autoionization of water, 617 
Automotive emissions, 563, 874 
Average atomic mass, 43 
Average bond energies. 334 
Average speed of gases, 201 
AVLIS (Atomic Vapor Laser 
Isotope Separation), 1032 
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Avogadro, Amedeo, 44, 181 
Avogadro's law, 181 
Avyogadro’s number, 44 
Axial position, 345, 958 


BAL (British Anti-Lewisite; 2,3- 
dimercaptopropanol), 833 
Balancing equations, 87 
equilibrium constant and, 588 
nuclear reactions, 1011 
redox reactions, 504 
Ball-and-stick model, 273 
Balmer series, 229 
Barium, 825 
Barium hydroxide [Ba(OH)2], 
121, 623, 823 
Barium sulfate (BaSO,), 826 
Barometer, 171 
Bartlett, Neil, 900 
Base(s): 
defined, 72 
general properties of, 614 
strength of, 623 
see also entries beginning with 
term Acid—base 
Base ionization constants (Ky), 
655 
relationship between acid 
ionization constants and, 657 
of weak bases, 656 
Base pairs, 1002 
Base strength, 623 
Basic oxides, 296, 631 
Batteries, 778 
aluminum—air, 782 
dry cell, 778 
fuel cell, 780 
lead storage, 779 
mercury, 778 
nickel—-cadmium, 780 
Bauxite, 802, 826 
Becquerel, Antoine, 37 
Belt of stability, 1013 
Bends, 470 
Benzene (CgH¢), 962 
discovery of, 962 
structure of, 328, 962 
Benzene-toluene solution, as 
ideal solution, 472 
Benzoic acid, 647, 969 
Benzoyl peroxide, 983 
Beryl, 822 
Beryllium, 822 
Beryllium aluminum silicate 
(Be3Aj2SigOis), 822 
Beryllium chloride (BeCl,), 347 
Beryllium hydride (BeH>), 330, 
822 
Beta (f) particles, 38 
Beta pleated sheet, 996 
Beta () rays, see Beta particles 
Bidentate ligands, 922 
Bimolecular reaction, 553 
Binary acids, 627 
Binary compounds, 64 
Binary hydrides, 850 


Binding energy, see Nuclear 
binding energy 
Bioamplification, 840 
Biological effects of radiation, 
1040 
Biological nitrogen fixation, 872 
Black-and-white photography, 
516 
Blast furnace, 805 
Blood: 
artificial, 897 
oxygen in, 469, 679 
pH of, 679 
Body-centered cubic cell (bec), 
410 
Bohr, Niels D., 227 
Bohr model, 227 
Boiling point, 431 
and intermolecular forces, 397 
vapor pressure and, 429 
Boiling-point elevation, 474 
Boltzmann, Ludwig, 198 
Bomb calorimeter, 146 
Bombardier beetle, 153 
Bond(s): 
coordinate covalent, 330 
of coordination compounds, 
931 
covalent, see Covalent bonds 
dative, 330 
double, see Double bonds 
electronegativity and, 319 
hydrogen, see Hydrogen 
bonding 
ionic, 308 
in metals, 423 
multiple, 316 
octet rule and, see Octet rule 
pi, 374 
polar covalent, 319 
in semiconducting elements, 
813 
sigma, 373 
in solids, 419 
triple, see Triple bonds 
see also Lewis structures 
Bond angles, 344 
Bond dissociation energy, 333 
Bond energies, 333 
Bond length, 327 
Bond moments, dipole, 358 
Bond order, 381 
Bond polarity, 319, 626 


Bond strength, acid strength and, 


627 
Bonding molecular orbitals, 377 
Bonding pairs, 346 
Boranes, 854° 
Borax (Na2B,07- 10H2O), 854 
Boric (orthoboric) acid, 636 
Born, Max, 311 
Born—Haber cycle, 311 
Boron, 854 
Born oxide (B03), 854 
Boron trifluoride (BF;), 348 
Borosilicate glass, 855 


Boundary surface diagrams, 240 
Boyle, Robert, 173 

Boyle’s law, 174 

Bragg. Sir William L., 418 
Bragg, Will H., 418 

Bragg equation, 418 


Brass, ) 

Breath an 

Breeder reactors, 1030 
Bridged compounds, 829 


British Anti-Lewisite (BAL; 2,3- 
dimercaptopropanol), 833 

Bromine, 892, 897 

Bromine pentafluoride (BrFs), 


352 

Bromine—formic acid reaction, 
525 

Bronsted, Johannes N., 615 

Bronsted~Lowry acid-base 
theory, 615 

Bronze 

Brucite 

Buffer range, 677 

Buffer solutions, 672 

Bunsen, Robert W., 143 

Bunsen burner, 143 

Buret, 11, 12! 

Cadmium, 

Cadmium oxide, 837 


Calcite, 802 
Calcium, 96, 824 
Calcium carbide (CaC2), 857 
Calcium carbonate (CaCOs), 824 
decomposition of, 746 
in sodium carbonate 
preparation, 722 
in stalactites and stalagmites, 
719 
sulfur dioxide removed with, 
638 
in water supply, 459 
Calcium chloride (CaCl), 161 
Calcium hydroxide [Ca(OH)2; 
slaked lime], 722 ‘ 
Calcium oxide (CaO; quicklime), 
722, 746, 824 
Calcium phosphate, 875 
Calomel, 839 
Calorie, 15, 150 
Calorimeter: 
constant-pressure bomb, 148 
constant-volume bomb, 146 
Calorimetry, 144 
Cancer, 939, 1042 
see also Carcinogenicity 
Candle, 142 
Capillary action, 404 
Carbides, 857 
Carbon, 856 “6 
allotropes of, 74, F 
see ae Diamond; Graphite 
atomic mass of, 42 
in inorganic compounds, 63 
silicon compared with, 867 
in steelmaking, 808 


Carbon cycle, 859 
‘arbon dioxide (COs), 859 
i moments of, 358 


and, 862 

ding with, 439 

y of formation of, 151 
,gram of, 440 

esis and, 859 

n dioxide compared with, 


olid (Dry Ice), 441 
s ity of, 469 


fide (CS), 888 
, 546, 1021 
dating, 546 
le (CO), 858 


‘f formation of, 151 
noglobin affinity for, 858 
metal purification with, 809 

8 

ide (CCl4), 454, 


t , 388 
cid (H»CO3), 588, 658 


formation, 636 


ionization constants, 664 
Carbonic anhydrase, 679 


Carbon up, 968 


(silicon carbide, 


Carboxy 


> lobin, 859 
Carboxy! g 


p, 968 


Carboxy , 968 
Carcinogenicity: 

of amines, 970 

of eth libromide, 897 


of polycyclic aromatic 
hydrocarbons, 965 
of radiation, 1042 
Carlsbad Caverns, 719 
Carothers, William H., 988 
Cassiterite (SnO3), 831 
Cast (pig) iron, 807 
Catalysis: 
air pollution reduction by, 563 
enzyme, 565 
heterogeneous, 559 
homogeneous, 564 
Catalysts, 124 
In catalytic converters, 563 
effects of, on equilibrium, 602 
enzymes as, 565 
heterogeneous, 559 
homogeneous, 564 
stereo, 986 
transition metals as, 915 
Catalytic converters, 563 
Catalytic rate constant (K.), 558 
Catenation, 867 ae 
Cathode, 761 
Cathode ray(s), 35 
Cathode ray tube, 35 
Cathodic Protection, 787 


Cations: 
defined, 52 
electron configuration of, 271 
grouped according to solubility 
products of, 716 
hydrolysis of, 664 
identification of, in solutions, 
716 
ionic radius of, 278 
nomenclature of, 65 
Caustic soda, see Sodium 
hydroxide 
Cell diagram, 762 
Cell potential, 762 
Cell voltage, 762 
see also Electromotive force 
Celsius temperature scale, 16, 
178 
Cement, 722 
Cesium, 288, 816 
Chadwick, James, 40 
Chain reaction, nuclear, 1026 
Chalcopyrite (CuFeS3), 920 
Chalk, 824 
Challenger (space shuttle), 127 
Chargaff, E., 1002 
Charge cloud (electron charge 
cloud), 238 
Charge-to-mass ratio (e/m), 36 
Charles, Jacques, 177 
Charles’ law (Charles’ and Gay- 
Lussac’s law), 179 
Chelating agents, 924 
Chemical analysis: 
with coordination compounds, 
939 
see also Qualitative analysis; 
Quantitative analysis 
Chemical change, 84 
Chemical energy, 137 
Chemical equations, 84 
balanced, see Balancing 
equations 
free elements in, 270 
interpretation of, 86 
see also Equation 
Chemical equilibrium, 575 
Chemical formulas, 47 
empirical, 49, 57 
molecular, 48 
structural, 951 
Chemical kinetics, 523 
Chemical properties, 7 
Chemical reactions, 84 
of alkanes, 954 
of alkenes, 959 
of alkynes, 961 
of aromatic compounds, 964 
bimolecular, 553 
combination, 92 
of coordination compounds, 
938 
Dalton’s definition of, 34 
decomposition, 94 
displacement, 95 
disproportionation, 502 
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Chemical reactions (cont.) 
first-order, 536 
gases in, 189 
half, 494 
half-cell, 761 
metathesis, 100 
neutralization, 101 
nuclear reactions compared 
with, 1011 
oxidation—reduction, see 
Oxidation—reduction 
reactions 
rate of, see Rate of reaction 
second-order, 543 
spontaneous, 737 
termolecular, 553 
thermite, 501 
unimolecular, 553 
Chernobyl, 1030 
Chile saltpeter (NaNO), 868 
Chiral molecules, 928, 957 
Chlor-alkali process, 890 
Chlorine, 888 
preparation of, 890 
uses of, 897 
Chlorofluorohydrocarbons, 567, 
956 
Chloroform, (CHCI;), 955 
Chlorophyll, 942 
Chlorosis, iron, 940 
Chlorous acid (HCIO;), 894 
Chromium, 917 
Chromium(III) oxide (Cr03), 
917 
Chromosomes, 1042 
Chymotrypsin, 997 
Cinnabar (HgS), 838 
Cinnamic aldehyde, 968 
Cis-trans isomers: 
of alkenes, 960 
of coordination compounds, 
926 
Citric acid, 614 
Clapeyron, Benoit, 429 
Classical physics, 219 
Clausius, Rudolf, 429 
Clausius—Clapeyron equation, 429 
Climate: 
carbon dioxide and, 862 
effects of water on, 862 
Closed system, 136 
Closest packing, 412 
Cloud seeding, 439 
Coal, 856, 861 
Coal gasification, 861 
Coal tar, 964 
Cobalt, 920 
Cobalt-60, 1038 
Cobalt(II) chloride, 920 
Cohesion, 404 
Coinage metals, 295 
Coke, 748 
Cold packs, 161 
Colligative properties: 
of electrolyte solutions, 481 
of nonelectrolyte solutions, 469 


A387 


Collision theory, 547 
Color: 
of chlorophyll, 942 
of glass, 425 
of indicators, 687 
of transition metal ions, 914 
wavelength and, 222, 933 
Combination reaction, 92, 499 
Combustion: 
of acetylene, 143, 961 
of alkanes, 954 
of hydrogen, 138, 143 
of methane, 140, 142 
Common ion effect: 
acid—base equilibria and, 
669 
solubility and, 705 
Complex(es), 712 
see also Coordination 
compounds 
Complex ion(s), 712 
magnetic properties of, 935 
solubility equilibria and, 712 
see also Coordination 
compounds 
Complex ion formation, 712 
Compounds, 48 
anhydrous, 72 
aromatic, see Aromatic 
hydrocarbons 
coordination, see Coordination 
compounds 
in Dalton’s theory, 34 
defined, 8 
inorganic, see Inorganic 
compounds 
ionic, see lonic compounds 
molecular, 68, 315 
network covalent, 315 
organic, 981 
perfluorinated, 897 
Concentration, 113 
chemical equilibria and changes 
in, 597 
effects of, on emf, 773 
Concentration cells, 777 
Concentration of solution, 113 
Concentration units, 458 
compared, 463 
molality, 461 
molarity, 113, 460 
mole fraction, 192, 460 
normality, 514 
percent by mass, 458 
Condensation, 428 
Condensation reactions, 967 
Conduction band, 812 
Conductivity: 
of metals, 423 
of nonmetallic elements, 813 
Conjugate acid, 615 
Conjugate acid-base pair, 615 
Conjugate base, 615 
Conjugated proteins, 991 
Constant-pressure calorimeter, 
148 
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Constant-pressure calorimetry, 
148 
Constant-volume bomb 
calorimeter, 146 
Constant-volume calorimetry, 146 
Constructive interference, 377 
Contact process, 124, 561 
Control rods, 1028 
Cooling curve, 436 
Cooperativity, 999 
Coordinate covalent bonds, 330 
Coordination compounds 
(coordination complexes), 
909 
applications of, 938 
bonding in, 931 
in living systems, 941 
naming, 924 
reactions of, 938 
stereochemistry of, 927 
Coordination number, 411, 922 
Coordination theory of Werner, 
931 
Copolymerization, 988 
Copper, 920 
corrosion of, 784 
electron configuration of, 254 
ionization energy of, 295 
metallurgy of, 920 
purification of, 810 
Copper carbonate (CuCO,; 
patina), 786 
Copper sulfate (CuSO,), 72, 
761 
Copper-zinc galvanic cells, 761 
Core: 
atomic, see Nucleus 
noble gas, 254, 269 
nuclear reactor, 1027 
Corrosion, 784 
of iron, 4, 785 
Corundum (anhydrous aluminum 
oxide), 826 
Coulomb (C), 792 
Coulomb’s law, 308, 1012 
Covalent bonds, 315 
coordinate, 330 
polar, 317 
Covalent crystals, 422 
Covalent hydrides, 851 
Cracking process, 959 
Crenation, 479 
Crick, Francis, H. C., 1002 
Critical mass, 1026 
Critical pressure (P.), 432 
Critical temperature (T.), 432 
Crude oil, 973 
Cryolite (Na3;AIF¢), 826 
Crystal(s): 
covalent, 422 
ionic, 419 
metallic, 423 
molecular, 423 
table, 420 
X-ray diffraction by, 417 
Crystal field splitting, 933 
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Crystal field theory, 931 
Crystal structure, 408 
Crystalline solids, 408 
Crystallization: 
defined, 465 
fractional, 466 
Cubic close-packed (ccp) 
structure, 412 
Cubic unit cell, 410 
Curie, (Ci), 1040 
Curie, Marie, 38 
Curie, Pierre, 38 
Cyanide, 857 
Cycloalkanes, 957 
Cyclohexane, 957 
Cyclotron, 1023 
Cytochrome c, 942 
Cytochrome oxidase, 857 


d Orbitals, 242 
and crystal field theory, 931 
hybridization of, 372 
Dacron, 989 
Dalton (atomic mass unit), 42 
Dalton, John, 34 
Dalton’s atomic theory, 34 
Dalton’s law of partial pressures, 
192 
Data, 3 
Dating, radionuclear, 546, 1020 
Dative bonds, 330 
Davisson, Clinton, 235 
de Broglie, Louis, 234 
de Broglie’s hypothesis, 234 
Debye (D), 358 
Debye, Peter J., 358 
Decay series, see Radioactive 
decay series 
Decomposition reactions, 94, 499 
Definite proportions, law of, 59 
Degenerate orbitals, 245 
Delocalized molecular orbitals, 
387 
of benzene, 387 
of carbonate ion, 388 
of metals, 424 
Demineralization, 710 
Democritus, 34 
Denaturant, 1000 
Denatured alcohol, 967 
Denatured proteins, 1000 
Denitrification, 872 
Density: 
defined, 15 
gas, 186 
of nucleus, 1012 
water, 406 
see also Electron density 
Dental amalgam, 794 
Deoxyhemoglobin, 941, 999 
Deoxyribonucleic acid (DNA), 
see DNA 
Deposition, 436 
Derived SI units, 12 
Desalination, 484 


Destructive interference, 377 
Deuterium, 41 
Deuterium oxide, (D0; heavy 
water), 852, 1029 
Deviation from ideal gas 
behavior, 208 
Dextrorotatory isomers, 929 
Diagonal relationship, 288, 816, 
855 
Diagonal rule, 765 
Diamagnetism, 248 
Diamond: 
as allotrope of carbon, 74 
entropy of, 739 
structure of, 422 
synthetic, 856 
Diaphragm cell, 891 
Diatomic molecules: 
defined, 48 
heteronuclear, 357 
homonuclear, 357, 382 
Diborane, 854 
Dichloroethylene, 960 
Dichromate ion, 508, 511 
Diethyl ether, 967 
Diffusion, gaseous, 203 
Digestive enzymes, 997 
Dilution of solutions, 116 
Dimensional analysis, see factor— 
label method 
Dimers, 455 
Dimethylglyoxine, 939 
Dimethylmercury [(CH3)2Hg]}, 
840 
Dinitrogen pentoxide (N05), 
529 
Dinitrogen tetroxide (NO), 576, 
600, 602 
Dipeptide, 991 
Dipole moments, 357—61 
Dipole—dipole forces, 397 
Dipole—induced dipole, 398 
Dipositive ions, 277 
Diprotic acids, 101, 658 
ionization constant of, 661 
Disintegration, see Nuclear 
disintegration 
Disorder, entropy and, 739 
see also Entropy 
Dispersion forces, 399 
Displacement reactions, 95, 501 
Disproportionation reactions, 502 
Distillation: 
desalination by, 484 
fractional, 473 
metal purification by, 809 
Distribution curve, 676 
DNA (deoxyribonucleic acid), 
1002 
Dolomite, 459 
Donor atom, 922 
Donor impurities, 814 
Doping, 814 
Double bonds, 316, 373 
Double displacement reactions 
(metathesis), 100 


Doubling tiszae- 1030 
Downs cell, FS8 
Driving force 454, 472 
Dry cell bat teeries, 778 
Dry Ice, 439 
Dynami: ecg us ab abrium, 428 
Dynamite. SO! 
Earth 
age of, ELO2I 
compost i<ore of (table), 298 
EDTA ~y L@ nediaminetetraace- 
tat 722 
stru <f . 923 
treat <>f metal poisoning 
wil $33, 840 
Effecti » tac lear charge, 273 
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©<actiation, 1040 

Effusi: 204 

Einstei: iben, 224 

Einstei © Ya <ass-—energy equation, 
lt 

Einstei) © eee 2 ativity theory, 1015, 
1¢ 

Elastor © synthetic rubber), 
98 

Electrical ~wreork, 769 

Electroc: Iysts, 781 

Electrochxy2 ical cells, 761 

Electrodes S)_ 76] 

anodes. Fey 


cathde s _ 761 
see diS<> E> lectrolysis 
Electrol  y><>zential, see Standard 
red Lip potential 
Electrolysis _ 797 
of in as sodium chloride, 


metal Lax j fication by, 810 


of MOltSzq sodium chloride, 788 


quantitative aspects of, 791 

of wate, . 95. 788 
Electroly te ¢ =, , 

define<y _ Bian 

strone = 5 > 

weak, Q> 
Blecttoly te Solutions, colligative 
leche e ties of, 481 
Electron, 2 cells, 788 
oo netic radiation, 
Elect MAS netic wave, 221 

COTA TA ve force (emf), 762 
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Electro 
eS cn cost 
Electrory ¢ < > we Pa 96 


pee ON ratio of, 36 
Seeing, see Lone paits 
23 gt ity distribution of, 


rment of, 762 
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Blectrory > 270 
= Ffinity, 285 


Electron « 15 
Electron 1, 238 
Electron n, 246, 267 
anion 
Aufbau ind, 253 
cation 
diam 
parar in, 248 
electr nt to orbitals 
in 
groun 
Hund's 250 
of ion 
and mi bitals, 389 
Pauli vrinciple and, 
24 
and sh fect, 248 
Electron 38 
See 
Electror pe, 236 
Electror y. 238 
Electror 
in coc compounds, 
93 
Hund d, 250 
Pauli principle and, 
Electron « antum number 
(mn 
ror ', 240 
‘bols, 306 
Electronegat pele 
Electroplating, $37, 917 
Elementary stens, 553 
Elements: 
atomic radii of, 274 
classification of, 9, 267 
defined, 8 
in Earth's crust, 298 
electron affinity in, 285 


electronegativity of, 317 
essential, 299 
ground state electron 
_ configurations of (table), 254 
lonization energies of (table), 
281 
Periodic and group properties 
of, 287-97 hell 
representative, 267 
symbols of (table), 8 
transuranium, see Transuranium 
elements 
See also Periodic table 
Embolism, 197 
Emf, See Electromotive force 
Emission Spectra, 225 
Empirical formula, 49, 57 
Nantiomers, 928 
Endothermic Process, 138 
Energy: 
of atomic orbitals, 245 
bond, 333 
chemical, 137 
crystal field splitting, 933 
defined, 15,136 
of hydrogen atom, 227 


Energy (cont.) 
ionization, 281 
kinetic, see Kinetic energy 
lattice, see Lattice energy 
law of conservation of, 138 
mass—energy conversion, 
1015 
molecular orbital energy level 
diagram, 383 
nuclear binding, see Nuclear 
binding energy 
potential, see Potential energy 
solar, see Solar radiation 
thermal, see Heat 
unit of, 15 
see also Free energy; 
Thermodynamics 
Energy changes: 
in chemical reactions, 136 
and first law of 
thermodynamics, 729 
see also Enthalpy changes; 
Free-energy changes 
Enthalpy (H), 139, 735 
and Born—Haber cycle, 311 
defined, 139, 735 
standard, 154 
Enthalpy of reaction, 139 
Enthalpy of solution, 158 
Entropy (S), 739 
absolute, 739 
standard, 739 
Environmental pollution: 
acid rain, 637 
cadmium, 835 
calcium chloride, 722 
Freon, 567 
lead, 833 
mercury, 839 
sulfur dioxide, 637 
thermal, 467, 1029 
see also Air pollution 
Enzyme(s): 
alcohol dehydrogenase, 968 
carbonic anhydrase, 679 
catalysis of, 565 
chymotrypsin, 997 
cytochrome oxidase, 857 
defined, 565 
lock-and-key model of, 565 
Enzyme-substrate intermediate 
(ES), 566 
Epsomite (MgSO, : 7H0), 822 
Equation: 
Arrhenius, 549 
Einstein’s, 1015 
Henderson—Hasselbach, 670 
ideal gas, 182 
ionic, 98 
molecular, 98 
Nernst, 773 
net ionic, 98 
nuclear, 1011 
Schrédinger, 237 
of state, 728 
thermochemical, 140 
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Equation (cont.) 
van der Waals, 209 
see also Chemical equations 
Equatorial position, 345, 958 
Equilibrium: 
catalyst effect on, 602 
and concentration changes, 597 
dynamic, 428 
free energy and, 750 
heterogeneous, 584 
homogeneous, 579 
and Le Chatelier’s principle, 
see Le Chatelier’s principle 
liquid-solid, 435 
liquid—vapor, 427 
multiple, 587 
solid—vapor, 436 
and temperature changes, 602 
volume and pressure changes 
and, 600 
see also Acid—base equilibria; 
Equilibrium constant; 
Solubility equilibria 
Equilibrium constant (K), 578 
balanced equation and, 588 
defined, 578 
and equilibrium concentration 
calculations, 593 
in heterogeneous equilibrium, 
584 
in homogeneous equilibrium, 
579 
and law of mass action, 578 
in multiple equilibria, 578 
reaction direction and, 592 
see also Jonization constants 
Equilibrium vapor pressure, 428 
Equivalence point: 
in acid—base titrations, 120 
in redox titrations, 511 
Equivalent, 512 
Equivalent mass, 513 
Erythrocytes (red blood cells), 
679 
Escape velocity, 202 
Essential elements, 299 
Esters, 970 
Ethane (C>H,), 951 
Ethanol (C)H;OH), 57, 966 
Ethers, 967 
Ethyl acetate, 970 
Ethyl group (—C2Hs), 953 
Ethylene (C>H,), 316, 959 
Ethylene dibromide, 897 
Ethylene glycol 
[CH,(OH)CH,(OH)], 476, 
967 
Ethylenediamine, 922 
Ethylenediaminetetraacetate, see 
EDTA 
Eutrophication, 940 
Evaporation, see Vaporization 
Excess reagent, 107 
Excited level, 227 
Excited state, 227 
Exothermic processes, 138 
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Expanded octet, 330 
Expanded valence shell, 372 
Exponential notation, see 
Scientific notation 
Extensive properties, 7 


JS Orbitals, 244 
Face-centered cubic unit cell 
(foc), 410, 412 
Factor-label method, 22, 103 
Family of elements, 267 
Faraday, Michael, 769, 962 
Faraday constant (F), 769 
Farenheit temperature scale, see 
Temperature scale 
Fermentation, 859, 966 
Ferromagnetic substances, 804 
Fertilizers, 125 
First ionization energy, 281 
First law of thermodynamics, 729 
First-order reactions, 536 
Fischer, Emil, 565 
Fission reactions, 1025 
Fission reactors, 1027 
Fixation, nitrogen, 871 
Flash photography, 93 
Flotation method, 804 
Fluorapatite, 126, 710 
Fluorescence, 943 
Fluoridation, 710, 890 
Fluorine, 293, 888 
electron configuration of, 250 
fluoridation with, 710, 896 
mass defect of, 1015 
in noble gas compounds, 901 
oxidation number of, 496 
preparation of, 889 
uses, 896 
Fluorite (CaF), 420, 824 
Force: 
adhesive, 404 
dispersion, 399 
intermolecular, see 
Intermolecular forces 
unit of, 14 
van der Waals, 400 
Formal charge, 324 
Formaldehyde (CHO), 968 
Formation constant (K;), 713 
Formic acid (HCOOH), 525, 647 
Formulas, see Chemical formulas 
Fossil fuels, 860, 972 
coal as, 856, 861 
see also Coal; Petroleum 
Fractional crystallization, 466 
Fractional distillation, 473 
Fractional precipitation, 704 
Fractionating column, 973 
Francium, 282 
Frasch, Herman, 883 
Frasch process, 883 
Free elements, 270 
Free energy (G), 743 
chemical equilibria and, 750 
in phase transition, 749 
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Free energy (cont.) 
spontaneity and, 744 
temperature and, 746 

Free ions, 482 

Free radicals, 955 

Freeze-dried coffee, 439 

Freezing, desalination by, 484 

Freezing point, 435, 475 

Freezing-point depression, 475 

Freons, 567, 956 
Frequency (v), 219 
Frequency factor (A), 549 
Fresh water, 484 
Fuel, fossil, see Fossil fuels 
Fuel cell, 780 
Fuel oil, see Oil 
Fuel value, 150 
Functional groups, 950 
Fusion: 
entropy and, 740 
molar heat of (table), 435 
nuclear, 1034 


Galena (lead sulfide), 832 
Gallium, 265, 291 
Galvani, Luigi, 761 
Galvanic cells, 761 
Galvanized iron, 787 
Gamma (y) rays, 38 
Gangue, 804 
Gas(es), 169 
Avogadro’s law, 181 
Boyle’s law, 174 
Charles’ law, 179 
in chemical reactions, 189 
Dalton’s law of partial pressure 
of, 192 
density of, 186 
diffusion of, see Diffusion 
effusion of, see Effusion 
emission spectrum of, 225 
ideal gas equation, see Ideal 
gas equation 
kinetic molecular theory of, 
198 
molecular motion of (table), 
734 
monatomic, 169 
noble, see Noble gases 
pressure of, 170 
solubility of, 469 
Gas constant (R), 182 
units of, 183, A3 
van der Waals (table), 209 
Gasoline, 974 
antiknocking agents in, 975 
Gastric juice, 634 
Gay-Lussac, Joseph, 177 
Geiger, Hans, 38 
Geiger counter, 1040 
Genetic effects of radiation, 1042 
Geometric isomer(s), 927, 960 
Geometric isomerism, 927, 960 
Geometric shapes of orbitals, 
241, 363 
see also Molecular shapes 


INDEX 


Gerlach, Walther, 241 
Germer, Lester, 235 
Gibbs, Josiah W., 743 
Gibbs free energy, see Free 
energy 
Glacial (pure) acetic acid, 626 
Glass, 424, (table), 425 
Glucose (C6H20¢), 150 
Glutamic acid, 1000 
Glycerol, 405 
Glycine, 991 
Gold: 
extraction of, 858 
ionization energy of, 295 
oxidation of, 872 
Goodyear, Charles, 987 
Graham, Thomas, 203 
Graham's law, 203 
Gram (g), 12 
Gram molecular weight, see 
Molar mass 
Graphite, 74, 422 
as covalent crystal, 422 
entropy of, 739 
Gravimetric analysis, 118 
Greenhouse effect, 864 
Ground state (ground level), 227, 
254 
Guldberg, Cato M., 578 
Gunpowder, 821 
Gypsum (CaSO, 2H20), 883 


H3: 
Lewis structure of, 315 
molecular orbitals of, 378 
potential energy of, 362 
See also Hydrogen; Hydrogen 
atom 
Haber, Fritz, 311 
Haber process, 559, 604 
Half-cell potential, see Standard 
reduction potential 
Half-cell reactions, 761 
Half-life, 282 
of astatine, 888 
of carbon-14, 546 
of cobalt-60, 1038 
of first-order reactions, 539 
of francium-223, 282 
of iodine-131, 1039 
of plutonium-239, 1030 
of second-order reactions, 544 
of sodium-24, 1039 
of strontium-90, 1030 
of technetium-99, 1040 
of tritium, 1023 
Half-reaction, 494 
Halic acids, 894 
Halides, 294 
alkali metal, lattice energy and, 
311 
alkyl, 956 
hydrogen, see Hydrogen 
halides 
phosphorus, 877 
solubility of, 456, 893 


Hall, Charles M., 827 
Hall process, 827 
Halogen(s), 293, 849 
displacement, 98 
electronegativity of, 889 
industrial and biological roles 
of, 896 
oxoacids, 894 
properties of, 888 
Halogenation of alkanes, 955 
Hard water, 459 
Heat: 
defined, 137 
of dilution, 160 
of fusion, 435 
of hydration, 160 
of solution, 158 
of vaporization, 430 
and work, 730 


see also Calorimetry; Enthalpy; 


Thermodynamics 
Heat capacity (C), 145 
Heat content, see Enthalpy 
Heat engine, 781 
Heating curve, 436 
Heavy water, see Deuterium 
oxide 
Heavy water reactor, 1029 
Heisenberg, Werner, 237 
Heisenberg uncertainty principle, 
237 
Helium, 899 
boiling point of, 899 
electron configuration of, 899 
escape velocity of, 202 
intermolecular forces in, 399 
ionization energy of, 899 
Hematite (Fe,03), 802, 919 
Heme group, 941 
Hemoglobin (Hb): 
binding of oxygen, 999 
as buffer, 679 
carbon monoxide affinity for, 
858 
production of, 605 
structure of, 941 
Hemolysis, 478 
Henderson—Hasselbach equation, 
670 
Henry, William, 468 
Henry’s law, 468 
Hertz (Hz), 220 
Hess, Germain H., 149 
Hess’s law, 149, 312 
Heterogeneous catalysis, 559 
Heterogeneous equilibria, 584 
Heterogeneous mixture, 6 
Heteronuclear diatomic 
molecules, 357 
Hexagonal close-packed (hep) 
structure, 412 
Hexamethylenediamine, 988 
High-spin complexes, 935 
Hindenburg, 138 
Hiroshima, 1027 
Homogeneous catalysis, 564 


Homogeneous equilibria, 579 
Homogeneous mixture, 6 
Homonuelear diatomic molecules, 
357, 382 
Homopolymers. 984 
Hot packs, 16! 
Hund, Fredrick, 250 
Hund’s rule, 250, 380, 935 
Hybrid orbitals (table), 369 
defined, 363 
of mole with double and 
triple bonds, 373 
sp, 364 
sp’, 365 
sp’, 367 
spd, 372 
sp°d*, 372 
Hybridization 
Hydrate, 72 
Hydration 
defined, 142 
heat of, 160 
of ions, {54 
of protons, 617 
Hydration sphere, 482 
Hydrazine (N2H4), 870 
Hydrides 
binary, 850 
boron, 854 
covalent, 851 
interstitial, 852 
ionic, 850 
phosphorus, 876 
silicon, 865 
Hydrocarbons. 142, 563, 950 
aliphatic, see Alkanes 
alkynes as, see Alkynes 
aromatic, see Aromatic 
hydrocarbons 
cycloalkanes, 957 
hydrogen from breakdown of, 
959 
saturated, 950 
unsaturated, 958 
Hydrochloric acid (HCI), 69, 120 
in acid—base titrations, 120, 
681, 685 
as monoprotic acid, 101 
nitric acid compared with, 
reparation of, 894 
fiaracyanic acid (HCN), 647, 857 
Hydrofluoric acid (HF): 
as binary acid, 627 
ionization constant of (table), 647 
as weak acid, 627 
Hydrogen: 
atomic orbitals of, 241 
combustion of, 138, 143 
displacement of, 95 
isotopes of, 852 
paatot number of, 496 
preparation of, 852 
properties of, 849, 852 
Hydrogen atom: 
Bohr’s theory of, 227 
electron configuration of, 


363-76 


7m 


241 


Hydrogen atom (cont.) 
spectrum of, 226, 227 
f, 227 


emission 


gy of, 275 
r equation and, 238 


structure of, 227 


ge. 401, 406 

é ymide (HBr), 894 

Hydrogen chloride (HCI), 894 

Hyd cyanide (HCN), 857 
Hydr ny, 853 

Hydrogen fluoride (HF), 317, 
894 

Hydrogen hatid 


5, 894 
of, 627 


acid st 


dipole reoments of, 357 
Hydrogen iodid 
Hydrogen tor 

hydrated, ¢ 


HI), 894 


niration of, 619 
de (H,02), 880 


‘decomposition of, 95, 880 
igent, 881 

\position by 
ent, 881 

Hydrogen sulfide (HS), 885 


as diprotic acid, 661 
preparation of, 885 
in qualitative analysis, 717 
Hydrogenat 62 
Hydrogen—oxygen fuel cell, 780 
Hydrohalic acids, 294, 627 
Hydrolysis: 
alkaline (saponification; base 
hydrolysis), 970 
defined, 662 
of esters, 970 
metal ion, 666 
salt, 662 
Hydrometer, 779 
Hydronium ion, 617 
Hydrophilic interaction, 1001 
Hydrophobic interaction, 1001 
Hydroxides: 
alkali metal, 72, 120, 623 
alkaline earth metal, 72, 121, 
623 
amphoteric, 633 
1p.aroxyapatite, 710 
ydroxyl groups (— . 
oe groups (—OH groups), 


Hygroscopic, 817 
Hypertonic solution, 478 
Hypochlorous acid, 894 
Hypothesis, 3 

Hypotonic solution, 478 


Ice, 406-08 
Ice Skating, 44] 


Ice—water equilibrium, 435 
deal gas, 182 

deal gas equation, 182 
Ideal Solution, 472 


Immiscible liquids, 454 
Impurities: 
acceptor, 814 
donor, 814 
Incomplete octet, 329 
Indicators, 120, 511 
Induced dipole, 398 
Inert complexes, 938 
Inorganic compounds, 63 
Instantaneous rate, 527 
Insulators, 813 
Intensive properties, 7 
Interference of waves, 377 
Interhalogen compounds, 895 
Intermediates, 554 
Intermolecular forces, 279, 316, 
396 
dipole-dipole forces, 397 
dispersion forces, 399 
ion—dipole forces, 398 
van der Waals forces, 400 
Internal energy, 729 
see also Kinetic energy; 
Potential energy 
International System of Units (SI 
units), 12 
International Union of Pure and 
Applied Chemistry (IUPAC), 
272, 953, 1024 
Interstitial hydrides, 852 
Intramolecular forces, 397 
Iodine, 888 
entropy of, 739 
nuclear stability of, 1017 
preparation of, 892 
uses of, 897 
Todine-131, 1039 
Ton(s): 
defined, 51 
dipositive, 277 
electron configuration of, 271 
free, 482 
hydrated, 158 
monatomic, 52 
separation of, by fractional 
precipitation, 704 
spectator, 98 
polyatomic, 52 
transition metal, 911, 914 
tripositive, 277 
unipositive, 277 
see also Common ion effect; 
Complex ion(s) 
Ton pairs, 482 
Ion product, 618 
Ion-dipole forces, 398 
Ion—electron method, 508 
Ionic atmosphere, 482 
Ionic bonds, 308 
Ionic compounds: 
defined, 52 
nomenclature, 63-67 
Ionic crystals, 419 
Ionic equation, 98 
Ionic hydrides, 850 
Tonic radii, 276 
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lonic solids (ionic crystals), 419 
lonization: 
defined, 282 
percent, 319 
Ionization constants: 
of bases, 655 
of diprotic and polyprotic 
acids, 661 
of monoprotic acid, 647 
see also Acid ionization 
constants; Base ionization 
constants 
Ionization energy, 281 
lonizing radiation, 1041 
Jon-product constant of water 
(Ky), 618 
Iron, 919 
corrosion of, 4, 785 
ferromagnetic properties of, 804 
galvanized, 787 
metallurgy of, 805 
Iron chlorosis, 940 
Isobutane, 951 
Isoelectronic ions, 272 
Isolated system, 136 
Isolation method, 534 
Isomer(s): 
geometric, 927, 960 
optical, 928, 956 
of polymers, 986 
structural, 951 
Isomerism, see Isomer(s) 
Isoprene, 986 
Isopropyl! alcohol (rubbing 
alcohol), 967 
Isotactic polymers, 986 
Isotonic solution, 478 
Isotopes: 
applications of, 557 
defined, 41 
TUPAC, 272, 953, 1024 


Jarvik-7, 989 
Joule (J), 15 
Joule, James Prescott, 15 


Kekulé, August, 962 
Kelvin, Lord (William Thomson), 
177 

Kelvin temperature scale, 12, 177 
Ketones, 968 
Kilogram (kg), 12 
Kinetic energy, 137, 199 
Kinetic isotope effect, 852 
Kinetic molecular theory: 

of gases, 198 

liquids and solids in, 396 
Kinetics, see Chemical kinetics 
Krypton, 295, 900 


Labile complexes, 938 
Lanthanide series, see Rare earth 
elements 
Laser, 232, 426, 1032 
Lattice energy (U): 
of alkali metal halides, 311 
and Born—Haber cycle, 311 
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Lattice energy (cont.) 
defined, 158 
Lattice point, 408 
Laue, Max von, 417 
Laughing gas (nitrous oxide), 73, 
871 
Law(s): 
Avogadro's, 181 
Boyle’s, 174 
Charles’, 179 
of conservation of energy, 138 
of conservation of mass, 35 
Coulomb’s, 308, 1012 
Dalton’s, of partial pressures, 
192 
defined, 3 
of definite proportions, 59 
first law of thermodynamics, 
729 
Graham's, 203 
Henry’s, 468 
Hess’s, 149 
of mass action, 578 
of motion, 14 
of multiple proportions, 60 
of octaves, 264 
Raoult’s, 471 
rate, 532 
second law of thermodynamics, 
741 
Lead, 832 
tetraethyl, 975 
toxicity of, 833 
Lead chamber process, 564 
Lead dioxide (PbO,), 832 
Lead oxide (PbO; litharge), 832 
Lead storage batteries, 779 
Lead sulfide (PbS; galena), 832 
Lead-tin alloys, 832 
Le Chatelier, Henry L., 597 
Le Chatelier’s principle, 597 
acid ionization and, 669 
chemical equilibrium and, 597 
common ion effect and, 669, 
705 
emf and, 777 
solubility equilibria and, 705 
Leclanché cell, 778 
Length, SI base unit of, 12 
Leveling effect, 626 
Levorotatory isomers, 929 
Lewis, Gilbert N., 306 
Lewis acid-base theory, 635 
Lewis dot symbols, 306 
Lewis structures, 315 
formal charge and, 324 
octet rule and, 320 
of oxoacids, 628, 895 
and resonance concept, 327 
and VESPR model, 350 
Lewisite, 834 
Libby, Willard F., 547 
Ligands, 922, (table) 923 
Light: 
absorption of, and crystal field 
theory, 933 
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Light (cont.) 
electromagnetic theory of, 221 
particle-wave duality of, 224 
plane-polarized, 928 
speed of, 221 
Light water reactors, 1027 
Lime, 824 
Limestone, see Calcium carbonate 
Limiting reagents, 107 
Line spectra, 226 
Linear molecule, hybridization of, 
364, 374 
Liquefaction of gases, 434 
Liquid(s), 403 
molecular motion in, 397 
properties of, table, 397 
solutions of liquids in, 454 
solutions of solids in, 455 
surface tension in, 404 
viscosity of, 404 
Liquid—solid equilibrium, 435 
Liquid—vapor equilibrium, 427 
Liter (L), 13 
Litharge (lead oxide), 832 
Lithium, 288, 816 
Lithium carbonate (Li,CO3), 817 
Lithium deuteride (LiD), 1037 
Lithium fluoride (LiF), 307, 311 
Lithium hydride (LiH), 817 
Lithium hydroxide (LiOH), 817 
Lithium oxide (Li,O), 288, 817 
Litmus, 614 
Living systems, coordination 
compounds in, 941 
Lock-and-key theory, 565 
Logarithm, A10 
London forces, see Dispersion 
forces 
London, Fritz, 399 
Lone pairs, 315 
Lowry, Thomas M., 615 
Low-spin complexes, 935 
Lucite (Plexiglas; polymethyl 
methacrylate), 982 


Macromolecules, see Polymers 
Macroscopic properties, 11 
Magic number, 1013 
Magnesium, 289, 822 
cathodic protection with, 787 
combustion, 93 
Magnesium chloride (MgCl), 
824 
Magnesium hydroxide 
[Mg(OH),], 634, 823 
Magnesium nitride (Mg3N2), 823 
Magnesium oxide (MgO), 93, 
823 
Magnetic confinement, 1036 
Magnetic field: 
of electromagnetic waves, 221 
electron spin and, 248 
Magnetic quantum number (m)), 
240 
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Magnetism: 
of complex ions, 935 
diamagnetism, 248 
ferromagnetism, 804 
paramagnetism, 248 
of transition metals, 914 
Magnetite (Fe;O4), 919 
Main group elements, 267 
Manganese, 918 
Manganese dioxide (MnO>), 195, 
918 
Manganese nodules, 802 
Many-electron atoms, 238 
Marble, 824 
Markovnikov, Vladimir, 960 
Markovnikov’s rule, 960 
Marsden, Ernest, 38 
Marsh gas, see Methane 
Mass: 
atomic, see Atomic mass 
critical, 1026 
defect, 1015 
defined, 6 
electron, 36 
equivalent, 513 
molar, 44, 50, 187 
molecular, 50 
percentage composition by, see 
Percentage composition 
SI base unit of, 12 
of subatomic particles, 40 
subcritical, 1026 
Mass action, law of, 578 
Mass defect, 1015 
Mass—energy conversion, 1015 
Mass number (A), 41 
Mass spectrometer, 61 
Matter: 
classification of, 9 
conservation of, 35 
defined, 5 
Maxwell, James C., 198, 221 
Maxwell speed distribution, 200 
Mean free path, 203 
Mean square speed, 199 
Mechanical work, 732 
Melting, entropy and, 737 
Melting point, 435 
of alkali metal halides, 311 
defined, 435 
of diamond, 422 
pressure and, 440 
of quartz, 423 
Mendeleev, Dmitri I., 264 
Meniscus, 114 
Mercury, 838 
in almalgam, 804 
in barometers, 171 
mineral extraction with, 804 
toxicity of, 839 
Mercury batteries, 778 
Mercury chloride (Hg2Clo: 
calomel), 839 
Mercury oxide (HgO), 93, 138 
Mercury sulfide (HgS), 838 


Metabolism, 75, 150 
Metal(s), 9, 423 
alkali, see Alkali metal(s) 
alkaline earth, see Alkaline 
earth metal(s) 
bonding in, 423 
coinage, 295 
defined, 9 
displacement reactions, 96 
corrosion, see Corrosion 
in ionic compounds, 65 
occurrence of, 802 
preparation of, 804 
see also Metallurgy 
properties of, 9, 814 
purification of, 804 
Metal hydrides, 850 
Metal ion: 
electron configurations, 271 
hydrolysis of, 666 
radii, 276 
Metallic bonds, 423 
Metallic crystals, 423 
Metallic elements, 9, 801, 909 
see also Metal(s) 
Metalloids, 9 
Metallurgy, 804-11 
coordination compounds in, 
939 
defined, 804 
pyrometallurgy, 805 
see also Ores 
Metathesis reactions, 100 
Meter, 12 
Methane (CH), 951 
combustion of, 140, 142 
molecular geometry of, 354, 
367 
from natural gas, 951 
Methanol (CH;OH), 348, 861, 
966 
Methyl chloride, 955 
Methyl group (—CH; group), 
953 
Methyl propyl ether (neothyl), 
967 
Methylene chloride (CH>Cls), 
956 
Methylmercury compounds, 839 
Metric unit, 11 
Meyer, Lothar, 264 
Microscopic properties, 11 
Microwaves, 222 
Milk of magnesia, 634, 823 
Millikan, Robert A., 36 
Minerals (table), 802 
Miscible liquids, 454 
Mixture: 
defined, 6 
gas, law of partial pressures 
and, 192 
heterogeneous, 6 
homogeneous, 6 
racemic, 929 
Moderator, 1027 


Molal boilin; « elevation 
constan! 
Molal freezin int depression 
cor ant 
Molality (r 
Molar cones mm, 113 | 
Molar h | 
of fusio ple), 435 
sublin 
of vap 428, (table) 
430 
Molar ma 0, 187 
Molarity . 460 | 
Mole, 44 
Mole fra 193, 460 
Mole me 3 
Molecular vunds, 68 
Molecula , 423 
Molecula n, 98 
Moleculi 1, 48 
Molecui y. 344 
of coor compounds, 
92¢ | 
of cyci 957 
see al id orbitals; | 
Mo ritals; Valence- 
she \-pair repulsion 
moc 
Moleculi 50 
Molecula: is, 355 
Molecula ial theory, 376 
Molecul: ls, 377 
bondi: antibonding, 377 
configuratious of, 389 
deloca! see Delocalized 
molevutar orbitals 
energy level diagram of, 383 
three-center, 854 


Molecular rotation, 733 
Molecular shapes, see Molecular 
geometry 
Molecular speed, 200 
average, 201 
distribution of, 200 
mean square, 199 
Molecular vibration, 733 
Molecular weight, see Molecular 
mass 
Molecularity, 553 
Molecules, 8, 47, 48 
chemical formulas and, 41 
chiral, 928, 957 
defined, 47 
diatomic, 48 
linear, hybridization of, 364, 
374 
nonpolar, 357 
odd-electron, 330 
planar, 344 
polar, 357 
polyatomic, 48 
Monatomic gases, 169 
Monatomic ions, 309 
Mond, Ludwig, 809 
Mond process, 809 


Mor ands, 922 
Mc y (rable) 985 
Mono ids, 101, 647 
Mc iH,), 865 
Mos ry, 265 
Most peed, 200 
M } 316 
M a, 587 
Mult tions, law of, 60 
996 
n ictors, 814 
ni ; 
b oHg), 964 
Natta 36 

5, 991 

m, 473 


hloroprene), 987 


024 
Net ‘ H., 773 
N , 713 
Ne ion, 98 
t ‘ion seactions, 101 
Yor 13 
vin A., 264 


Newtor 


isaac, 14 
Newion’s second law of motion, 
Nickel, 920 
chemical analysis of, 939 
extraction of, 809 
Nickel sulfide (NiS), 920 
Nickel—cadmium battery, 780 
Nitrate ion, 662 
Nitric acid (HNO3), 872 
Oswald process in production 
of, 561 
as oxidizing agent, 502, 872 
as strong acid, 622 
structure of, 322 
Nitric oxide (NO), 871 
Nitride(s), 869 
Nitride ion, 869 
Nitrogen, 868 
bond dissociation energy, 334 
bonding in, 316, 384 
common compounds of 
a pounds of (table), 
electron configuration, 250 
clectronegativity of, 318 
Nitrogen cycle, 872 
Nitrogen dioxide (NO3), 576, 
600, 602, 874 
Nitrogen fixation, 871 
Nitrogen pentoxide (N,Os), 529 
Nitroglycerin, 499 
Nitrous oxide N2O (laughing 
gas), 73, 870 


Nobel, Alfred, 500 
Noble (rare) gases, 9, 269, 295, 
898 
Node, 378 
Nomenclature: 
of acids, 69 
of acids and their conjugate 
bases (table), 616 
of alkanes, 953 
of alkenes, 958 
of alkynes, 961 
of anions (table), 64, (table), 
65, 925 
of aromatic compounds, 963 
of bases, 72 
of cations (table), 65 
of common compounds (table), 
73 
of coordination compounds, 
924 
of inorganic compounds, 63 
of molecular compounds, 68 
oxidation number and, 498 
of oxoacids (table), 71 
of oxoanions (table), 71 
of simple acids (table), 70 
of transuranium elements, 1024 
Nonbonding electrons, 315 
Nonelectrolyte(s), 90, 92 
Nonelectrolyte solutions, 
colligative properties of, 469 
Nonideal gas behavior, 207 
Nonmetal, 9, 847-908 
Nonmetallic elements, 9, 847— 
908 
Nonmetallic oxides, 631 
Nonpolar molecule, 357 
Nonspontaneous reactions, 737 
Nonvolatile solutes, 470 
Normal boiling point, 431 
Normal freezing point, 435 
Normal melting point, 435 
Normality, 514 
Nuclear binding energy, 1015 
nuclear stability and, 1012 
per nucleon, 1016 
of uranium, 1025 
Nuclear chain reaction, 1026 
Nuclear chemistry, 1009-46 
Nuclear decay series, 1018 
Nuclear disintegration, 1018 
Nuclear energy: 
from breeder reactors, 1030 
from fission reactors, 1025 
from fusion reactors, 1034 
Nuclear fission: 
reactions, 1025 
reactors, 1027 
Nuclear fusion, 1034 
Nuclear reactions, 1010 
balancing, 1011 
and decay series, 1018 
fission, 1025 
fusion, 1034 
moderator of, 1027 
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Nuclear reactions (cont.) 

nature of, 1011 

by transmutation, 1010 
Nuclear reactors: 

breeder, 1030 

fission, 1025 

fusion, 1034 

thermal pollution and, 1029 
Nuclear stability, 1012 
Nuclear transmutation, 1010 
Nucleons, 1015 
Nucleotide, 1002 
Nucleus: 

defined, 39 

density of, 1012 

radius of, 1012 
Nylon (polyhexamethylene 

adipamide), 988 

Nylon rope trick, 989 


O,: 
preparation of, 879 
properties of, 879 
see also Oxygen 
O;, see Ozone 
Octane number, 974 
Octaves, law of, 264 
Octet rule, 320 
exceptions to, 329 
Odd-electron molecules, 330 
Oil: 
as fossil fuel, 972 
lubricating motor, 405 
in ore preparation, 804 
Oil, hydrogenated, 562 
Olefins, see Alkenes 
Oleum, 124 
Open system, 136 
Optical fibers, 426 
Optical isomers, 928, 956 
Orbitals, see Atomic orbitals; 
Hybrid orbitals; Molecular 
orbitals 
Ores: 
defined, 802 
preparation of, 804 
roasting of, 804 
Organic chemistry, 949-79 
Organic compounds, 63, 949 
Organic polymers, see Polymers 
Orthoboric acid (boric) acid, 636, 
855 
Orthoclase, 826 
Orthophosphoric acid, 878 
see also Phosphoric acid 
Osmium, 1012 
Osmosis, 477 
Osmotic pressure (77), 477 
Ostwald, Wilhelm, 561 
Oswald process, 561 
Otto cycle, 974 
Overlap: 
in hybridization of atomic 
orbitals, 363 
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Overlap (cont.) 
in molecular orbitals, 377 
in valence bond theory, 361 
Overvoltage, 790 
Oxidation numbers (oxidation 
state), 495 
assignment of, 495 
in balancing redox reactions, 
504 
of halogens, 889 
and inorganic nomenclature, 
498 
of metals in coordination 
compounds, 924 
of nonmetallic elements, 495 
of transition elements, 912 
Oxidation states, see Oxidation 
numbers 
Oxidation—reduction reactions 
(redox reactions): 
balancing, 504 
defined, 494 
oxidation numbers and, see 
Oxidation numbers 
quantitative aspects of, 510 
spontaneous, 768 
Oxides, 880 
acidic, 296, 631 
amphoteric, 297, 631 
basic, 296, 631 
Oxidizing agent, 494 
Oxoacid, 70, 628, 870, 878, 894 
Oxoanion, 70 
Oxyacetylene torch, 143 
Oxygen, 879 
alkali metal reactions with, 289 
allotropes of, 74 
in blood, 469, 679 
discovery of, 838 
electron affinity of, 286 
electron configuration of, 250 
electronegativity of, 318 
hemoglobin and, 605, 981, 999 
oxidation number of, 495 
paramagnetism, 376, 385 
and photosynthesis, 882, 1038 
Oxygen cycle, 882 
Oxygen-hydrogen fuel cell, 780 
Oxygen—propane fuel cell, 780 
Oxyhemoglobin, 605, 679, 981, 
999 
Ozone, 881 
allotrope of, 74 
depletion of, 567 
preparation of, 881 
properties of, 881 
resonance structure of, 327 


p Orbitals, 242 

P,, structure of, 423, 876 
see also Phosphorus 

p-type semiconductors, 814 

Packing efficiency, 411 

Palladium, 852 

Paramagnetism, 248 
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Partial pressure: 
Dalton’s law of, 192 
defined, 192 
Particle accelerators, 1023 
Particle theory of light, 224 
Particle—wave duality (dual nature 
property), 234 
Pascal (Pa), 15 
Pascal, Blaise, 15 
Passivation, 786 
Patina, 786 
Pauli, Wolfgang, 247 
Pauli exclusion principle, 247, 
380, 935 
Pauling, Linus, 318, 995, 1001 
Penetrating power, 249 
Pentane (C5H)2), 952 
Percent composition by weight, 
53 
Percent hydrolysis, 663 
Percent ionic character, 319 
Percent ionization, 622, 651 
Percent by mass, 458 
Percent by weight, 458 
Percent yield, 110 
Percentage composition by mass, 
53 
Perchloric acid (HCIO,), 71, 626, 
628 
Perfluorinated compounds, 896 
Perhalic acids, 894 
Periodic table, 9, 272 
atomic radii trends in, 274 
electronegativity trends in, 317 
families in, 9 
groups in, 9 
historical development of, 264 
ionization energy trends in, 
281 
modern, 268 
periods of, 9 
Permanganate ion, as oxidizing 
agent, S11 
Peroxide, 65, 880, 967 
Peroxyacetyl nitrate (PAN), 874 
Petroleum, 970 
Pewter, 832 
pH, 619 
of acid rain, 637 
of acid—base titrations, 681 
blood, 679 
of buffer solutions, 672 
common ion effect on, 669 
defined, 619 
solubility equilibria and, 708 
pH meter, 620, 776 
Phase changes, 427 
effects of pressure on, 440 
liquid—solid, 435 
liquid—vapor, 427 
solid—vapor, 436 
Phase diagrams, 439 
Phenolphthalein, 688 
Phenyl group, 954 
Phosphate(s), 879 
Phosphate buffer, 678 
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Phosphate rocks, 875 
Phosphine, 876 
Phosphoric acid (H;PO,), 878 
ionization constant of, 661 
structure of, 628 
Phosphorous acid (H;PO;), 878 
Phorphorus, 875 
allotropes of, 876 
in fertilizers, 125 
Phosphorus halides, 877 
Phosphorus(V) oxide (P4Ojo), 
877 
Phosphorus(III) oxide (PsO¢), 877 
Phosphorus pentachloride (PCls), 
348, 877 
Phosphorus trichloride (PCI), 
877 
Photochemical smog, 873 
Photoconductivity, 836 
Photoelectric effect, 224 
Photography, black-and-white, 
516 
Photons, 224 
Photosynthesis: 
carbon dioxide and, 859 
chlorophyll in, 943 
isotope applications to, 1038 
oxygen and, 882, 1038 
Physical equilibrium, 576 
Physical properties, 6 
Pi (77) bond, 374 
Pi (zr) molecular orbitals, 380 
Pig (cast) iron, 807 
pK,, 670 
Planck, Max, 218 
Planck constant (h), 223 
Plane-polarized light, 928 
Plants: 
in carbon cycle, 859 
coordination compounds and 
growth of, 940 
osmotic pressure in, 479 
see also Fertilizers; 
Photosynthesis 
Plasma, 1035 
Platinum: 
as catalyst, 915 
as electrocatalyst, 762, 781 
therapeutic uses of complexes 
of, 939 
Platinum hexafluoride, 900 
Plato, 34 
Plutonium-239, 1030 
pOH, 620 
Polar bonds, 317 
Polar covalent bonds, 317 
Polar molecules, 357 
Polarimeter, 930 
Polarizability, 398 
Polaroid film, 930 
Pollution, see Environmental 
pollution 
Polyatomic ions, 309 
Polyatomic molecules, 48 
Polychloroprene (neoprene), 987 
Poly-cis-isoprene, 987 


Polycyclic aromatic hydrocarbons, 


965 
Polydentate ligands, 922 
Polyester, 989 
Polyethylene, 983 
Polyisopropene, see Rubber 
Polymer(s), 982-1004 
defined, 982 
table, 985 
Polymerization: 
by polyaddition, 983 
by polycondensation, 988 
Polypeptide, 994 
Polypropylenes, 984 
Polyprotic acids, 658 
Polytetrafluoroethylene (Teflon), 
896, 984 
Polyurethane, 989 
Poly(vinyl chloride), 984 
Porphine, 941 
Porphyrins, 941 
Positive deviation, 472 
Positron, 1010 
Potassium, 288, 815 
Potassium chlorate (KCIO;), 194 
Potassium dichromate (KjCr.0,), 
508, 511, 786 
Potassium hydroxide (KOH), 820 
Potassium nitrate (KNO3), 821 
Potassium permanganate 
(KMn0O,), 511, 919 
Potassium superoxide (KO), 819 
Potassium-40, 1022 
Potential, see Standard reduction 
potential 
Potential energy, 137 
Potentiometer, 769 
Precipitate, 100 
Precipitation, 100 
ion separation by fractional, 
704 
Precision, 22 
Prefixes: 
nomenclature (fable), 68 
SI unit (table), 13 
Pressure: 
atmospheric, see Atmospheric 
pressure 
chemical equilibrium and 
changes in, 600 
critical, 432 
defined, 14 
gas, 170 
osmotic, 477 
partial, 192 
phase changes and, 440 
vapor, see Vapor pressure 
Pressure cookers, 441 
Pressure—volume relationship of 
gas, 173 
Priestley, Joseph, 838 
Primary structure, 997 
Primary valence, 931 
see also Oxidation numbers 
Principal quantum number (n), 
227, 240 


Probability, in electron 
distribution, 238 

see also Atomic orbitals 

Problem solving, dimensional 
analysis in, 22, 103 

Product, 84 
Propane, 953 
Propane—oxygen fuel cell, 780 
Properties: 

chemical, 7 

extensive, 7 

intensive, 7 

macroscopic, 11 

microscopic, 11 

physical, 6 
Propylene, 984 f 
Propyne (methylacetylene), 962 
Prosthetic group, 991 
Protein, 991 
Protein—iron complexes, 941 
Protium, 41 
Proton(s), 39, 617 
Proust, Joseph L., 59 
Pyrex glass, 425, 855 
Pyrite, 883 
Pyrometallurgy, 805 


Quadratic equation, All 
Qualitative analysis, 117, 716 
Quanta, 218 
Quantitative analysis: 
defined, 117 
gravimetric, 118 
of redox reactions, 511 
see also Acid—base titrations: 
Quantum, 223 
Quantum mechanics, 236 
Quantum numbers, 239 
angular momentum, 239 
electron spin, 240 
magnetic, 240 
principal, 227, 240 
Quantum theory, 218 
Quartz: 
crystalline, 422 
melting point of, 423 
structure of, 422 
Quaternary structure, 998 
Quicklime (calcium oxide, 
CaCOs), 722, 746, 824 


Racemic mixture, 929 
Rad, 1040 
Radiant energy, 136 
see also Light 
Radiation, 219 
beryllium absorption of, 
climate and, 862 
defined, 37 
electromagnetic, 221 
ionizing, 1041 f 
lead as peueeetioa from, 832 
solar, see Solar radiation 
Radiation dose, 1040 
Radicals, 955, 1041 


Radioactive decay series, 1018 


Radioactive isotopes, 1013 
Radioactive waste disposal, 1030 
Radioactivity: 


artificial, 1022 

biological effects of, 1040 

defined 34 

O18 
ability and, 1012 

and tobacco, 1042 
Radiocarbon dating, 546, 1020 
Radiotracers, 1039 
Radium, (040 
Radius 

atomic, ' 

ionic, 2 

van ¢ Vaals, 400 
Radon, 295, 1042 
Randomness, entropy and, 739 
Raoult, Francois M., 471 
Raoult’s law, 471 
Rare earth elements, 255, 269 
Rare gases, see Noble gases 
Rate constant, 528 
Rate law, 53 

see alyo Reaction order 
Rate order, 

determination of, 534 

first-order reactions, 536 

second-order reactions, 543 
Rate of reaction, 524 

between bromine and formic 

acid, 
dependence of, on activation 


energy and temperature, 549 
in dinitrogen pentoxide 
decomposition, 529 
and stoichiometry, 531 
see also Rate law; Rate order 
Rate-determining step, 554 
Rays: 
alpha, 38 
beta, 38 
gamma, 38 
RBE (relative biological 
effectiveness), 1040 
Reactants, 84 


Reaction, see Chemical reactions; 


Nuclear reactions: 
Thermonuclear reactions 
Reaction mechanisms, 553 


and molecularity of reaction, 
553 
Reaction order: 
defined, 532 
first-order, 536 
Second-order, 543 
zero, 545 


Reaction i 
quotient (Q), 592, 
751, 173 Q) 698, 


Reaction rate, 524 
aia) see Nuclear reactors 
eagents, limiting, 107 


Red blood cells 
S (erythroc 
478, 679 tythrocytes), 


Red Cabbage, 688 


Red phosphorus, 876 
Redox reactions, see Oxidation— 
reduction reactions 
Redox titration, 511 
Reducing agent, 494 
Reduction: 
defined, 494 
electrolytic, 805 
of metals, 804 
Reduction potential, see Standard 
reduction potential 
Refining of metals, 809 
Reinforced waves, 377 
Relative biological effectiveness 
(RBE), 1040 
Relativity, theory of, 1015, 1023 
Rem, 1040 
Representative (main group) 
elements, 267 
Residue, 994 
Resonance, 328 
Resonance form, 328 
Resonance structure, 328 
Reverse osmosis, 485 
Reversible reaction, 91 
Rhodium, 563 
Ribonucleic acid (RNA), 1002 
Roasting of ores, 502 
Rocks: 
age determination of, 1020 
phosphate, 875 
R6ntgen, Wilhelm K., 37 
Rotation: 
about bonds, 960, 995 
molecular, 733 
of plane-polarized light, 928 
Rotational motion, 733 
Rubber (polyisopropene) 986, 990 
natural, 986 
synthetic, 987 
thermodynamics of, 990 
vulcanization, 987 
Rubbing (isopropyl) alcohol, 967 
Ruby laser, 232 
Rust, 4, 785 
Ruthenium, 853 
Rutherford, Ernest, 38, 1022 
Rydberg Johannes, 227 
Rydberg constant (Rj), 227 


s Orbitals, 241 
Ss, structure of, 422 
Salt(s): 
defined, 102 
hydrolysis of, 662 
see also Solubility; Solubility 
product 
Salt bridge, 761 
Salt solutions, acid—base 
properties of, 662 
Saltpeter (KNO3), 868 
Saponification, 970 
Saturated hydrocarbons, 950 
see also Alkanes 
Saturated solutions, 465 
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SBR (styrene—butadiene rubber), 
988 
Scandium, 915 
Scattering experiment, 38 
Schrédinger, Erwin, 237 
Schrédinger equation, 237 
Scientific method, 3, 26 
Scientific notation, 17 
Scuba diving, 197, 470 
Seawater: 
composition of (table), 484 
desalination of, 484 
Second law of motion, 14 
Second law of thermodynamics, 
741 
Secondary structure, 997 
Secondary valence, 931 
Second-order reactions, 543 
Second-period elements, 
homonuclear diatomic 
molecules of, 382 
Seed crystals, 466 
Semiconductors, 813 
Semipermeable membrane, 477 
SHE (standard hydrogen 
electrode), 762 
Shell, 240 
Shielding effect, 248, 274 
SI units (International System of 
Units), 12-15 
Sickle cell anemia, 1000 
Sigma (a) bonds, 373 
Sigma (a) molecular orbital, 378 
Significant figures, 19, A10 
Silanes, 865 
Silica, 864 
Silica glass, see Quartz 
Silicates, 867 
Silicon, 864 
doping of, 813 
preparation of, 864 
purification of, 865 
Silicon carbide (SiC; 
carborundum), 857 
Silicon dioxide (SiO,), 866 
Silicon tetrachloride (SiCl,), 866 
Silver: 
corrosion of, 786 
extraction of, 858 
ionization energy of, 295 
Silver bromide (AgBr), 516 
Silver chloride (AgCl), 118 
fractional precipitation of, 704 
solubility and, 696 
Silver iodide (Agl), 898 
Simple cubic cell (scc), 410 
Simple protein, 991 
Simplest formula, 49 
Single bonds, 315 
Sinkholes, 721 
Slag, 808 
Slaked lime [calcium hydroxide, 
Ca(OH)2], 722 
Slow (thermal) neutrons, 1025 
Smog, 873 
Snowmaking, 736 
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Soda ash (sodium carbonate, 
Na,CO,), 721, 820 
Soda lime glass, 425 
Sodium, 288, 817 
bonding in, 811 
metallurgy of, 818 
reaction with water, 96 
Sodium acetate (CH,COONa), 
662 
Sodium acetate—acetic acid 
system, 669, 672 
Sodium bicarbonate (NaHCO;), 
73 
Sodium carbonate (Na,CO,; soda 
ash), 721, 820 
Sodium chloride (NaCl), 313 
electrolysis of aqueous, 790 
electrolysis of molten, 788 
melting ice with, 475 
structure of, 52 
Sodium hydroxide (NaOH; 
caustic soda), 820 
in saponification, 970 
in titrations, 120, 681 
Sodium tripolyphosphate, 940 
Soft water, 459 
Solar energy, 144 
Solar radiation: 
as energy source, 144 
in hydrogen preparation, 853 
oxygen balance and, 882 
ozone protecting from, 567 
Solder, 832 
Solids: 
characteristic properties of 
(table), 397, 420 
molecular motion in (table), 
733 
solutions of, in liquids, 455 
temperature and solubility of, 
465 
see also Crystal(s) 
Solid—vapor equilibrium, 436 
Solubility: 
of alkaline earth metal 
hydroxides (table), 823 
common ion effect and, 705 
defined, 455, 699 
gas, 467, 468 
rules of, 456 
and temperature, 465 
Solubility equilibria: 
common ion effect and, 705 
complex ions and, 712 
in fractional precipitation, 704 
pH and, 708 
in Solvay process, 721 
Solubility product, 696 
molar solubility and (table), 
702 
qualitative analysis of, 716 
of salts, 696 
Solutes: 
defined, 90 
nonvolatile, 470 
volatile, 472 
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Solution(s): 
concentration units, 458 
defined, 90 
dilution of, 116 
electrolyte, colligative 
properties of, 481 
heat of, 158 
ideal, 472 
isotonic, hypertonic, and 
hypotonic, 478 
molar, 113 
nonelectrolyte, colligative 
properties of, 469 
saturated, 465 
standard, 120 
supersaturated, 465 
types of, 452 
unsaturated, 465 
Sotution process, 452 
Solution stoichiometry, 118, 120, 
Sil 
Solvation, 158, 455 
Solvay, Ernest, 721 
Solvay process, 721 
Solvent, 90 
Somatic effects of radiation, 1042 
Sorensen, Soren P., 619 
Space-filling model, 355 
sp Hybridization, 364, 374 
sp” Hybridization, 365 
sp® Hybridization, 367 
sp°d Hybridization, 372 
sp’? Hybridization, 372 
Specific heat (p), 145 
Spectator ions, 98 
Spectrochemical series, 935 
Spectrum: 
absorption, 934 
emission, 225 
visible, see Visible spectrum 
Speed: 
of electromagnetic waves, 221 
of light, 221 
Maxwell speed distribution, 
200 
molecular, 200 
Sphalerite (zincblende), 420, 835 
Spin, see Electron spin 
Spontaneous processes, 737 
Stability: 
belt of, 1013 
nuclear, 1012 
Stability constant (Ky; formation 
constant), 713 
Stable nucleus, 1013 
Stainless steel, 808 
Stalactites, 719 
Stalagmites, 719 
Standard atmospheric pressure, 
171 
Standard cell potential, 763 
Standard electrode potential, 763 
see also Standard reduction 
potential 
Standard emf, 763 
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Standard enthalpy of formation 
(AHf), 154 
Standard enthalpy of reaction, 
154 
Standard entropies, 739 
Standard hydrogen electrode 
(SHE), 763 
Standard oxidation potential, 763 
Standard reduction potential, 763 
of transition elements, 911 
Standard solution, 120 
Standard state, 154, 744 
Standard temperature and 
pressure, (STP), 182 
State: 
excited, 227 
ground, 227, 254 
oxidation, see Oxidation 
numbers 
standard, 154, 744 
thermodynamic, 728 
State functions, 728 
Staudinger, Hermann, 982 
Steel, 807 
Stereo catalysts, 986 
Stereochemistry, 927, 960 
Stereoisomers, 927, 960 
Stereoisomerism, 927, 957, 960 
see also Optical isomers 
Stern, Otto, 240 
Stern—Gerlach experiment, 240 
Stock, Alfred, 66 
Stock solution, 116 
Stock system, 66, 498 
Stoichiometric amounts, 107 
Stoichiometry, 84 
actual, theoretical, and 
percentage yields in, 110 
defined, 102 
and gas reactions, 189 
rate of reaction and, 531 
Stone leprosy, 638 
STP (standard temperature and 
pressure), 182 
Straight-chain alkanes, 952 
Stratosphere, 567 
Strength: 
of acids and bases, 622 
molecular structure and acid, 
626 
Strong acids, 622, 626 
Strong bases, 623 
Strong-field ligands, 935 
Strontium, 96, 825 
Strontium salts, 825 
Strontium-90, 96, 825 
Structural formula, 951 
Structural isomers, 951 
Structure, acid strength and, 626 
Styrene—butadiene rubber (SBR), 
988 
Subatomic particles, 35, 40 
Subcritical mass, 1026 
Sublimation, 436 
Subshell, 240 


Substance, 6 
Substituted alkanes, optical 
isomerism of, 956 
Substitution reactions, 964 
Substrates, 565 
Subunits, 998 
Sulfide solubility equilibria, 968 
Sulfur, 883 
allotropes of, 884 
combustion of, 93 
electronegativity of, 318 
extracted by Frasch process, 
883 
in vulcanization process, 987 
Sulfur dioxide (SO), 886 
in acid rain, 637 
Lewis structure of, 350 
as pollutant, 873 
Sulfur hexafluoride (SF,), 331, 
348, 433, 888 
Sulfur tetrafluoride (SF,), 351 
Sulfur trioxide (SO3), 124, 886 
Sulfuric acid (H»SO,4), 124, 886 
in batteries, 779 
as dehydrating agent, 124 
as diprotic acid, 658 
heat of dilution, 160 
industrial uses of, 125 
as oxidizing agent, 886 
production of, 124 
as strong acid, 622 
Sulfurous acid, 658 
Sun: 
emission spectrum of, 222 
nuclear fusion in, 1035 
see also Solar radiation 
Superconductivity, 900 
Supercooling, 436 
Superoxide ion, 880 
Supersaturated solution, 465 
Surface tension, 404 
Surroundings, 136 
Syndiotactic polymers, 986 
Syngas, 861 
Synthetic rubbers (elastomers), 
987 
System: 
closed, 136 
defined, 136 
isolated, 136 
open, 136 
state of, 728 


Technetium-99, 1039 
Teflon (polytetrafluoroethylene), 
896, 984 
Temperature: 
chemical equilibria and 
changes, 602 
chemical reactions and, 549 
critical, 432 
and rate of reaction, 549 
solubility and, 465, 466 
and water vapor pressure 
(table), 195 


Temperature scales: 


Celsius, 12, 16 
Farenheit, 16 
Kelvin, 12, 177 


Temporary dipole, 398 
Termolecular reactions, 553 


Ternary avids, 627 

Tertiary swructure, 998 

Tetracarbonylnickel [Ni(CO4),], 
809 } 

Tetraethy! cad [(C2Hs)4Pb], 975 

Tetrahedron, 345 

Theoretics! yield, 110 


Theory, 
Therapeutic chelating agents, 833 


Thermal energy, 136, 733 
Thermal (slow) neutrons, 1025 
Therma! pollution, 467, 1029 _ 
Thermite reaction, 501 
Thermociemical equation, 140 
Thermochemistry, 138 : 


Thermodynamics, 727-50 
defined, 728 
first law of, 729 
second law of, 741 


Thermon clear bomb, 1037 
Thermoruclear reactions, 1035 
Thiaceta ide, 885 

Thiosulfete ions, 1038 
Thomso=. George P., 235 


Thomson, Joseph J., 36, 38 — 
Thorium-.34, 1030 ’ 
Three Mile Island nuclear reactor, 


1030 

Three-center molecular orbitals, 
854 

Thyroxine, 898 


Tin, 786, 831 
Tincture of iodine, 898 
Titanium, 915 
Titanium(IJ) chloride (TiCls), 
934, 986 
Titanium (IV) chloride (TiCl,), i 
916 
Titanium(IV) oxide (TiO2), 916 
Titration: 
acid—base, 120, 680 
redox, S11 
Titration curve, 681 
TNT (trinitrotoluene), 499 
Tobacco radioactivity, 1042 
Tokamak, 1036 
Tooth decay, 710, 794 
Torr, 171 
Torricelli, Evangelista, 171 
Toxicity: 
of barium, 826 
of beryllium, 822 
of cadmium, 837 
of carbon monoxide, 858 
of carbon tetrachloride, 956 
of chloroform, 956 
of cyanide, 857 
of deuterium oxide, 852 
of gases, 169 


To cont.) 
n sulfide, 886 
833 
ury, 839 
hanol, 966 
rogen dioxide, 874 
e, 881 
wiium-239, 1030 
874 
i ntium-90, 96, 825 
dioxide, 637, 886 
bonylnickel, 975 
phosphorus, 876 


dro: 


. see Cis-trans 
Trai velal(s), 66, 253, 269, 


© numbers of, 912 
f, 910 
I (on metal ions, electron 
‘ration of, 911 
Ira ictal oxides, 633 

Tr motion, 729 
Trans ion, nuclear, 1010 
Transpiration, 479 
! ‘um elements (table), 


Trieri minum [Al(CjHs)3], 
Trigon pyramid, 345 
Trinitotsluene (TNT), 499 

Triple bonds, 316, 374 

Tripic point, 446 
Tripolyphosphate, 940 

Tripositive ion, 277 

Tritium, 41, 1035 

UF, (uranium hexafluoride), 206 


Unimolecular reaction, 553 
Unipositive ion, 277 
Unit, SI, 12 
Unit cells, 409 
Unit factor, 23,:44, 45 
Unsaturated hydrocarbons, 958 
see also Alkenes 
Unsaturated solutions, 465 
Unshared electron pairs, 315 
Uranium: 
fission product of, 1025 
lsotopes of, 41, 206, 1021, 
1025, 1030 
ranium decay series, 1018 
Uranium hexafluoride (UFs), 
206 
Uranium oxide, 1027 
Uranium-233, 1030 


Uranium-235, 41, 206, 1025 
Uranium-238: 
dating with, 1021 
decay of, 1018 
Urea: 
in fertilizer, 126 
ionization constant of, 656 
preparation of, 949 


Valence, 306 
Valence band, 812 
Valence bond theory, 361 
Valence electrons, 270 
Valence shell, 346 
Valence shell expansion, 372 
Valence-shell electron-pair 
repulsion (VSEPR) model, 
350 
and interhalogen compounds, 
895 
and molecules in which central 
atom has no lone pairs, 346 
and molecules in which central 
atom has one or more lone 
pairs, 349 
Valine, 1000 
Vanadium, 917 
Vanadium oxide (V,05), 124, 
917 
Van der Waals, Johannes D., 208 
Van der Waals equation, 209 
Van der Waals forces, 400 
Van der Waals radii, 400 
van't Hoff, Jacobus H., 483 
van’t Hoff factor, 483 
Vapor, 169 
Vapor pressure, 428 
Vapor-pressure lowering, 470 
Vaporization (evaporation), 427 
entropy and, 740 
molar heat of, 428, (able) 430 
Velocity: 
defined, 13 
escape, 202 
Vibrational motion, 733 
Viscosity, 404 
Visible spectrum, 222, 933 
Vitamin C, 647 
Volatile solutes, 472 
Volcanoes, 887 
Volt, 762, 769 
Voltage, 762 
see also Electromotive force 
Voltaic (galvanic) cell, 761 
Voltmeter, 762 
Volume: 
chemical equilibria and changes 
in, 600 
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Volume (cont.) 
constant, 146, 735 
measurement of, 11 
Volume—temperature relation of 
gases, 179 
Volumetric flask, 11, 114 
VSEPR, see Valence-shell 
electron-pair repulsion model 
Vulcanization, 987 


Waage, Peter, 578 


Waste disposal, radioactive waste, 


1030 
Water: 
acid—base properties of, 617 
autoionization of, 617 
boiling point of, 440 
density of, 407 
electrolysis of, 95, 788 
fluoridation of, 710, 890 
hard, 459 
hydrogen bonds in, 406 
ion product of, 618 
leveling effect on, 626 
as moderator, 1027 
phase diagram of, 440 
soft, 459 
specific heat of, 145, 406 
structure of, 350, 406 
sulfuric acid affinity for, 124, 
160 
surface tension of, 404 
vapor pressure of, 195 
Water gas, 849 
Water pollution, see 
Environmental pollution 
Water vapor, pressure of (table), 
195 
Watson, James D., 1002 
Wave function, 237 
Wave mechanics, 238 
see also Quantum mechanics 
Wavelength, 219 
color and, 222, 933 
radiation and, 219 
Wave-particle duality, 234 
Waves: 
electromagnetic, 219 
energy in forms of, see 
Radiation 
interference, 377 
properties of, 219 
Weak acids: 
defined, 622 
ionization constants of, 647, 
661 
strong base reactions with, 
630, 683 
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Weak acids (cont.) 
weak base reactions with, 631 
Weak bases: 
ionization constants of, 656 
strong acid reactions with, 631, 
685 
weak acid reactions with, 631 
Weak-field ligands, 935 
Weight: 
atomic, see Atomic mass 
defined, 6 
molecular, see Molecular mass 
percentage, composition by, 
see Percentage composition 
Werner, Alfred, 931 
White lead, 832 
White phosphorus, 876 
Wohler, F., 949 
Wood alcohol, see Methanol 
Work: 
defined, 730 
electrical, 769 
free energy and, 769 
in thermodynamics, 730 


X rays, 37 
diffraction of, 417 
lead protection from, 832 
periodic table and, 265 
Xenon, 900 
Xenon tetrafluoride (XeF,), 352 
Xerography, 836 


Yields: 
actual, 110 
percent, 110 
theoretical, 110 


Zero electron density (node), 378 
Zero-order reactions, 545 
Ziegler, Karl, 986 
Zinc, 835 

in batteries, 778 

cathodic protection with, 787 
Zinc oxide (ZnO), 836, 987 
Zine sulfide (ZnS), 836 
Zincblende (sphalerite), 420, 835 
Zircon (ZrSiO,), 864 
Zone refining, 810, 865 
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